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PREFACE 


This textbook is the outgrowth of several years^ experience in 
the teaching of college students in their second year of chemistry. 
The subject matter has been used in outline form and in mimeo¬ 
graphed editions in two institutions, one a small college, the other 
a large university. In the former it has been accompanied by 
laboratory work in qualitative analysis; in the latter it has been 
used in connection with a laboratory course in quantitaiive analysis. 
In both connections the results have been gratifying. Apparently 
the students have appreciated the unusually full discussion of the 
fundamental principles of chemistry. Not only have they been 
prepared more adequately for the later specialized courses, but 
also their interest in the science has been stimulated to a marked 
degree. 

It seems no longer possible for a student to acquire in his first- 
year course a really comprehensive knowledge of the fundamentals 
of chemistry. ‘^General Chemistryhas grown to be too big a 
subject. During the past decade the number of topics to be studied 
has greatly increased. Many topics from the field of physi¬ 
cal chemistry, formerly considered distinctly “advanced,have 
crowded in, and numerous new developments have been added. 
Theory content as well as fact content has grown. An inevitable 
consequence of this expansion has been greater superficiality. It 
is only the unusually gifted student who can acquire from his 
beginning course a true perspective of chemistry as a science. The 
recognition of this situation defines the task to which the authors 
of this book have applied themselves — to outline a course of 
study which will amplify the too thinly disseminated knowledge 
of important generalizations already possessed by the student, and 
to bring into a unified whole the basic principles of chemistry and 
their interrelationships. In doing this they have sought to stress 
the inductive method of reasoning, putting fact before theory. 
Also, they have tried to avoid teaching “erroneous doctrine, 
ideas no longer considered tenable in the light of modem develop¬ 
ments in chemistry and which the student would be compelled to 
discard later in his chemical career, and to lay instead a sound 
foundation, upon which the superstructure of the specialized 
branches of chemistry may be safely reared. 
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The book deals in turn with the discovery and classification of 
the elements, the laws of chemical combination and their explana¬ 
tion on the basis of Dalton’s atomic theory, and the laws of gaseous 
behavior and their explanation by the kinetic theory; solutions 
and the effects of solutes on the properties of a solvent, and osmotic 
pressure; fundamental chemical theory and its logical develop¬ 
ment; velocity of reactions, equilibrium, and the application of 
the principle of Le Chatelier; the ionization theory, its historical 
background and its application to explain solution effects, electro¬ 
lytic phenomena, and reactions in solution ; radiations and radio¬ 
activity and their bearing upon the study of the atom; the theory 
of atomic structure and its application to explain the properties 
and reactions of atoms and the make-up of molecules. 

The chapter on ^^Fundamental Chemical Theory” was written 
to meet a recurrent difficulty of students. The bringing together 
of this material into one scheme of logical development serves to 
emphasize the important fact that such things as valence, atomic 
weights, formulas, and equations are logical derivations from the 
two main premises, the atomic theory and the kinetic theory of 
gases. The ionization theory of Arrhenius has been presented 
rather fully but mainly from the historical point of view. Its 
shortcomings have been pointed out, and ionic phenomena have 
been treated in accordance with modem theory. The modern 
theory of solutions has been discussed in an elementary way in a 
separate chapter, which, it is hoped, may serve to satisfy the 
student of more keenly inquiring mind. An entire chapter has 
been devoted to the representation of reactions in solution by ionic 
equations. It seems highly desirable that the student should be 
provided with a systematic r6sum6 of this material and that he 
receive sufficient groundwork and drill to enable him to use 
habitually this method of representing reactions. The chapters on 
electrochemistry and electrolytic phenomena have been included 
because of the supreme importance of the electrochemical point of 
view throughout all science. The concept of the electrical nature 
of matter is now held almost universally. The inclusion of a 
discussion of the various kinds of radiations — light, cathode rays, 
positive rays, X rays, and the radioactive rays — seems quite 
essential to enable the student to trace back to its logical beginning 
the recent marvelous developments in the study of atomic architec¬ 
ture and atomic behavior. A chapter on atomic transmutation 
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has been included, based largely upon developments of the last 
two or three years. 

Problems and exercises have been appended to most of the 
chapters, and the regular assignment of these is recommended in 
order to drive home the points covered in the text. Attention 
might be called also to the summary at the end of each chapter. 
References are given throughout the book, some as footnotes to 
indicate sources of data and to call attention to original papers on 
the topics mentioned, and some at the end of the chapters for more 
extensive reading. It is strongly recommended that the student 
be given an opportunity to read the original publications dealing 
with especially important developments, such as the papers of 
van^t Hoff and Arrhenius on solutions, of Becquerel on the dis¬ 
covery of radioactivity, of Mme. Curie on the discovery of radium 
and polonium, of Rutherford on the identity of the alpha particle, 
and of Moseley on X-ray spectra and atomic numbers. The 
majority of these great contributions to chemistry, dealing with 
outstanding developments, are brief, simply written, and easily 
read. 

The authors take pleasure in acknowledging aid received from 
those consulted with regard to subject matter and treatment. 
Particularly are their thanks due to Professors R. A. Beebe, of 
Amherst College, M. Dole, of Northwestern University, C. H. 
Greene, of Harvard University, and T. F. Young, of the University 
of Chicago, all of whom read most of the manuscript and have 
aided greatly by their criticisms and suggestions; also, to Professors 
W. D. Plarkins, of the University of Chicago, who was consulted on 
the chapters on nuclear structure and transmutation and who 
furnished photographs of atomic transmutation, and R. A, Fisher, 
of Northwestern University, who read and criticized the chapter on 
the extranuclear structure of the atom. They also wish to express 
their indebtedness to El^onore H. Gucker, for assistance in com¬ 
piling biographical notes and in preparing the index; to Mr. Wm. 
E. Cadbury, Jr., of Haverford College, for various constructive 
criticisms; to Mr. Alfred H. Joy, of the Mt. Wilson Observatory, 
for the photograph of the Doppler effect; to the New Jersey 
Zinc Company for the spectograms illustrating the quantitative 
determination of lead in a die-casting alloy; to Professor K. T. 
Bainbridge, of Harvard University, for photographs of mass 
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spectra and the mass spectrograph; to Dr. S. B. Hendricks, of the 
Department of Agriculture, for the photographs of the Laue spots 
of crystals; to the Mack Printing Co. and to Blackie and Son 
for permission to use cuts; to the Yale University Press for per¬ 
mission to quote from Arrhenius’ Theories of Solutions; to Dr. A. 
A. Ashdown, Editor of The Nitcleus, for permission to reproduce a 
tabular comparison of physical and chemical atomic weights; to 
the United States Coast and Geodetic Survey for permission to re¬ 
produce a table of logarithms; to Mr. Charles Guettel, who com¬ 
piled the data and drew the curves showing the periodicity of many 
properties of the elements; and to Mr. Paul Kleppisch, who drew 
most of the original sketches for the line drawings. They wish to 
acknowledge also their indebtedness to the F.E.R.A. for assistance 
in the preparation of the manuscript. 

The authors gratefully acknowledge their appreciation for the 
gracious assent of Mrs. Richards to the dedication and for the 
photograph of Professor Richards which appears as frontispiece. 

W. Buell Meldrijm 

Havcrford College 
Havcrford, Pa. 

Frank T. Gitcker, Jr. 

Northwestern University 
Evanston, Ill. 
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CHAPTER 1 


THE ELEMENTS AND THEIR CLASSIFICATION 

The Chemical Elements 

One of the most striking characteristics of the universe about us 
is the apparently unlimited variety of the objects we distinguish. 
The inorganic world of rock, sea, and sky and the realm of living 
plants and animals exhibit what seems to be an inexhaustible array 
of different forms. Diversity, not simplicity, might seem to be the 
rule of nature; yet from very 
early times men have felt that 
there existed some underlying 
order and guiding principle and 
that the many different objects 
of nature were made up of com¬ 
binations of simpler things, of 
elements. Some of the Greek 
philosophers, following Emped¬ 
ocles, considered that all things 
were made up of four elements, 
earth, air, fire, and water. Aris- 
totle adopted these elements and 
added the idea of essence as dis¬ 
tinguished from matter. His fol¬ 
lowers came to consider this 
as a fifth element, quintessence. 

These Aristotelian elements were 
used by the Greeks in the sense 
of attributes or characteristics 
of matter rather than in the 
sense of substance, as we use the term today. 

This theory of the elements survived through the Middle Ages, 
so that we find Robert Boyle, in 1661, criticizing this conception of 
matter in his Sceptical Chymist. The medieval alchemists devel¬ 
oped the idea of the three principles — philosophical mercury, 
sulfur, and salt. These philosophical principles also represented 
attributes of a substance rather than its material composition. 

1 



Fig. 1. The Elements of the Greek 
Philosophers. An Early Alchemical 
Representation of Transmutability. 
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Thus the ‘'mercury'^ of a metal represented its malleability, 
luster, and similar characteristics which we now term metallic. 
When iron rusted, the alchemist said that its mercury had vola¬ 
tilized. One of the tenets of these times was that the human body 
contained the same three principles, sulfur, salt, and mercury. 
When these were suitably balanced, the body was in health; when 
the proportions were not quite right, the body was diseased. Cure, 
consequently, depended only upon the adjustment of the propor¬ 
tions of the three elements. Like the human body, metals might 
also be diseased’’ and could be cured by a readjustment of the 
proportions of sulfur, salt, and mercury — an idea tied up with the 
belief that base metals might be transmuted into gold. 

Our own modern conception of an element as a simple substance 
which cannot be decomposed into simpler constituents was clearly 
presented for the first time by Robert Boyle. In the days of 
Boyle, methods of chemical investigation were crude and, at best, 
qualitative and quite unequal to the task of deciding what sub¬ 
stances actually were elements according to his definition. More 
than a century elapsed before Lavoisier, using an improved balance, 
proceeded to apply Boyle’s criterion and introduced a clear dis¬ 
tinction between element and compound. With this idea clearly 
set forth, one of the chief tasks of the chemist during the last 
century and a half has been to find existent elements, to determine 
how many there are, and to study the nature and properties of 
each one. Thus he has gained a better insight into the way in 
which the innumerable compound substances may be built up 
from these fundamental units. The complete success with which 
he has solved this problem is one of the proudest achievements of 
science. 

We now believe, as a result of careful experimentation, that all 
matter is made up not of four but of ninety-two elements,^ the 
lightest of which is hydrogen, with an atomic weight of 1, and the 
heaviest uranium, with an atomic weight of 238. Nine of these 
have been known to man since before the dawn of recorded history. 
The ancients were familiar with, and used, seven metals which we 
recognize as elements — gold, silver, copper, iron, tin, lead, and 


1 Concise information on the discovery and properties of the elements is to be 
found in the 20th edition of the Handbook of Chemistry and Physics, Chemical 
Rubber Publishing Co., 1935, pp. 286-310. The Discovery of the Elements, by Mary 
E. Weeks, presents additional interesting information. It contains many excellent 
illustrations of the discoverers and the apparatus they used. 




Plate I. DMITRI IVANOVITCH MENDELfiEFF 

{For biographical note see page 7.) 
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mercury. They had, however, no completely satisfactory tests 
for the purity of these different substances, and they made no clear 
distinction between these elements and their alloys. Thus they 
used the word electrum to describe an alloy of gold and silver which 
they long considered a separate metal. Later they found that an 
‘^artificiar^ electrum could be made by melting together gold and 
silver. The only nonmetallic elements with which they were 
familiar were sulfur and carbon. 

In the centuries that elapsed before 1750 only five more elements 
were added to the list — phosphorus, arsenic, antimony, bismuth, 
and zinc. This is a sad commentary on the progress of scientific 
work during the dark ages of alchemy and in vivid contrast to the 
renewed awakening in scientific thought during the last half of 
the eighteenth century. During these fifty years the brilliant 
work of such men as Scheele, Priestley, and Cavendish contrib¬ 
uted sixteen more elements.^ Also during this period Lavoisier 
in his famous Traiti Mimeniaire de la Chimie (1789) made clear 
the distinction between element and compound and listed those 
substances which he considered elements. Lavoisier was not 
entirely correct, since his list included light and heat and, logically 
enough, the “earths^’ which had not yet been decomposed — 
chalk, magnesia, baryta, alumina, and silica. Indeed, it is a 
tribute to his genius that he did not include soda and potash, 
which he shrewdly recognized as oxides of elements which had not 
yet been isolated. Despite its shortcomings his work was of su¬ 
preme importance in clarifying the problem and in pointing the way 
for further discoveries. By the beginning of the nineteenth 
century about a third of all of the elements were known. 

A notable advance during the first third of the nineteenth cen¬ 
tury led to the discovery of twenty-four ^ more elements by 1830. 
Many factors contributed to stimulate such research during this 
time. Lavoisier, Black, and others had already paved the way for 
a greater emphasis on quantitative work, and Berzelius and Dumas 
developed new analytical methods. Dalton enunciated his atomic 
theory and the laws of chemical combination, and the famous con¬ 
troversy between Berthollet and Proust led to the latter^s law of 

1 Platinum, cobalt, nickel, hydrogen, nitrogen, oxygen, chlorine, manganese, 
tungsten, molybdenum, tellurium, uranium, titanium, zirconium, strontium, and 
chromium. 

* Columbium, tantalum, cerium, iridium, palladium, osmium, rhodium, sodium, 

C otassium, calcium, barium, boron, iodine, cadmium, lithium, selenium, silicon, 
romine, aluminum, beryllium, thorium, yttrium, magnesium, and vanadium. 

Mac—2 
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definite proportions in pure chemical compounds. During this 
period also Davy’s brilliant electrochemical experiments resulted in 
the spectacular isolation of sodium and potassium and the still 
more difficult preparation of the pure alkaline earth metals. 

After this period of intense activity there was a lull and only 
four ^ elements were discovered in the next thirty years. Then 
with the discovery of a new tool of research and of a new generaliza¬ 
tion there followed a period of renewed activity. Bunsen and Kirch- 
hoff furnished chemistry with a new and extremely sensitive method 
of detecting elements in the most minute traces — the spectroscope. 
Mendel4eff provided a system which predicted the existence and 
properties of unknown elements — the periodic table. As a result 
of these discoveries sixteen ^ more elements, including the other 
alkalies and many of the rare earths, were brought to light by 1890. 
Then came Ramsay’s epoch-making work on the rare gases of the 
atmosphere, which supplied a new and unsuspected group almost 
entire for Mendel^eff’s table. During the same closing decade of 
the nineteenth century Becquerel discovered that remarkable 
property of matter which we know as radioactivity. This led 
directly and rapidly to the discovery of many new radioactive 
elements. The work during this decade filled nine® more places 
in the periodic table of the elements, bringing to eighty-three the 
total number known at the beginning of this century. 

The remaining gaps in the periodic table now, in 1936, seem to 
have been filled. Europium, lutecium, and protoactinium were 
discovered by 1917. The X-ray-spectrum method of Moseley 
(1914) has since proved extremely sensitive and absolutely reliable 
in determining the existence of elements and their proper places 
in the periodic table. More recently the magneto-optic method 
of Allison has given promise of even greater sensitivity and has 
indicated the existence of the last two elements which had hitherto 
escaped detection. The discovery of hafnium by Coster and von 
Hevesy, masurium and rhenium by Noddack, illinium by Hopkins, 
and alabamine and virginium by Allison virtually closes this chap¬ 
ter of the science, although as yet no ponderable quantity of the 
last three elements or of their pure compounds has been isolated. 

^ Lanthanum, erbium, terbium, and ruthenium. 

* Cesium, rubidium, thallium, indium, gallium, holmium, samarium, scandium, 
thulium, gadolinium, neodymium, praseodymium, fluorine, dysprosium, germa¬ 
nium, and ytterbium. 

* Argon, helium, krypton, neon, xenon, polonium, radium, actinium, and radon. 
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The only possibility of extending the series seems to be in the 
direction of elements with greater atomic weight than that of 
uranium — elements which some astronomers postulate in the 
interior of the stars but which almost certainly do not exist on the 
surface of the earth. One such heavier element, the result of 
transmutation experiments, has been announced by the Italian 
physicist Fermi, but its discovery awaits confirmation. 

The number of elements of which matter is made up seems, then, 
definitely limited. Not so the number of compounds which they 
may form. In addition to the large number of compounds, each 
containing a comparatively small number of elements, which 
characterize the inorganic world, molecules of enormous complexity 
and almost infinite variety have been built up by nature and by 
man, particularly among the compounds of carbon which con¬ 
stitute organic chemistry. At least 300,000 different compounds 
have already been made, isolated, and studied. To this number 
others constantly are being added in this apparently limitless field 
of research. 


Classification of the Elements 

An arrangement of the elements which would bring out similari¬ 
ties in their properties and so facilitate their systematic study was 
a major quest among chemists throughout the nineteenth century. 
Of the many suggested bases for arrangement, three have been 
regarded as sufficiently significant and fruitful in results to be 
retained in modern chemistry. All three are based primarily 
upon chemical properties. 

Metals, Nonmetals, and Metalloids. Since the days of La¬ 
voisier, chemists have recognized a fundamental distinction be¬ 
tween metals and nonmetals. Lavoisier, in the list of elements 
published in his Trait6 PJUmentaire de la Chimie, classified as metals 
those elements of which the oxides were basic and as nonmetals 
those of which the oxides were acidic. This distinction has been 
retained although it has been necessary to add a third class, the 
metalloidsj the oxides of which have both basic and acidic proper¬ 
ties. The older way to find out whether an element was metallic 
or nonmetallic was to treat its oxide with water and test the solu¬ 
tion with an indicator such as litmus, but this method was not 
found applicable to all elements. A more certain and more 
generally applicable criterion is to determine whether the oxide 
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will react with a strong acid or with a strong base under suitable 
conditions. Upon this basis we^^ive at the following definitions 
of the three types of elements: cA metallic element is one of which 
the oxide reacts with a strong acid to faTm .. a s aU and 
meta llic element is one of which the oxide reaxis with a st T9n{l ^ 
form a salt and water; a metalloidal element is one the oxide of wM ch 
with eith e r a stron g m^id v r is, strdn^^ a sa lt and 

As we go through a list of the elements, it is dfficult to 
say just where metallic properties cease and nonmetallic properties 
begin. Obviously, the inert rare gases cannot be included in such 
a classification. Of the other ninety-two elements not more than 
about twenty-five are lacking in nonmetallic properties and not more 
than fifteen lacking in metallic properties. Consequently, the 
metalloids must number about forty-six, or half of all the elements. 

Many of the elements classed as metalloids by the strict appli¬ 
cation of the distinguishing test described above are ordinarily 
regarded as metals. They are predominantly metallic in chemical 
properties, and in addition they display the physical properties 
generally ascribed to metals. A summary of these properties, 
together with those of nonmetals, is given in Table 1. 

^ TABLE 1 

Properties of Metals and Nonmetals Compared 


Metal Nonmetal 


Mostly solids 

High density, melting point, and boiling 
point 

Ductile and malleable 
Metallic luster 
High tensile strength 
Vapors monatomic 

High conductivity of heat and elec¬ 
tricity 
Oxides basic 

Form simple positive ions 
Usually reducing sigents 
Halides nonvolatile electrolytes 


Many of them gases 
Low density, melting point, and boiling 
point 

Brittle, if solid 

Vitreous luster or nonlustrous 
Low tensile strength 
Vapors polyatomic 

Low conductivity of heat and elec¬ 
tricity 

Oxides acidic 

Form simple negative ions 
Usually oxidizing agents 
Halides low-boiling nonelectrolytes 


As indicated in the foregoing discussion, classification on this 
basis is inadequate. Not only does it necessarily omit a number of 
elements, but it also fails to furnish any sharp and definite division 
of the elements into groups. Nevertheless, it is a useful classifi¬ 
cation, and reference to metal, metalloid, and nonmetal is quite 
frequent in chemistry. 
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The Reactivity Series, Arrangement of the elements in ac¬ 
cordance with their reactivities affords another useful classifica¬ 
tion. It will receive fuller treatment in a later chapter of this book. 
The placing of a given element in such a series involves merely the 
reactivity of the element in relation to the reactivities of other 
elements. The order may be given, for example, as that in which 
the elements displace one another from solutions of their salts. 
This system of classification is limited to those elements, both 
metals and nonmetals, which are capable of forming simple ions in 
solution. Many elements — for example, phosphorus and nitro¬ 
gen — will not do this. Obviously the inert gaseous elements 
cannot be included in this classification. 

The Periodic System. A much more comprehensive and satis¬ 
factory method than either of the foregoing is embodied in the 
periodic system, or table, which the Russian chemist Mendel6eff ^ 
first published in 1869 and amplified in a later paper in 1871. It 
has profoundly influenced the development of inorganic chemistry 
during the past sixty years. The principle underlying the system, 
the periodic law, ranks as one of the most important and most 
significant generalizations in chemistry. Mendelfeff^s generaliza¬ 
tion may be stated thus: The chemical a7id physical properties of 
the elements are periodic functions of their atomic weights. Somewhat 
altered in the light of modern research on the atom, the periodic 
law stands today as one of the great laws of nature. The periodic 
system includes all the elements and affords a classification which 
is nearly perfect. 

From the beginning of the nineteenth century there was a 
continued and growing interest in the problem of classifying the 
elements on the basis of atomic weights. This was to be expected 
in view of the emphasis which Dalton in his enunciation of the 

* Dmitri Ivanovitch Mendel6eff (1834-1907) was born in Tobolsk, Siberia. 
His family were enterprising Russian pioneers who started the first printing press 
and the first glass factory in Siberia. Mendel6eff’s first study of natural science was 
under the guidance f)f a political exile in Siberia. Later he studied at St. Peters¬ 
burg and abroad and then returned as a professor to the University of St. Peters¬ 
burg. Despite his poor health Mondol6eff was a tremendously hard worker. 
He was also a very original thinker. This was shown by his enunciation of the 
periodic law and by the new ideas he proposed along many lines in his famous 
textbook, The Principles of Chemistry. 

Mendel6efif was interested in the development of the industrial life of his country 
and also in social reforms. He made a trip to Pennsylvania to inspect the new 
oil fields and on his return helped to develop the oil wells of southern Russia. 
During the Russo-Japanese War he invented a new form of smokeless powder. 
His genius was honored everywhere, and when ho died the telegram which Czar 
Nicholas sent to his widow aptly said, “Russia has lost one of her best sons.” 
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atomic theory placed upon the fundamental significance of the 
atomic weight as a characteristic property of an element. Al¬ 
though, as will be seen, not all the facts were available for a com¬ 
plete picture until over half a century later, these early attempts 
at classification contributed to the generalization that finally 
resulted. 

In 1815, eleven years after Dalton’s enunciation of his theory, 
Dr. William Prout, a fellow countryman of Dalton, pointed out 
that the atomic weights of nearly all the elements were integral 
multiples of that of hydrogen and suggested that hydrogen con¬ 
sequently might be the ^'primordial substance,” 'protyle, of which 
all matter was composed. The idea, since known as ProuPs 
hypothesis, was intriguing in the unified view of all matter which 
it presented and was eagerly accepted by some contemporary 
chemists, including Dumas. By others, among wdiorn was Berze¬ 
lius, it was assailed. As a direct result of this controversy Berze¬ 
lius, Dumas, and Stas w^ere led to determine the atomic weights of 
the commoner elements with an accuracy nc'ver before attained. 
The more accurately the at omic weights were determined, the more 
certain it became that they were not exact, multiples of the atomic 
weight of hydrogen. Although discredited, Front’s hypothesis 
was of great service to chemistry. Not only did it stimulate 
research in exact analysis; it also introduced once more the idea 
of the unity of matter. As we shall see, the hypothesis has come 
prominently to the fore in recent times. 

In 1829 J. W. Dobereiner published his system of triads. He 
pointed out that many of the elements could be arranged in groups 
of three, the properties of the elements within a group being similar 
and their atomic weights either nearly equal or in arithmetical 
progression. Osmium, iridium, and platinum formed a triad of the 
former type; chlorine, bromine, and iodine, and also calcium, 
strontium, and barium formed triads of the latter type. In the 
second type of triad the atomic weight of the middle element was 
very nearly the average of those of the other two. For example: 

35^7 (^hlon n(^ .1 2 (L 47 . (iodine) ^ 

Experimentally Berzelius obtained the value 78.38 for the atomic 
weight of bromine. Although interesting and a step in the right 
direction, Dobereiner’s triads furnished no general scheme of 
systematizing all the elements. 
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In 1850 Max Pettenkofer called attention to the fact that the 
atomic weights of related elements often differed by 8 or a multiple 
of 8. For example: 

Li, 7; Na, 23, t.e., 7 + (2 X 8); K, 39, i.e., 23 + (2 X 8). 

He concluded that this regular increment indicated that the ele¬ 
ments were built up of simpler substances much as organic mole¬ 
cules were built up of groups. Compound radicals like ammonium 
and cyanogen were already known to play the part of elements 
in chemical reactions so that Pettenkofer^s ideas, which Dumas 
later elaborated and championed, did not require too great a 
stretch of the imagination. 

These were only a few of the many attempts at classification of 
the elements prior to 1860. They all failed because of inadequate 
data. Nearly one third of the elements were still undiscovered, 
but the most serious obstacle to progress lay in the fact that atomic 
weights had not yet been established on a sure basis. 

Then, in 1860, came Cannizzaro^s great contribution to chem¬ 
istry. He presented to the Chemical Congress at Karlsruhe a 
definite plan of establishing the relations among equivalent weighty 
atomic iveight, and molecular weight upon the basis of the well-known 
hypothesis advanced fifty years previously by his compatriot, 
Avogadro.^ Cannizzaro^s method soon won general acceptance 
among chemists. It completely clarified the distinction between 
equivalent weight and atomic weight and on this account was an 
extremely important aid in the advancement of the science. 

The means for a comprehensive classification of the elements 
were now available. In 1865 John Newlands published his law 
of octaves. He stated that when the elements are arranged in 
the order of increasing atomic weight the eighth element “is a 
kind of repetition of the first like the eighth note in an octave 
of music.The analogy with the musical scale was unfortunate. 
Newlands’ work was coldly received. One member of the London 
Chemical Society, before which the paper was presented, asked 
him “whether he had ever examined the elements according to 
the order of their initial letters.” Yet a few years later the Royal 
Society awarded Newlands the Davy medal for the work reported 
in that very paper. 

1 Cannizzaro’s method ie embodied in the outline of “fundamental theory” 
given in Chapter 6. 
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Some of the more serious defects in Newlands’ arrangement are 
apparent when we study the reproduction of it shown in Table 2. 
The numbers 1 to 56 indicate the order of the elements arranged 
in increasing order of their atomic weights. Newlands transposed 
a number of the heavier elements to bring out their chemical 
similarities. His fundamental error lay in his assumption that 
there were no undiscovered elements for which he should leave 
spaces. Nevertheless, his arrangement represented a great ad¬ 
vance and contained many of the ideas developed more fully in 
the later periodic system of Mendel6eff. 


TABLE 2 

Newlands’ Octaves (1865) * 


H 1 
Li 2 
G 3 
B 4 
C 6 
N 6 
O 7 


F 8 
Na 9 
Mg 10 
A1 11 
Si 12 
P 13 
8 14 


Cl 

K 


Ca 17 
Cr 19 
Ti 18 
Mil 20 
Fe 21 


Co Ni 22 
Cu 23 
Zn 25 
Y 24 
In 26 
Ab 27 
Se 28 


Br 29 
Rb 30 
Sr 31 
Ce La 33 
Zr 32 
Di Mo 34 
Ro Ru 35 


Pd 36 
Ag 37 
Cd 38 
U 40 
Sn 39 
Sb 41 
Te 43 


I 42 
Cs 44 
Ba V 45 
Ta 46 
W 47 
Nb 48 
Au 49 


Ptir 50 
Tl 63 
Pb 64 
Th 66 
Hg 52 
Bi 66 
Ob 61 


^ Since Newlands’ day the symbols G, Ro, and Nb have been replaced by Be, 
Rh, and Cb respectively, Di (didymium) was separated into Pr and Nd by 
Welsbach in 1885. 


TABLE 3 

Mendel^eff’s First Table (1869) 







Ti 

50 

Zr 

90 

(?) 

180 






v 

51 

Nb 

94 

Ta 

182 






Cr 

52 

Mo 

96 

W 

186 






Mn 

65 

Rh 

104.4 

Pt 

197.4 






Fe 

56 

Ru 

104.4 

Ir 

198 






Ni=Co 

59 

Pd 

106.6 

Os 

199 

H - 1 





Cu 

63.4 

Ag 

108 

Hg 

200 


Be 

9.4 

Mg 

24 

Zn 

65.2 

Cd 

112 



B 

11 

A1 

27.4 

(?) 

68 

U 

116 

All 

197(?) 


C 

12 

Si 

28 

(?) 

70 

Sn 

118 



N 

14 

P 

31 

As 

75 

Sb 

122 j 

Bi 

’210 


0 

16 

S 

32 

Se 

79.4 

Te 

128(?) 




F 

19 

Cl 

35.5 

Br 

80 

I 

127 ! 



Li 7 

Na 

23 

K 

39 

Rb 

85.4 

Cs 

133 

Tl 

‘204 




Ca 

40 

Sr 

87.6 

Ba 

137 

Pb 

207 




(?) 

45 

Ce 

92 








(?)Er 

66 

La 

94 








(?)Yt 

60 

Di 

96 








(?)In 

76.6 

Th 

118(?) 






The full development of the periodic classification of the ele¬ 
ments was due to the efforts of the Russian, Dmitri Mendel^eff, 
and the German, Lothar Meyer. Meyer evolved the atomic 
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volume curve (page 20) which illustrates the periodic law in such a 
vividly graphic way. MendelfefI developed the form of the periodic 
table with which all chemists are familiar and worked out very 
fully the relations in properties among the elements. In 1882 the 
Royal Society conferred the Davy medal jointly upon the two men 
in recognition of this work. Table 3 shows Mendel6eff’s first 
arrangement, 1869, and Table 4 (page 12) his modified arrange¬ 
ment, 1871. It will be noted that even in his first table he left 
spaces for elements still to be found. 

Several important changes have been made in the periodic table 
since 1871. Work on the rare earths, in which the spectroscope 
played an important part, has resulted in the addition of a number 
of the rare earth elements. The discovery of other elements, 
the existence and properties of several of which Mendel6eff pre¬ 
dicted with remarkable accuracy, has filled other blanks in the 
table. The discovery of the rare gases of the atmosphere neces¬ 
sitated the extension of the table to include a new group, the zero 
group. The discovery of radium, radon, and other radioactive 
elements not only filled other remaining spaces but threatened 
an overabundance of elements to fill the available blanks. This 
difficulty has been met by the recognition of isotopes^ different 
forms of the same element which occupy the same place in the 
table. As a result of the application of X-ray analysis and other 
refined methods all the remaining elements have been found, and 
no blanks now remain in the table. 

Construction of the Table. Perhaps the best way to understand 
how Mendel^eff worked out the periodic table is to put ourselves 
in his place and reconstruct it. For us the task is much easier 
than it was for him, for we know nearly all of the elements and 
the correct atomic weights of most of them, and have besides a 
much clearer knowledge of their chemical properties than he had. 
Beginning with hydrogen, the lightest of the elements, we write 
down the elements in the order of their atomic weights, going 
from left to right and numbering the elements consecutively as 
we go: 

H He Li Be B C N 0 F W 
12 34 56789 ^ 

When we reach neon, sodium, and magnesium, it dawns upon us 
that we are beginning to repeat; for neon is conspicuously like 




TABLE A 



1 

11 

Ill 

IV 

V 

VI 

Vll 

Vlfl 


— 

— 

— 

RH, 

RHi 

RH, 

RH 

— 

StBIES 

I|| 

■ 

HI 

ROi 

m 

■ 

||||H 

RO, 

1 

2 

H=1 

Lil 

fieW 

Bll 

C12 

Nil 

016 

. 

F19 


M 3 

Na23 

Mg 21 

A12I.3 

Si 23 

P31 

S32 

Cl 35.5 


4 

K39 

CalO 

-11 

Tils 

V51 

Or 52 

Md55 

Fe56 Co 59 

5 

(Cu(i3) 

2n65 

-68 

-12 

Asia 

Se?8 

Br80 

Ni59 Co 63 

6 

Rli85 

St 8" 

(!)yt88 

ZrOO 

NbOl 

Mo 96 

-i 

Rui Rlillll 

1 

(Agl) 

CJ112 

la 113 

SallS^ 

81)122 

Tel25 

1127 

P6106 Agios 

8 

C8133 

Bal37 

(!)Dil 

(?)Cel40 

- 



- - 

9 

(-) 


_ 

_ 

_ 


w 


10 



(!)Erl78 

(?)lal 

Tal82 

fflSl 


Os 195 lrl97 

11 

(All): 

Hgl 

T1204 

Pbf 

Bi2l)8 
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- 

Ptl All! 

12 

i 

- 

- 

Tli231 

- 

U210 

- 
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helium, sodium like lithium, and magnesium like beryllium. So 
we cross out these three elements from the first row and write 
them in a second, associating them with the elements they so 
closely resemble, and continue in the second row: 

Ne Na Mg A1 Si P S Cl 

10 11 12 13 14 15 16 17 

Element No. 18 in the order of atomic weights is potassium, which 
belongs with lithium and sodium; No. 19 is argon, which resembles 
helium and neon. Is something wrong here? In any case we 
must bring similar elements into the same column, and so we in¬ 
terchange them and write in the third row: 

A K Ca Sc Ti 

(18) (19) 20 21 22 

Until we reach titanium, the parallelism in properties continues. 
Then we come to vanadium, chromium, and manganese, not very 
like the elements with which they would be grouped, phosphorus, 
sulfur, and chlorine. But after all, they have one strong chemical 
resemblance — their maximum valences towards oxygen are the 
same, 5, 6, and 7, respectively, and they form the same types of 
compounds. For example, sodium chromate crystals are 
Na2CrO4.10H2O, isomorphous with sodium sulfate crystals 
Na2SO4.10H2O; and chromium forms CrOa, chromic acid 

anhydride, like SO 3 , sulfuric acid anhydride. So we write: 

V Cr Mn 
23 24 25 

Then we come to iron, nickel, and cobalt. By no stretch of the 
imagination could we classify these with argon, potassium, and 
calcium. But we foresee that once they are disposed of we com¬ 
mence again at the left, not under argon but under potassium, 
and so we put these three in an additional group to the right. 

Fe Co Ni 

26 (27) (28) 

The succeeding elements, copper, zinc, etc., like vanadium, 

chromium, and manganese, do not closely resemble the lower 
members of their groups, but they do show the same valences and 
form similar compounds. We notice that the parallelism with 
elements in the corresponding positions in the former rows becomes 
more obvious again as we move to the right: 
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Cu Zn Ga Ge As Se Br 

29 30 31 32 33 34 35 

Then we find we can begin a new period — krypton, rubidium, 
and strontium reproducing to a remarkable degree the chemical 
properties of argon, potassium, and calcium. Once more we pass 
through a ^'doubtful zone’^ and must count off a “long period'^ of 
eighteen elements before we return again to begin another new 
period with the inert gas, xenon. But in this period we meet with 
a fresh complication. Before returning to the heaviest of the 
inert gases, radon, we must count off, not eighteen elements, but 
thirty-two. Elements numbered 57 to 71 are so much alike that 
we put them in a group within a group and refer to them as the 
rare earth elements. 

The result of these efforts at construction is the periodic table 
shown in Table 5. The horizontal rows of elements in the table 
are called periods^ each period including the elements from one 
inert gas to the next. The long periods are doubled back on 
themselves to bring out the group relationships, particularly 
valence. The vertical rows are called groups^ and of these there 
are nine. In the case of those elements not closely resembling 
the lighter ones in the same group, the symbols are moved to the 
right or to the left in the column instead of being placed directly 
under the simpler elements. This gives us the A and B sub¬ 
groups. Thus in subgroups A and B of Groups I and VI we 
find the elements indicated below: 


Group I Group VI 


A 

B 

A 

B 

Li 



0 

Na 



s 

K 

Cu 

Cr 

Se 

Rb 

Ag 

Mo 

Te 

Cs 

W 



Au 


Po 

Vi? 


u 



The numbers which we have written beneath the symbols of the 
elements, i.e.y the ordinal numbers of the elements when arranged 
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in a series of increasing atomic weight, are the atomic numbers 
of the elements. As will be explained more fully in Chapter 17, 
the atomic number of an element is the number of excess positive 
charges on the nucleus of the atom of the element. The atomic 
number is a characteristic of the element more significant than is 
the atomic weight. 

The numbers of elements in the completed periods form an 
interesting numerical series: 

Period 2 3 4 6 6 

Number of elements . . 8 or 8 or 18 or 18 or 32 or 

2X22 2X 22 2X 32 2X 32 2X 42 

The significance of this will be considered later in connection with 
the theory of atomic structure. 

Periodicity in the Periodic System. In view of the name given 
to the system and to the law, periodicity is the feature for which 
one would be expected to seek first. It is not difficult to find. 
Let us consider some of the ways in which the fact of periodicity 
is made evident. 

With the table before us we can see at once that starting from 
any given element and going through a definite period of eight or 
eighteen or thirty-two elements, as the case may be, we come to 
one which resembles the first very closely. The eighth element 
after lithium is sodium, the eighth after sodium is potassium, the 
eighteenth after potassium is rubidium, and so on. We find 
similar elements placed in the same vertical group, the elements 
within each group showing remarkable ^Tamily’^ resemblances. 
Thus we have grouped together: (1) the alkali metals, Li, Na, K, 
Rb, Cs, (Vi); (2) the alkaline earth metals. Be, Mg, Ca, Sr, Ba, 
Ra; (3) the carbon family, C, Si, Ge, Sn, Pb; (4) the oxygen 
group, O, S, Se, Te, Po; (5) the noble gases, He, Ne, A, Kr, Xe, 
Rn. 

Going from left to right in any row, the maximum valence 
towards oxygen, or maximum positive valence, increases by unity 
from one element to the next. This periodic change in maximum 
valence towards oxygen is illustrated by the following arrange¬ 
ment : 


He 

Li 

Be 

B 

C 

N 

0 

F 

0 

1 

2 

3 

4 

5 

6 

7 

Ne 

Na 

Mg 

A1 

Si 

P 

S 

Cl 

0 

1 

2 

3 

4 

5 

6 

7 
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The valence towards hydrogen increases up to four, then de¬ 
creases, thus: 


He 

U 

Be 

B 

C 

N 

0 

F 

0 

1 

2 

3 

4 

3 

2 

1 

Ne 

Na 

Mg 

A1 

Si 

P 

S 

Cl 

0 

1 

2 

3 

4 

3 

2 

1 


Periodicity in valence may be more clearly visualized if we 
plot the valences of the elements against their atomic numbers. 
This has been done in Figure 2. Positive valence, i.e., the valence 
towards oxygen or chlorine, is represented by points above the 
zero valence axis; negative valence, i.c., the valence towards 
hydrogen, is represented by points below the zero valence axis. 
For purposes of reference the atomic numbers of certain of the 
elements and their symbols have been placed upon the chart. 
Only the more commonly occurring valences have been shown. 


F Cl Mn Br 



14 22 32 

Fig. 2. Periodicity in Valence for the Lower Elements. 


The periodicity is brought out forcibly, also, if one considers 
the changes in physical properties throughout successive periods. 
In view of the great difference between successive elements in a 
row, the correspondence in a property between the eighth element 
and the first, i.e,, between any element and the one immediately 
above it in the same group, is all the more striking. Helium is a 
gas, liquefying at — 268,9° C.; lithium, a solid metal, melting 
at 186° C.; beryllium, a solid metal, melting at 1350° C.; boron, 
a nonmetallic solid, melting at about 2300° C.; carbon, a non- 
metallic solid, melting above 3500° C.; nitrogen, a gas liquefying 
at ~ 195.8° C.; oxygen, a gas liquefying at — 183.0° C.; fluorine, 
a gas, liquef 3 dng at — 187° C. There is little gradation evident 
here. But after neon, a gas, we come again to a solid metal, 
sodium, with low melting point. 



TABLE 6 

SoMB Physical Propbrtibs of thb Elbmekts 
(In the aolid state and, wherever possible, at room temperature) 


Elbmsmt 

Atomic 

Num- 

BBB 

Dbn- 

SITT 

Atomic 

Vol¬ 

ume 

Cub 

COBFFK 

Com¬ 

pressi¬ 

bility 

X10« 

ICAL 
2IBNT or 

Ther¬ 
mal Ex¬ 
pansion 
X 10« 

Mult- 

mo 

Point 

‘‘C. 

Elec¬ 

trical 

Rebist- 

ANCE 

X lO * 

Harx>- 

NESS 

ON 

Rti>- 

BBBO 

Scale 

Hydrogen. . . 




1 ! 

0.081 

12.4 

>29 


- 259 



Helium . . . 




2 

0.188 

21.3 

— 

— 

- 272 

— 


Lithium . . . 




3 

0.63 

13.1 

9.1 

168 

186 

9.3 

0.6 

Beryllium. . . 




4 

1.8 

6.0 

0.93 

— 

1350 

18.5 

— 

Boron .... 




5 

(2) 

5 

0.3 

(6) 

2300 

ion 

9.6 

Carbon (graphite) 




6 

2.26 

6.3 

3.0 

9 

3600 

1400 

— 

Nitrogen . . . 




7 

1.03 

13.6 

— 


- 210 

— 

— 

Oxygen . . . 




8 

1.43 

11.2 

— 


- 218 

— 

— 

Fluorine . . . 




d 

(1.3) 

15 

— 


- 223 

— 

— 

Neon .... 




10 

(1.0) 

20 

— 


- 249 

— 

— 

Sodium . . . 




11 

0.97 

23.7 

15.6 


98 

4.6 

0.4 

Magnesium . . 




12 

1.74 

14.0 

2.9 


661 

4.6 

2.0 

Aluminum . . 




13 

2.70 

10.0 

1.6 


660 

2.6 

2.9 

Silicon .... 




14 

2.4 

11.7 

0.3 

(16) 

1420 

106 


Phosphorus (yellow) 



15 

1.82 

17.0 

20.8 

376 

44 

10i» 

0.6 

Sulfur (rhombic) 




16 

2.07 

16.6 

13.1 

192 

113 

10» 

2.0 

Chlorine . . . 




17 

(1.9) 

18.7 

— 

— 


— 

— 

Argon .... 




18 

1.66 

24.2 

— 

— 

- 189 

— 

— 

Potassium . . 




19 

0.86 

46.3 

32.1 

249 

1 62 


0.6 

Calcium . . . 




20 

1.56 

26.8 

6.8 

76 

810 

4.6 

1.6 

Scandium. . . 




21 

(2.5) 

18 

— 

— 


— 

— 

Titanium . . . 




22 

4.6 

10.6 

— 

— 

1800 

3 

— 

Vanadium . . 




23 

6.96 

8.6 

— 

— 

1710 

—— 

— 

Chromium . . 




24 

7.1 

7.3 

0.9 

24.6 

1616 

2.6 

9.0 

Manganese . . 




25 

7.2 

7.6 

0.9 

69 

1 1260 

6 

6.0 

Iron .... 




26 

7.86 

7.1 

0.6 

36.1 

1 1636 

10.0 

4.5 

Cobalt .... 




27 

8.9 


0.6 

36.9 

1480 

9.7 

— 

Nickd .... 




28 

8.90 

1 6.6 

0.4 

38.4 

1462 

6,9 

— 

Copper . . . 




29 

8.92 

7.1 

0.8 

49.8 

1083 

1.7 

3.0 

Zinc .... 




30 

7.14 

9.2 

1.7 

99 

419 

6 

2.6 

Gallium . . . 




31 

6.91 

11.8 

2.0 

64 

30 

63 

1.6 

Germanium . . 




32 

6.36 

13.6 

1.4 

— 

969 

106 

— 

Arsenic . . , 




33 

5.7 

13.1 

4.5 

14.1 

814 

35 

3.5 

Selenium . , . 




34 

4.8 

16.4 

12.2 

111 

220 

12 

2.0 

Bromine . . . 




35 

(3.4) 

23.5 


— 

- 7 

10»6 

— 

Krypton . . . 




36 

3.4 

26 


— 

- 169 

— 

— 





37 

1.53 

66.8 


270 

39 

12.5 

0.3 

Strontium . . 




38 

2.6 

34 

7.2 

— 

800 

23 

1.8 

Yttrium . . . 




39 

6.61 

16.1 

— 

— 

1490 

— 

— 

Zirconium . . 




40 

6.4 

14.3 

— 

— 

1700 

170 

— 

Columbium . . 




41 

8.4 

11.1 

— 

— 

1960 

— 

— 

Molybdenum 




42 

10.2 

9.4 

0.5 

12 

2620 

4.8 

— 

Masurium . . 




43 

— 

— 

— 

— 

(2300) 

— 

— 

Ruthenium . . 




44 

12.2 

8.4 

— 

27.3 

2450 

10 

6.6 

Rhodium . . . 




45 

12.5 

8.3 

0.4 

25.2 

1955 

5.1 

— 

Palladium , . 




46 

12.0 

8.9 

0.6 

36.4 

1565 

10.8 

4.8 

Silver .... 




47 

10.5 

10.3 

1.0 

56.7 

961 

1.6 

2.7 

Cadmium . . . 




48 

8.6 

13.1 

2.1 

89.4 

321 

7.6 

2,0 

Indium . . . 




49 

7.3 

15.7 

2.6 

99 

165 

9 

1.2 

Tin. 




50 

7,31 

16.2 

1.9 

60 

232 

11.4 

1 1.8 

Antimony. . . 




61 

6.68 

18.2 

2.4 

34.2 

631 

39 

3.0 

Tellurium . . . 




62 

6.24 

20.4 

— 

60.4 

452 

10* 

2.3 

Iodine .... 




63 

4.93 

26.8 

13.2 

279 

114 

1016 

— 

Xenon .... 




54 

(2.7) 

49 

— 

— 

- 140 

— 

— 

Cesium . . . 




65 

1.90 

70 

62 

291 

26 

20 

0,2 

Barium . . . 




66 

3.6 

39 

10.6 

— 

850 

— 

—— 

Lanthanum . . 




67 

6.16 

22.6 

6.8 

—— 

826 

69 

— 

Cerium , . . 




68 

6.90 

20.3 

3.7 

— 

640 

78 

— 

Praseodymium . 




60 

6.6 

21.6 

3.4 


940 

88 


Neodymium . . 




60 

6.9 

20.9 



840 

79 



(Sources: International Critical Tables, supplemented by Landolt-Bornstein 
Tabdlen, and recent literature. Doubtful values in parentheses.) 
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GRADATION IN PROPERTIES WITHIN GROUPS 19 


We have collected in Table 6 some of the physical properties of 
the first sixty elements. An inspection of these figures will show 
the periodic increase and decrease in their values as we go to ele¬ 
ments of higher atomic number. The periodicity is shown even 
more clearly in the curves of Figure 3 (page 20), where in addition 
to Lothar Meyer^s atomic volume curve we have plotted the 
curves of the coefficient of compressibility, coefficient of thermal 
expansion, and the reciprocal of the absolute melting points. All 
of these curves parallel each other very closely. Elements with 
large atomic volumes are easily compressible and expand rapidly 
with rising temperature. They are also low melting, so that the 
reciprocal of their melting points is high. In addition to these 
properties, we have also plotted the ionization potential, which is 
a measure of the energy required to separate an electron from 
the gaseous atom. This property also roughly parallels the other 
curves, although it shows more irregularities. The electrical re¬ 
sistance and relative hardness show a similar periodicity, but the 
drawing of these graphs will be left for the student. 

Gradation in Properties within Groups. Although in a general 
way the properties of the first element in a group reappear 
periodically as one goes down the list of elements, they are not 
exactly reproduced in the other members of the group. Instead, 
the property usually changes regularly as one goes from the 
lowest to the highest member of the group although irregularity 
often occurs. This is also true of the properties of corresponding 
compounds of the elements. Table 7 includes data to illustrate 
this gradation in various groups of elements. 


TABLE 7 

Gradation of Properties within Groups 


Boiling Points 
OF THE Rare 
Gases 

Melting Points 
OF THE Alkali 
Metals 

Solubility of 
Hydroxides op 
Alkaline Earth 
Metals in 
Moles/Liter 
at 20° C. 

Heats of 
Formation op 
Hydrogen 
Halides 
Cal./Mole HX 

Helium 4.2° A. 

Neon 27.2 

Argon 87.9 

Krypton 121.8 

Xenon 107.1 

Radon 212 

Lithium 186° C. 

Sodium 97.5 

Potassium 62.3 
Rubidium 38.5 
Cesium 26 

Virginium ? 

Be(OH )2 5 X lO-^® 
Mg(OH)2 3 X lO--* 
Ca(OH )2 0.022 
Sr(OH )2 0.065 
Ba(OH )2 0.233 
Ra(OH )2 ? 

HF 64.0 

HCl 22.0 

HBr 8.6 

HI -- 6.0 

HAm ? 


MOC— 3 
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Fig. 3. Some Periodic Properties of the Elements. 
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Usefulness of the Periodic System. The periodic system has 
been and is very useful to the chemist. We may discuss here some 
of the various ways in which it has been of service. 

(1) The first comprehensive classification of the elements. All 
arrangements of the elements prior to the periodic system were 
limited in scope ; none of them included all of the elements. This 
system presented in tabular form a great law of nature, for it 
classified the elemental substances of which all matter is made up. 
When fully established, it embodied an enormous number of 
experimental facts, which the chemist would find extremely hard 
to remember separately. These facts, studied in the light of the 
periodic table, fit into a great pattern, which can be carried in the 
mind. Moreover, any theory of atomic structure must ultimately 
stand the test of explaining these facts. The periodic table thus 
furnished the background for the study of the structure and 
behavior of the individual atoms. Furthermore, the interrelation¬ 
ships among the elements brought out by the periodic table strongly 
suggested that the individual elements had some kind of structural 
units in common. This implication had a decided influence in 
stimulating the study of the atom. 

(2) The verification of atomic weights. Mendelfeif used the 
periodic system to verify atomic weights which were in doubt or 
which he believed were incorrectly chosen. For example, prior 
to 1869 the atomic weight of uranium was thought to be about 
120.^ This value would have placed it in the table between tin 
and antimony, but no blank space was available for it there. 
Mendel6eff, cleverly weaving together many threads of chemical 
and physical evidence, concluded that uranium belonged in the 
sixth group, as a higher analogue of molybdenum and tungsten, 
with an atomic weight of 2 X 120, or 240. His conclusion was 
confirmed in 1881 when Zimmermann studied the densities of 
uranium chloride and uranium bromide vapors. 

Mendelfeff also reasoned out correctly the atomic weight of 
indium, discovered by means of the spectroscope in 1863. Its 
equivalent weight was determined and found to be 37.7, but no 
data were available at the time to determine what multiple of this 
weight was its atomic weight. However, the density and the 
basicity of indium oxide were intermediate between those of 
cadmium oxide and tin oxide; also, it formed alums, as do ferric 

* See Mendel^eff’s first table, p. 10. 
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iron and chromium, which indicated that it was trivalent. The 
formula for the oxide was then probably InaOs, and accordingly 
Mendel^eff placed it in Group III with the atomic weight 3 X 37.7, 
or 113.1. This value was conjfibrmed later from the determination 
of its atomic heat capacity and other properties. The value now 
accepted is 114.8. 

The case of titanium was somewhat different. Its atomic weight 
had been determined to be 52, which would place it after vanadium 
in the table. Mendelfeff insisted on putting it before vanadium 
in accordance with its known properties and its resemblance to 
silicon and carbon. He estimated its atomic weight to be 48. 
A later determination confirmed his ideas; it is now listed as 
47.90, again justifying Mendel6eff’s faith in his system. 

(3) The prediction of undiscovered elements. The crucial test 
of a scientific law is not the number of known facts which it corre¬ 
lates but the number of new facts which it successfully predicts. 
Mendelfeff, in working out his table, was forced to leave blank 
spaces in order that chemically similar elements might be brought 
into the same groups. He showed courage, as well as faith in his 
table, in predicting not only that these blank spaces would one 
day be filled but also that the elements that would fill them would 
possess certain definite properties. It was a great triumph for 
Mendel^eff^s system when newly discovered elements were found 
to have almost exactly the atomic weights and other properties 
which he predicted for them. 

We give in Table 8 Mendel6eff’s predictions for three elements. 
Mendel6eff designated each undiscovered element with reference 
to the analogous element immediately above it in the same group 
or subgroup of the periodic table, using the prefix eka. One he 
called ekaboron; this was discovered in 1877 by the Scandinavian 
Nilsen, who gave it the name scandium. Another he called eka- 
aluminium; this was found in 1875 by Lecoq de Boisbaudran, 
who christened it gallium in honor of his native land. The third 
Mendel^eff called ekasilicon; this was found by the (Jerman, 
Winkler, in 1886 and received the name germanium. 

Defects of Mendeleeff’s Periodic Table. Despite the great 
advantages of Mendelfeff’s table and the success with which he 
used it in predicting new elements, it possessed certain defects, 
a study of which has led to an even more complete understanding 
of the elements than Mendel6eff possessed. 
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TABLE 8 

Elements Pbbdicted by MendeiJbff 


Predicted for Ekaboron 1871 


Atomic weight 44 
Oxide EbaOa 
density 3.6 
feebly basic 

Double sulfate with potassium not an 
alum 

Predicted for Eka-aluminium 
1871 

Atomic weight 68 
Density 6.0 
Easily fusible 
Oxidized slightly in air 

Easily obtained as metal 
May be found by spectroscope 
Oxide EaaOa 

soluble in ammonia solution 
Sulfate Ea2(S04)8 will form alum 
Predicted for Ekasilicon 1871 


Atomic weight 72 
Density 5.6 

Dark gray metal, hard to fuse 

Oxide EsOa 
density 4.7 

stronger acid than TiOi 
Chloride EsCli 
density 1.9 

boiling point under 100° C. 
Will form E8(C2H6)4 
density 0.96 
boiling point 160° C. 


Found for Scandium by Nilsbn 
1877 

Atomic weight 43.73 (H = 1 ) 

Oxide ScaOa 
density 3.86 
feebly basic 

Forms (K 2804 ) 5 . 802 ( 804)3 not an 
alum 

Found for Gallium by de 
Boisbaudran 1875 

Atomic weight 69.35 (H = 1 ) 

Density 5.96 
Melting point 30° C. 

Only superficially oxidized in air at 
red heat 

Easily obtained as metal 

Found by spectroscope in zinc blende 

Oxide Ga 205 

somewhat soluble in ammonia solu¬ 
tion 

Sulfate Ga2(S04)3 forms alums 

Found for Germanium by 
Winkler 1886 

Atomic weight 71.93 (H =1) 

Density 5.469 

Grayish white metal, melting point 
900° C. 

Oxide Ge02 
density 4.703 
water solution acidic 
Chloride GeCh 
density 1.887 
boiling point 86° C. 

Forms Ge(C2H6)4 
density 0.991 
boiling point 160° C. 


(1) Inversions among the atomic weights. The first defect in 
the table depends upon Mendel^eff's statement of the periodic 
law in terms of atomic weights. Although most of Mendel^eff's 
predictions about atomic weights were correct, in three cases the 
order of atomic weights does not coincide with the predicted 
gradation in chemical properties. Additional study of the atomic 
weights of these elements has only served to make this fact more 
clear. These inversions are argon and potassium, cobalt and 
nickel, tellurium and iodine. The 1935 atomic weights are: 

A = 39.944 K = 39.096 

Co = 58.94 Ni = 58.69 

Te = 127.61 I = 126.92 



24 THE ELEMENTS AND THEIR CLASSIFICATION 


There is no doubt that argon belongs in the Zero Group with the 
other rare gases and that potassium is an alkali metal. Similarly, 
the positions of tellurium and iodine are unquestioned. Iodine 
is a halogen, as its chemical and physical properties proclaim, 
while tellurium belongs in the same group with sulfur and 
selenium. In the case of cobalt and nickel the differences are 
not so striking, but they all point to the conclusion Mendel6eff 
reached. The properties of cobalt are more like those of iron, 
while nickel is more hke copper, its nearest neighbor in Group 1. 

Rutherford’s studies of the scattering of a particles and Moseley’s 
work on X-ray spectra, which we shall take up in the chapter on 
“Radiations and Spectra,” have shown that the atomic number 
rather than the atomic weight of an element fixes its position in 
the table and determines its chemical and physical properties. 

(2) The unique 'position of h'ydrogen. Hydrogen is the only 
element in the first period of the periodic table, and it does not fit 
into any of the eight groups. Mendel6eff placed it in Group I, 
with the alkali metals; but it resembles these elements only in 
its valence toward oxygen and its ability to form positive ions. 
In certain respects it is actually nonmetallic — taking the place 
of a 'negative element in the hydrides it forms with the active 
metals. Thus in lithium hydride the hydrogen is negatively 
charged, for it appears at the anode when the molten hydride is 
electrolyzed. Hence hydrogen is in certain ways analogous to 
the halogens, and might with some reason appear in Group VII 
as well as in Group I. It finds no suitable place in Mendel6eff’s 
table. 

(3) The rare earths. In general, there is a well-marked and 
regular change in valence as we go from one element to the next 
in the periodic table. True, in Group VIII we find triads of 
elements which are unusually alike in physical and chemical 
properties; but these find a natural place in Mendel&ff’s table 
and cause no difficulty in the classification. Immediately fol¬ 
lowing barium, however, we find a whole group of rather strongly 
basic, metallic elements known as the rare earths. Mendelfeff’s 
table left blanks for a whole series of elements between barium 
and tantalum, but we now know that there are only sixteen of them 
— lanthanum, cerium, praseodymium, neodymium, illinium, 
samarium, europium, gadolinium, terbium, dysprosium, holmium, 
erbium, thulium, ytterbium, lutecium, and hafnium. These are 



OTHER FORMS OF THE PERIODIC TABLE 


25 


not enough to fill a whole series of eighteen, and furthermore the 
properties of the first fifteen do not warrant such an arrangement. 
Hafnium is clearly an analogue of zirconium and belongs in Group 
IV, where Mendel4eff placed lanthanum. Lanthanum itself 
belongs in Group III, having a positive valence of 3 and falling 
in the same group with scandium and yttrium. Cerium shows 
a valence of 4, is analogous to thorium, and may be placed in 
Group IV; but the thirteen elements following it all show a char¬ 
acteristic valence of + 3 and are so similar to each other and to 
lanthanum that they are nearly impossible to separate. The 
existence of a whole series of elements in the place where the 
Mendel6eff table has room for only one is, of course, a serious 
defect in the table. 

The properties of the rare earths, such as atomic volume, fit 
into a graphical representation quite regularly, and hence these 
elements are no exceptions to the general periodic law, but their 
presence shows that the periodicity is more complex than Men- 
del6eff assumed. 

Other Forms of the Periodic Table. Since the time of Men- 
del6eff other forms of the periodic table have appeared. A three- 
dimensional arrangement was devised by W. D. Harkins,^ of the 
University of Chicago. This spiral helix has the advantage over 
most other forms of the table that it is continuous, the end of 
each period joining the beginning of the next so that there are no 
sudden breaks where, in fact, none occur in nature. A horizontal 
projection of this helix results in a spiral table radiating from 
hydrogen taken as the central element. Still another representa¬ 
tion devised by Thomsen in 1895 and used by Bohr in dis¬ 
cussing atomic structure is known as the “long form^^ of the 
table (see Table 9, page 26). It is a development of the first 
form of Mendel6eff's table, in which the long periods are not 
doubled back but are extended as one row of elements. In some 
respects this is preferable to Mendelfell’s “short form.^^ It has 
been taken as the basis for application of the theory of electron 
distribution in the atoms in Chapter 23 of this book. 

Summary 

Robert Boyle (1661) introduced the modern definition of an 
element as a simple substance, superseding the older hazy idea of 

1 Harkins and Hall, Journal of the American Chemical Society, 38, 169 (1916). 
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elements as characteristics. The few elements known to the 
ancients or found by the alchemists were augmented rapidly 
during the last century and a half. The new discoveries came 
not uniformly but in pulses, following the development of new 
research tools of greater precision or the announcement of stimu¬ 
lating new theories. Now all the ninety-two elements from 
hydrogen to uranium have been discovered. 

TABLE 9 

The Thomsbn-Bohr Form op the Periodic Table 



U-11 

Be-12 

B-13 

C-14 

N-15 

0-16 

F-17 

Ne-18 



The elements may be classified as metals^ metalloids, or nonr 
metals, half of them belonging in the second group. They may 
also be classified according to the reactivity series. These classi¬ 
fications are incomplete and fragmentary compared to the periodic 
system, which Mendel6eff and Lothar Meyer announced in 1871. 
It came as the culmination of three quarters of a century of thought 
and work by many men, of whom Dalton, Prout, Dobereiner, 
Pettenkofer, and Newlands were outstanding. 

The construction of the table brings out the periodicity of 
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chemical and physical properties. The table enabled Mendel6eff 
to classify all the elements satisfactorily, to correct several erro¬ 
neous atomic weights, and to predict the existence and properties 
of undiscovered elements with remarkable exactness. 

Mendelfeff^s short form of the table gives no place for hydrogen 
or the rare earths and groups together in the two subgroups 
elements with little in common. The long form of Thomsen and 
Bohr or the helix of Harkins avoids some of these difficulties. 
There are three pairs of elements (A and K, Co and Ni, Te and I) 
whose place in any table cannot be fixed by their atomic weights. 
The older statement of the periodic law — that the physical and 
chemical properties of the elements are periodic functions of their 
atomic weights — must be amended in the light of more recent 
knowledge and stated in terms of atomic numbers, 

PROBLEMS AND EXERCISES 

1. Assuming that ekasilicon is between silicon and tin in the same 
subgroup of the periodic table, from the data given below calculate the 
atomic weight of ekasilicon and the density and boiling point of its tetra¬ 
chloride. Compare your predictions with those given by Mendel^eff. 

Silicon Tin 

Atomic weight. 28.06 118.70 

D. tetrachloride, g./cm^. 1.483 2.226 

B. p. tetrachloride.59.6® C. 114.1° C. 

2. Predict the general properties of virginium, No. 87, from those of 
the known alkali metals; the atomic weight, with the aid of Table 5; 
and from the data given below, the density of the element and the 
density and melting point of the chloride. 


A Potassium Rubidium Cesium 
D. element, g./cm^. . , W , . . , 0.83 1.53 1.90 

D. chloride, g./cm®. 1.99 2.76 3.97 

M. p. chloride. 772° C. 717° C. 646° C. 


3. Predict the general properties of alabamine, No. 85, from those of 
the known halogens; the atomic weight, with the aid of Table 5; and 
from the data given below, the heat of formation of the hydride, the 
density and the solubility of the potassium salt. 

Chlorine Bromine Iodine 
Ht. of formation of hydride, Cal./mole 22.0 8.6 — 6.0 

D. of potassium salt, g./cm*. ... 1.99 2.75 3.13 

Sol. potassium salt at 0° C., g:/l. . . 276 535 1275 
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4. Plot the coefficients of compressibility of the elements given in 
Table 6 against their atomic numbers and predict the coefficients of com¬ 
pressibility of vanadium and tellurium. 

5. Make a similar plot of the coefficients of thermal expansion and 
predict the coefficient for germanium, scandium, titanium, and vanadium. 

6. Plot the densities and melting points of the elements given in 
Table 6 against their atomic numbers, using such a scale that both curves 
can be put upon a single sheet of graph paper. Do these curves show a 
periodic variation ? How do they compare with the atomic volume curve 
and the other curves of Figure 3 ? 

7. Plot the specific electrical resistance of the elements and their 
relative hardness against their atomic numbers. Are the curves periodic ? 
Do they parallel each other? Do they parallel the curves plotted in the 
preceding exercise? What function of these same properties could you 
use which would make these properties parallel the atomic volume curve? 
Make the plot using this function. 

8. From the curves of the last exercise predict the specific electrical 
resistances of titanium and masurium; the approximate hardness of 
rhodium, germanium, and masurium. 
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CHAPTER 2 


CHEMICAL COMBINATION AND THE ATOMIC 
THEORY 

The Laws op Chemical Combination 

The pattern according to which all the myriad compounds are 
formed from the elements may be described by means of five 
simple generalizations: (a) the law of the conservation of mass, 
(b) the law of definite proportions, (c) the law of multiple propor¬ 
tions, (d) the law of chemical equivalence, (e) Gay-Lussac’s law 
of reacting volumes of gases. 

A natural law is a generalization, based upon experience, which 
describes the behavior of a group of substances under a specified 
set of conditions. It is usually discovered inductively from a 
study of the behavior of a great many substances, although some¬ 
times it is inferred deductively or first advanced as a scientific 
guess or hypothesis. Deductive generalizations and h 3 Tpotheses 
must be passed upon by the Supreme Court of Science — the test 
of careful experiment — before they can be accepted as laws. 

Some laws hold in every case, within the limits of experimental 
accuracy, and are classed as exact laws. Among these are the 
first four of the laws of chemical combination. Others, like the 
fifth law given above, the gas laws, and the laws of solution, which 
we will study later, represent a general tendency of a group of 
substances, but do not describe the behavior of any one substance 
exactly. Such approximate laws are often extremely useful, 
because they enable us to remember the general behavior of a 
whole group of substances; but the student should clearly dis¬ 
tinguish between exact and approximate laws, so as to know how 
far he can rely upon each in dealing with particular problems. 
Thus a student would be wasting his time in blaming an unsuc¬ 
cessful analysis on a failure of the law of the conservation of mass, 
but he might need to consider deviations from the “perfect gas 
laws” if he were dealing with a gas under high pressure or near 
its liquefying temperature. 

The law of the conservation of mass states that the products of 
a chemical reactum have the same mass as the reagenis. In other 

29 
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words, mass is neither c reated nor destroyed during a chemi cal 
reaction. 

The philosophical dogma that matter is indestructible has been 
held widely at least as far back as the fifth century b.c. Thus 
Anaxagoras {dr. 450 b.c.) wrote: ^ 

“Wrongly do the Greeks suppose that aught begins or ceases to 
be; for nothing comes into being or is destroyed; but all is an aggre¬ 
gation or secretion of pre-existing things; so that all becoming might 
more correctly be called becoming mixed, and all corruption, becoming 
separate.’^ 

To us at the present time, the indestnictibility of matter 
seems axiomatic. During the Middle Ages, however, the idea 
was often challenged. Uncritical observers thought they had 
proof to the contrary when they pointed to the candle consumed 
by the flame, or the rusted iron which outweighed the original 
metal. Only an understanding of gases and a careful weighing 
of these elusive constituents could decide the argument. Such 
experiments Lavoisier ^ first carried out when he converted tin 
and other metals into their oxides in sealed flasks, so that no air 
could enter or escape. He satisfied himself of the truth of the law 
and used it as the basis of his chemical equations. His experiments 
were accurate only to about 0.2 per cent, but later work has 
verified the law within much smaller limits. Hans Landolt, 
famous editor of the Physikalisch-Chemische Tahellen, carried out 
at the University of Berlin a series of very painstaking investiga- 

^ Quoted from The Study of Chemical Composition by Ida Freund, Cambridge 
University Press (1904). 

* Antoine Laurent Lavoisier (1743-1794), eminent French chemist, ranks as 
one of the founders of modern chemistry, even though chemists of other countries 
may not fully agree with the famous statement of his compatriot Wurtz : “Chem¬ 
istry is a French science. It was founded by Lavoisier of immortal fame.” His 
experiments proving that combustion always involved the combination of a sub¬ 
stance with oxygen overthrew the phlogiston theory of burning. He also showed 
the important part played by oxygen in the process of respiration. Lavoisier was 
a trained physicist and one of the first to introduce the balance in chemical investi¬ 
gations. This led him to the first experimental proof of the conservation of mass 
during a chemical reaction, upon which he based the chemical equation. 

He collalx)rated in developing our modern system of naming compounds accord¬ 
ing to their chemical composition. What a debt we owe to the men who intro¬ 
duced modern names like “antimony trichloride” instead of the older “butter of 
antimony” and “tin tetrachloride” for “spiritus fumans Libavii”! He popular¬ 
ized this new nomenclature in his famous text Le TraiU JSUmenfaire de la Chimie 
(1780), in which he also listed those substances which he considered elements 
according to Boyle’s definition. 

Lavoisier did much useful work for the government. Unfortunately he served 
on the board of Farmers-General of Revenue, and when this board came into 
disfavor at the time of the Revolution he was guillotined. The judge answered 
a plea for leniency on the basis of his scientific work with the cynical remark: 
“La R6publique n’a pas besoin de savants,” 
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tions, which he began in 1893 and completed in 1908.^ He used 
glass reaction vessels shaped like an inverted U, the limbs consisting 
of cylinders, joined at the top by a curved tube of smaller diameter. 

Solutions of the reacting substances were introduced into the 
cylinders through side arms, which were then hermetically sealed 
at A and B, A pair of these reaction vessels, carefully matched 
for surface and volume of glass, were placed on the opposite arms 
of an extremely sensitive balance. The very small difference in 
weight, a few milligrams at most, was determined within about 
0.03 mg. One of the reacting vessels was then tilted so as to mix 
the solutions. After all the heat of the reaction had been dissi¬ 
pated, and the apparatus brought again to the initial temperature, 
the weights of the two vessels were again 
compared. Finally, the reaction was car¬ 
ried out in the second vessel and another 
comparison of weights was made. After 
he had tracked down and eliminated many 
sources of small systematic errors, Landolt 
concluded: ^^The final result of the whole 
investigation shows that in all of the 15 
reactions studied, a change in the total 
weight of the bodies has not been de¬ 
tected beyond the limit of his experi¬ 
mental error (about 0.00001 per cent). 

J. J. Manley, of Magdalen College, Oxford, in 1913 carried out 
a similar series of experiments and reached the same conclusion.^ 
We may therefore regard the law of the conservation of mass in 
the case of ordinary chemical reactions as proved within one part 
in ten million. 

Within recent years some evidence has been discovered which 
indicates that this law may not hold exactly for changes which 
liberate very large amounts of energy. Einstein and others have 
advanced the hypothesis that matter may be converted into 
energy and similarly may be formed from energy. According 
to their calculations, one gram of mass corresponds to 9 X 10^ 
ergs,^ or twenty million million calories. Even such a violent reac¬ 
tion as the combustion of carbon in oxygen yields only about 10,000 

^ Zeitschrift filr physikaJische Chemie, 64, 581 (1908). 

* Transactions of the Royal Society. Lonaon, 812 A, 227 (1913). 

»F. Soddy, The Interpretation of the Atom, New York, G. P. Putnam’s Sons, 
1932, pp. 196, 197. 
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calories per gram of carbon, which would correspond to a decrease 
of mass of only about 4 X 10“® g. Such a change would be im¬ 
ponderable on the best balance. In the case of radioactive changes, 
which involve much larger amounts of energy, the change of mass 
might be detectable, but no experiments of the type carried out 
by Landolt and Manley have yet been made. 

The law of definite proportions states that when two elements 
form a compound^ they unite in a certain definite proportion by weight. 
In other words, the composition by weight of a pure compound is 
always the same. 

Regardless of its source or of the process by which it is made, 
a pure chemical compound always contains the same elements in 
precisely the same weight ratio. Sucrose, for example, may come 
from the sugar cane of Louisiana, from the sugar beet of Wisconsin, 
or from the maple tree of Vermont. Whatever its origin, when 
properly purified it will always analyze 42.09 per cent carbon, 6.48 
per cent hydrogen, and 51.43 per cent oxygen. 

This law seems to us, in the fourth decade of the twentieth 
century, as axiomatic as the law of the conservation of mass. It 
is certainly as fundamentally important, and it too was established 
by careful experiment. At the beginning of the nineteenth cen¬ 
tury (1802-1808) this concept formed the basis of a lively contro¬ 
versy. Berthollet ^ advanced the view with which many agreed, 
that elements might combine in varying proportions determined 
simply by the amounts of the elements available. Proust ^ con¬ 
tended that elements always combined in a fixed proportion by 
weight. Berthollet thought that elements like iron and sulfur, 
for example, did not combine necessarily in the ratio of 56 to 32 
by weight; on the contrary, if some other weight of sulfur, say 
17 grams, were heated with 56 grams of iron, the result would be 
73 grams of iron sulfide, and the ratio would be 56 to 17. 

Whenever Berthollet described a case of variable composition, 
Proust was able to show that he was dealing with a mixture either 


^ Claude Louis Berthollet (1748-1822). This illustrious French chemist started 
his career as a successful physician in Paris. Later he turned to chemistry and, 
with Lavoisier, de Morveau, and Fourcroy, worked out a systematic chemical 
nomenclature. He taught chemistry to Napoleon, from whom he received many 
honors during the Consulate and Empire. Ho was one of the first to realize the 
importance of quantities in determining the course of what we now call reversible 
chemical reactions. He jumped to the incorrect conclusion that quantities of re¬ 
actants determine the composition of compounds. 

* Joseph Louis Proust (1765^1826) was also a talented French chemist. He 
was a professor at Madrid during the time of his famous controversy with Berthollet. 
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of two definite compounds or of a compound and one of the free 
elements. The controversy, which was carried out with brilliance 
and unfailing courtesy on both sides, attracted wide interest and 
stimulated a great deal of study and research. The data which 
were accumulated supported the contentions of Proust. Dalton^s 
atomic theory, enunciated at this time, offered a satisfactory 
explanation of the law, so that shortly after 1808 the definite 
composition of chemical compounds became generally accepted 
as one of the fundamental facts of chemistry. 

Subsequent work has emphasized the exactness of the law of 
definite proportions. Thus Stas,^ in his study of the ratio in which 
silver and chlorine combine to form silver chloride, synthesized 
the compound in four different ways and found the same com¬ 
position to within about 0.002 per cent in all four cases. In each 
experiment the starting point was metallic silver, purified with 
extreme care by means of a long series of chemical operations. 
This was weighed and then converted into silver chloride, which 
after separation from the other substances present was fused ^ 
and finally weighed. From these data Stas calculated the ratio 
of silver chloride to silver. 

(1) The silver was heated in chlorine gas, and the resulting silver 
chloride was fused first in a current of carbon dioxide to remove 
any excess chlorine and then in a current of dry air. 

(2) The silver was dissolved in a solution of nitric acid. The 
chloride was precipitated by the addition of gaseous hydrochloric 
acid gas. The volatile substances were removed by careful evapo¬ 
ration, and the silver chloride was finally fused, first in a current 
of hydrogen chloride gas to avoid possible hydrolysis by the steam, 
then in dry air. 

(3) The silver was dissolved as in (2), then precipitated by 
means of a solution of hydrochloric acid. The chloride was 
filtered, washed, and fused as before. All the liquids were evapo¬ 
rated to determine the amount of silver chloride they carried away. 

1 Jean Servais Stas (1813-1891). This famous Belgian chemist is remembered 
chiefly for his extremely accurate work in atomic weights. This work was started 
in Paris where as a young man he collaborated with Dumas in determining the 
atomic weight of carbon. He continued the work in Brussels while teaching at 
the ficole Royale Militaire. He was favorably impressed with Prout’s hypothesis 
and set himself to determine as many atomic weights as possible in order to see 
if they were exact multiples of that of hydrogen. Moore in his History of Chemistry 
says that the work of Stas “represents the maximum of human patience applied 
to quantitative analysis.” 

* No compound can be freed from the last traces of moisture except by fusion 
in a dry atmosphere, which is the final step in each of these processes. 
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(4) The silver was dissolved as in (2), and precipitated with a 
solution of ammonium chloride. The precipitate was filtered, 
washed, and fused. The excess ammonium salts in the filtrate 
and washings were destroyed by means of gaseous chlorine, and 
the silver chloride in these liquids recovered as before. 

The ratios found by these four different methods were: 

(1) 1.32842 

(2) 1.32848 

(3) 1.32848 

(4) 1.32842 

Av. 1.32845 

The Law of Multiple Proportions. As an inevitable conse¬ 
quence of the intensive study of combining ratios during the 
opening years of the last century, Dalton and others brought out 
the fact that many elements could combine in several different 
ratios, forming a series of different compounds. The compounds 
of such a series are, moreover, related in a very simple way. When 
two elements unite to form more than one compound^ a fixed weight 
of one is found to unite with weights of the other which are in the ratio 
of small whole numbers. For example, hydrogen and oxygen unite 
to form two different compounds, water and hydrogen peroxide. 
Water is composed of 11.2 per cent hydrogen and 88.8 per cent 
oxygen; hydrogen peroxide is 5.9 per cent hydrogen and 94.1 per 
cent oxygen. The weights of hydrogen found combined, in the 
two compounds, with any given weight, say 10 grams of oxygen, 
are in simple ratio, 1.26:0.63, or 2:1, thus fulfilling the 
law. 

The law of multiple proportions has stood the test of the most 
accurate analytical research which has been focused upon it during 
the last century. As an example, we may take the analysis of 
three gaseous oxides of nitrogen.^ Guye and Bogdan found that 
nitrous oxide contained 1.75100 parts of nitrogen to one of oxygen; 
Gray found 0.87563 part of nitrogen to one of oxygen in nitric 
oxide; Guye and Drouginine showed that in nitrogen peroxide 
0.43782 part of nitrogen was combined with one of oxygen. These 
three numbers are in the ratio 3.9994:2.0000:1.0000, confirming 
the law of multiple proportions to within 0.02 per cent. 

^ The data here tabulated were assembled by J. N. Friend, to whose compre¬ 
hensive Textbook of Inorganic Chemistry, Vol. 1, pp. 10-11, the reader is referred 
for further details and for the references to the original work. 
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The Law of Chemical Equivalence.^ The preceding laws of 
chemical combination dealt with individual compounds or simple 
series of compounds. The present generalization, which is not 
always exphcitly stated, is a principle of wider application. It may 
be stated thus: The weights of any two substances, whether elemenr 
tary or compound, that are chemically equivalent to the same weight 
of a third substance are chemically equivalent to each other. The 
generalization holds true for elements that combine with or dis¬ 
place one another, for compounds that interact, and for reactions 
involving both elements and compounds. Chemically equivalent 
quantities of two elements are not usually equal in weight any 
more than ten pennies are equal in weight to one dime. To make 
clear the meaning of the law we may examine a few examples. 

(1) By experiment it is found that 32.06 g. of sulfur combine 
with 55.84 g. of iron to form 87.90 g. of ferrous sulfide. Hence 
32.06 g. of sulfur are equivalent to 55.84 g. of iron. Also, it is 
found that 32.06 g. of sulfur combine with 63.57 g. of copper, and 
so 32.06 g. of sulfur are equivalent to 63.57 g. of copper. According 
to the law 55.84 g. of iron are equivalent to 63.57 g. of copper. 
In this case the result may be verified. The weight of copper dis¬ 
placed from a solution of a cupric salt by 55.84 g. of iron is 
63.57 g. 

(2) The weight of hydrogen chloride that neutralizes 20.00 g. 
of sodium hydroxide is 18.23 g.; the same weight of hydrogen 
chloride neutralizes 28.05 g. of potassium hydroxide ; hence 20.00 g. 
of sodium hydroxide are equivalent to 28.05 g. of potassium 
hydroxide. This result cannot be directly verified, but the 
equivalence is readily understood. 

(3) Finally, 72.93 g. of hydrochloric acid will react with zinc 
to evolve 2.0156 g. of hydrogen, and 2.0156 g. of hydrogen will 
combine with 16.000 g. of oxygen to form water; therefore 72.93 g. 
of hydrochloric acid are equivalent to 16.000 g. of oxygen. 

Each of the examples above is a complete proposition in itself. 
The equivalent weights are not dependent upon chemical equations 
or any theoretical assumptions, but rest directly upon experimental 
results. Indeed, the word equivalent apparently was first used in 
the chemical sense by Cavendish, in 1767, to designate the quanti¬ 
ties of fixed alkali (potassium carbonate) and ‘4ime^' which 
would neutralize the same weight of the same acid. 

1 Sometimes called the Law of Reciprocal Proportions. 

MGC— 4 
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In order to bring all equivalent weights into one consistent 
system, it is only necessary to choose an arbitrary weight of some 
one substance as a standard. The equivalent weight of any other 
substance may then be determined by a series of experiments of 
the type outlined above. In the past, several standards have been 
used, but the most convenient standard substance is oxygen, 
which combines directly with nearly all other elements. The 
present standard of equivalent weights is 8.000 units of oxygen. 
The equivalent weight of any element or compound is therefore defined 
as the weight of the element or compound which is chemically equivalent 
to 8.000 units of oxygen. The gram equivalent weight is the weight 

which is equivalent to 8.000 g. of 
oxygen. 

An example will show how we 
can determine equivalent weights 
directly or through a series of ex¬ 
periments. 

The reaction of 1.008 g. of hy¬ 
drogen with 8.000 g. of oxygen 
forms water; hence the equivalent 
weight of hydrogen is 1.008. In 
hydrogen chloride, 1.008 g. of hy¬ 
drogen is combined with 35.457 g. of chlorine. Therefore 35.457 
is the equivalent weight of chlorine. Similarly, 35.457 g. of 
chlorine is combined with 107.880 g. of silver in silver chloride. 
The equivalent weight of silver is therefore 107.880. This is 
proved by direct experiment, for 107.880 g. of silver are com¬ 
bined with 8.000 g. of oxygen in silver oxide. In like manner, 
35.457 g. of chlorine may be combined with 8.000 g. of oxygen to 
form chlorine monoxide. 

Most elements exhibit more than one equivalent weight, since 
they combine with other elements to form more than one com¬ 
pound. We can indeed state the law of multiple proportions very 
simply in terms of the different equivalent weights thus; 

If an element has two or more equivalent weights, they are in the 
ratio of small whole numbers. 

Gay-Lussac’s Law of Reacting Volumes. In 1805 Gay-Lussac ^ 
and Alexander von Humbolt made a very careful study of the 

^ Joseph Louis Gay^-Lussac (1778-1860) received an excellent education in Paris. 
There he became assistant to Berthollet, who once remarked to him, “Young man, 
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Hydrogen 
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proportions by volume in which hydrogen and oxygen gases com¬ 
bined. If the gases were measured at the same temperature and 
pressure, they found that 200 volumes of hydrogen always united 
with 100 volumes of oxygen, regardless of which gas originally had 
been present in excess. To see if this simple volume relationship 
were generally true, Gay-Lussac proceeded to investigate the ratio 
by volume in which other gases reacted. By 1808 he had proved 
that many gaseous reactions showed equally simple volume rela¬ 
tions. For example, he showed that: 

1 volume of hydrogen chloride reacts with 1 volume of ammonia 
to form ammonium chloride; 

1 volume of carbon dioxide reacts with 2 volumes of ammonia and 
with water to form ammonium carbonate ; 

2 volumes of sulfur dioxide react with 1 volume of oxygen to form 

2 volumes of sulfur trioxide; 

2 volumes of carbon monoxide react with 1 volume of oxygen to 
form 2 volumes of carbon dioxide. 

Gay-Lussac was convinced that the facts he had discovered repre¬ 
sented a general law, and subsequent work has corroborated this 
idea. 

Berthollet reported that: 

2 volumes of ammonia decompose into 1 volume of nitrogen and 

3 volumes of hydrogen, 

and Sir Humphry Davy decomposed the oxides of nitrogen and 
determined ,^’ieir composition by volume, as follows: 

2 volumes of nitrous oxide produce 2 volumes of nitrogen and 1 
volume of oxygen; 

2 volumes of nitric oxide produce 1 volume of nitrogen and 1 vol¬ 
ume of oxygen; 

your destiny is to make discoveries/’ This was indeed the case, for he held profes¬ 
sorships of physics and chemistry in Paris and devoted his whole life to brilliant 
research. From the very beginning he was interested in the behavior of gases 
and made two daring balloon ascensions in 1804 to test the composition of the air 
and the magnetic effects at high altitudes. In addition to establishing the law of 
reacting volumes, he prov^jthat the volume of a given mass o f an y gas is p ropor- 
tiftpal to absQluEaZtemperature. He "made important conitributibhsTo almost 
every existent branch of chefhT^fy and physics. Most of his papers appeared in 
the Annales de Chimie et de Physique, which he edited foi many years. His classic 
work on iodine and its compounds and cyanogen and its compounds was most 
important. In collaboration with Th^nard he reduced potassium hydroxide to 
the metallic state with iron, isolated boron from boric acid, studied the properties 
of chlorine, and carried out some of the earliest fundamental work in organic 
chemistry. 
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2 volumes of nitrogen dioxide produce 1 volume of nitrogen and 

2 volumes of oxygen. 

Gay-Lussac’s law of reacting volumes may be stated as follows: 

There is a simple ratio between the volumes of gaseous reactants and 
products in any chemical reactiony provided these volumes are measured 
at the same temperature and pressure. 

This law of Gay-Lussac’s is an extremely useful generalization, 
but it represents a general trend, and it is not such an exact relation¬ 
ship as those of the first four laws of chemical combination. Real 
gases do not all behave in the simple manner predicted by the gas 
laws (as we shall see in the next chapter), and the small deviations 
from Gay-Lussac’s law of reacting volumes are due to these 
deviations from the laws of ideal gases. Very careful recent 
measurements of reacting volumes of gases, measured at 0® and 
1 atmosphere pressure, give ratios like the following: 


In water: 

Volume hydrogen 

2.0025 


Volume oxygen 

1.0000 

In nitric oxide: 

Volume nitrogen _ 

1.0026 


Volume oxygen 

1.0000 


Dalton’s Atomic Theory 

All the laws of chemical combination may be correlated and 
explained on the basis of the chemical atomic theory which John 
Dalton ^ advanced in 1803 and published in his New System of 
^hemical Philosophy, in 1808, Dalton’s theory is almost unique 
in its simplicity and in the complete success which it has met in 
the century and a quarter since he advanced it. We may list 
>Dalton’s postulates as follows: 

(1) All matter is composed of extremely small particles called 
atoms. 

(2) It is between these atoms that chemical combination takes 
place. 

^ John Dalton (1766-1844) was the son of a poor Quaker weaver. From the time 
he was twelve years old, he supported himself by teaching in various schools and 
academies and by tutoring. He could never afford any but the crudest apparatus 
and was not a skilled experimenter, but his brilliant scientific mind overcame these 
handicaps. He turned to the careful study of whatever subjects presented them¬ 
selves — first, his own color-blindness and then meteorology. The latter led him 
to a study of gases and the discovery of the laws of partial pressure. This in turn 
interested him in the atomic theory, which he applied with such brilliant success 
to the explanation of the laws of chemical composition. 
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(3) The atoms are indivisible — as Dalton said, ‘^Thou canst 
not cut an atom.” 

(4) All atoms of the same element are identical in properties, 
including weight. 

(5) Atoms of different elements have different properties and 
different weights. 

(6) Chemical compounds are made up of small numbers of 
atoms. 

The law of conservation of mass followB^ir om these postula tes. 
Dalton was familiar with the ideas of Newton, who had spoken of 
the ultimate particles of matter as “incomparably harder than any 
porous bodies compounded of them, even so very hard as never to 
wear or break in pieces.” Hence if chemical reactions involve 
simply a rearrangement of these atoms, there can be no change of 
mass during a chemical reaction. 

The law of constant composition also follows directly, for a 
given compound always consists of the same relative numbers of 
the same atoms. If every atom of the same element always has the 
same mass, the compound always must have the same composition. 

The law of multiple proportions is a necessary consequence of 
Dalton^s theory. Indeed, Roscoe and Harden ^ have shown that 
he actually deduced this law from his theory and then checked it 
by his experiments instead of evolving the theory to explain his 
observations. If two elements, A and B, form a series of com¬ 
pounds, these must be represented by such formulas as AB, A 2 B, 
ABs, A 2 B 2 . Comparing any two of these, we see that there is an 
integral ratio between the number of atoms of A which are combined 
with a fixed number of atoms of B; hence, by the fourth postulate, 
there must also be the same ratio between the masses. To use 
one of Dalton^s own illustrations, in the two oxides of carbon which 
he formulated thus: 


•O 0«0 

the second will contain twice as many atoms of oxygen per atom 
of carbon as the first, hence twice as great a weight of oxygen per 
unit weight of carbon. 

The law of chemical equivalence follows from the idea of com¬ 
bination between atoms each with a fixed capacity for combination. 

' Roscoe and Harden, A New View of Dalton's Atomic Theory^ Macmillan (1896). 



40 CHEMICAL COMBINATION AND ATOMIC THEORY 


Let us assume that one atom of an element A will combine with 
three of an element B. If one atom of A will also unite with two 
atoms of C, then we should expect that three atoms of B would 
unite with two of C. In other words, we assume that the ratio in 
which the atoms of B and C combine with any fixed number of 
atoms of A is the same as the ratio in which they would combine 
with each other. Then if the weights of the individual atoms are 
always the same, the weights of any two elements which are equiva¬ 
lent to a fixed weight of a third element must be equivalent to each 
other. 

Gay-Lussac^s law of combining volumes does not follow from 
Dalton’s theory without some additional information about the 
volume occupied by the individual molecules. We must combine 
with Dalton’s original assumptions the famous hypothesis which 
Amadeo Avogadro (1776-1856) advanced in 1811 —that equal 
volumes of gases at the same temperature and pressure contain equal 
numbers of molecules. Then we see that if the numbers of atoms 
which combine are in the ratio of small whole numbers so also must 
be the volumes of the gases. Strangely enough, Dalton himself 
considered this question in 1807, and decided against such a 
hypothesis. He did not accept Gay-Lussac’s law, because he 
wrongly considered his own experimental results, which gave less 
simple ratios, more accurate than Gay-Lussac’s. 

It seems strange to us that Avogadro’s hypothesis, which is the 
very keystone of our fundamental chemical theory, was not gener¬ 
ally accepted for nearly fifty years after it first appeared in the 
Journal de Physique, During this time the scientific world was 
vexed by many questions which this hypothesis finally answered. 

A Criticism of Dalton’s Postulates. We have already remarked 
upon the notable success of Dalton’s atomic theory during the 
century following its enunciation. Without denying the merit of 
this success, we are led by our present knowledge of the atom to 
challenge the correctness of all but two of his postulates as we 
have written them on pages 38 and 39. We fully agree that ‘‘all 
matter is made up of atoms” and that “it is between these atoms 
that chemical combination takes place.” Let us consider briefly 
the four remaining postulates; 

(3) “The atoms are indivisible.^^ Atoms of radioactive elements 
are breaking down spontaneously and continuously, and within 
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recent years attempts to decompose atoms artificially have 
met with undoubted success. We may no longer regard the 
atom as indivisible. Nevertheless, as the ultimate particle of 
chemical composition it does pass unchanged through ordinary 
chemical reactions. 

(4) ‘‘All atoms of the same element are identioal in weight ,We 
know that this is not the case. Most elements are made up 
of atoms with several different weights. In a piece of tin, 
for example, there are tin atoms of eleven different weights: 
112 , 114, 115, 116, 117, 118, 119, 120, 121, 122 and Yet 
these eleven isotopes of tin are practically idenndM m other 
properties, and they are almost always present in such un¬ 
varying proportions that the average weight of a tin atom, 
118.70, is as constant as though each atom weighed this 
amount. 

(5) “Atoms of different elements have different weights ,This 
too, we now know, is not always true. Atoms of different 
elements sometimes weigh the same. There are calcium atoms 
and potassium atoms each weighing 41 on the atomic weight 
scale. But the properties of the two isobares are very dif¬ 
ferent, as we know. 

(6) “ Chemical compounds are made up of small numbers of atoms.” 
This postulate is in accord, generally, with inorganic com¬ 
pounds, but for organic compounds it has long since been 
recognized as untrue. Proteins, for which molecular weights 
between 50,000 and 100,000 have been obtained, must contain 
thousands of atoms in the molecule. Even among the rela¬ 
tively simple paraffin hydrocarbons are found compounds like 
C 90 H 182 . The numbers of atoms involved cannot be considered 
small as Dalton intended the term to be 

We may ask ourselves the question: “Inasmuch as four out of six 
of Dalton’s postulates have been proved to be erroneous, does any¬ 
thing of value remain?” The answer is an emphatic “Yes.” 
The existence of isotopes and isobares, the fact that under peculiar 
conditions an atom may divide, and the fact that molecules of 
great complexity have been recognized, do not militate against the 
continued acceptance of the atomic theory, nor do they invalidate 
any of Dalton’s deductions from the theory. The real kernel of 
the theory, made up of the first two postulates, remains and, 
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indeed, is more finnly established today than ever. As we shall 
see (in Chapter 5), Dalton^s atomic theory is still of fundamental 
importance. 

Atomic and Molecular Weights. Since Dalton explained all 
chemical reactions on the basis of atomSf each with a characteristic 
weight, he naturally was interested in determining the relative 
weights of these upiversal building blocks. Here he ran into 
difficulties, for the results of cheiirical'’ailalysis could only tell him 
the equivalent weights of the constituents. He had no way of 
telling how many atoms of each constituent were contained in a 
molecule of the compound. Thus Dalton thought, from the 
analysis of Gay-Lussac and Humboldt, that water contained 7 
parts by weight of oxygen to 1 of hydrogen. If the formula was 
HO, the atomic weight of oxygen was 7 (based on H = 1, Dalton^s 
standard). If the formula was H 2 O, the atomic weight of oxygen 
was 14. Dalton did not know which formula was correct; so he 
arbitrarily chose the simpler one and wrote water HO. Similarly, 
he wrote ammonia NH. Unfortunately, Dalton’s assumption was 
not usually justified in the light of later knowledge. As one of the 
philosophers has said, ^'It is not Nature, but man who is simple.” 

As a matter of historical interest, we are giving here a list of the 
atomic weights of the nonmetals which Dalton published in his 
New System of Chemical Philosophy (1808): 

Hydrogen. . 1 Carbon . . 5 

Oxj^gcn . . 7 Sulfur . .13 

Azote (N) . 5 Phosphorus. 9 

Because of Dalton’s arbitrary assumption of the simplest formula, 
his values did not represent the true atomic weights, but his 
atomic theory stimulated research which finally solved the problem 
and allowed us to determine which multiple of the combining weight 
of an element was the atomic weight. We shall discuss this 
question in further detail in Chapter 5, under Fundamental 
Chemical Theory. 

During the last century the atomic weight was considered the 
most fundamental characteristic of an element. Many of the 
foremost chemists of that period spent years of effort/ in determining 
atomic weights with the greatest possible precision. As a result 
of this work new analytical processes were developed, and new 
facts were discovered about the chemical reactions of the elements. 
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We still use the phrase “atomic weight purityto describe the 
most highly purified material and we say that an analytical pro¬ 
cedure, carried out with the most meticulous care, is done with 
“ atomic weight accuracy.” 

The atomic weight of an element is defined as the weight of an 
atom of the element relative to the weight of an atom of some 
standard element. In the past many standards have been used: 
H = 1 (Dalton); 0 = 1 (Thomson); O = 10 (Wollaston); 

0 = 100 (Berzelius); O = 16 (Stas). Even as late as 1905,^ the 
International Committee on Atomic Weights listed the atomic 
weights of all elements referred to two standards, H = 1.000 and 
0 = 16.000. The next year that committee adopted the single 
standard O = 16.00, which is now in general use everywhere. 

The choice of this weight of oxygen is a matter of considerable 
convenience, since it makes all atomic weights greater than one, 
and gives more nearly integral values than any other standard. 
The atomic weight of an element is therefore defined as the average 
weight of one atom of the element relative to the average weight of one 
atom of oxygen which is given the arbitrary value of 16 WO, 

The unit of atomic weight is ^ of the average weight of the 
oxygen atom, just as the unit of metric weight is the standard 
kilogram kept in Paris. When we say that the atomic weight of 
silver is 107.880, we mean that: 

The weight of 1 atom of silver _ 107.880 
The weight of 1 atom of oxygen 16.0000 

In chemical calculations it is more logical, and frequently more 
convenient, to use as a unit of weight the gram atom of the element 
rather than the gram. The gram atom is simply the atomic weight 
of the element expressed in grams, e.g.: 

1 gram atom of hydrogen = 1.0078 grams 

1 gram atom of oxygen = 16.0000 grams 
1 gram atom of silver = 107.880 grams 

In order to convert the weight of the element in grams into the 
weight in gram atoms (g.a.), simply divide by the atomic weight; 
e.g.: 

12.2461 g. of iron = 

= 0.2193 gram atoms 
1 J. Am. Chem. Soc., 27 , 1 (1905). 
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If the weight of an element is given in gram atoms, the weight in 
grams is obtained by multiplying by the atomic weight; e,g.: 

0.09185 gram atoms of silver = 0.09185 X 107.880 g. 

= 9.9088 g. 

The molecular weight of an element or compound is defined exactly 
like the atomic weight and is referred to the same standard. The 
molecular weight of an element or compound is the weight of one 
molecule of the substance relative to the weight of one atom of oxygen 
taken as 16.000. 

As a unit in chemical calculations the gram molecule of an ele¬ 
ment or compound is frequently used instead of the weight of the 
substance in grams. It is used so constantly that it has been 
abbreviated to the word mole. 

A mole^^ or gram moleculCy of a substance is the molecular weight 
of the substance expressed in grams; e.g.: 

1 mole of chlorine = 70.914 g. 

1 mole of sucrose = 342.17 g. 

To convert weights in grams to weights in gram molecules, divide 
by the molecular weight; to convert weights in moles to weights 
in grams, multiply by the molecular weight. 

The atomic and molecular weights defined above are all relative 
to that of the oxygen atom and do not represent the metric weights, 
i.e.f the weights in grams, of individual atoms or molecules. We 
could find the metric weight of a single atom or molecule of any 
particular substance by dividing the gram atomic or gram molecu¬ 
lar weight by Avogadro’s number, N, the number of molecules in a 
gram molecular weight, or of atoms in a gram atomic weight. We 
could then carry out our chemical calculations with these metric 
weights of single atoms or molecules just as we now carry them 
out with atomic or molecular weights. However, we would gain 
nothing by this process. Instead, we would be dealing with in¬ 
conveniently small numbers, the absolute accuracy of which 
depended upon the value of Avogadro's number,, as well as the 
results of chemical analysis. Hence, there is little likelihood of 
the metric values replacing the present chemical system of atomic 
weights in chemical theory and practice. 

^ The terms formula weight, gram molecular weight and mol are sometimes used 
instead of mole. 
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The actual weights of individual atoms and molecules are all 
extremely small, since: 

Avogadro^s Number, N — 6.06 X 10*^ molecules per mole 

Thus we find that a single atom of oxygen weighs: 

16.00 -J- (6.06 X 1023) = 2.64 X 10“« g. 
(0.000,000,000,000,000,000,000,0264 g.) 

A few other values are included in Table 10. The student should 
check these values and calculate the metric weights of some other 
individual atoms and molecules. 


TABLE 10 

Weights of Atoms and Molecules 


Substance 

Atomic or Molecular 
Weight 

Weight of 1 Atom 

OR Molecule 

H 

J .0078 

0.166 X 10'2»g. 

0 

16.000 

2.64 X 10 w g. 

Oi 

82.000 

5.28 X10 2»g. 

U 

238.14 

39.30 X 10-« g. 

C02 

44.00 

7.26 X KH»g. 

Sucrose 

342.17 

56.46 X 10-«g, 

-:- 


\\^^Structure ot Atoms and Molecules. The 

ultimate particle of which matter is compos e^T 
beyond reasonable doubt that the atoms of the 
made up of still smaller particles. 


atom is not the 
It is now known' 
elements are 
In later chapters we shall 
discuss, in a more comprehensive way, the theory of atomic com¬ 
position and of atomic and molecular architecture; but in order 
to make clear various topics throughout the book which are more 
readily understood on the basis of the atomic structure concept, 
we give here a brief discussion of the main essentials. 

The particles composing the atom are of two kinds,^ protons 
and electrons. T|je proton is a particle, extremel y small compared 
with the atom, of mass nearly equalto that oflJi^^ atom, 

and bearing a positive electrical charge equal to the cha rg e carried 
bjiTHeTiydrogen ion in solution. The proton i^Tn fsiet, identical 

therefore with the nucleus 

> The discussion of the neutron and the positron and the possible part played 
by them in the building up of atoms will be found m Chapter 20. 
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of the hydrogen atom. electr on Laa a. maaa equal to about 

that of the hydrogen atom, and it carries a negative 
charge equal to the char^ of the pfotoH btri opposite in sign. 
It is generally considered to be a particle of negative electricity. 
The protons are segregated in the nucleus of the atom; their 
number in an atom corresponds with the atomic weight of the 
element. The electrons are, in part, segregated in the nucleus 
and, in part, distributed throughout the remainder of the atom — 
forming the main bulk of the atom. The extranuclear electrons 
arrange themselves in shells around the nucleus. Obviously, 
the mass of the atom, i.e., the atomic weight of the element, is 
determined by the number of protons in the nucleus. Most of 
the other properties of the element, particularly the chemical 
properties, are determined by the number and arrangement of 
the electrons outside the nucleus; apparently a given number 
of extranuclear electrons results in one definite arrangement. 
A hydrogen atom is composed of 1 proton and 1 electron; a sodium 
atom of 23 protons and 23 electrons, of which 12 are in the nucleus 
and 11 outside it; and a chlorine atom is made up of 35 protons and 
35 electrons, of which 18 are in the nucleus and 17 outside it. 
We may represent the make-up of these three elements thus: 


© 


-C-"-'‘t 



—4—- 

hydrogen 

sodium 

chlorine 


The union of one element with another to form a compound 
may be represented in two distinctly different ways in accordance 
with their known difference in properties. 

{a) Polar Compounds. When sodium combines with chlorine, 
reaction takes place presumably due to the tendency of each atom 
to acquire a comple te octet o f electrons in the outermost electron 
shell. As the foregoing diagram shows, the chlorine atom has 
7 electrons in its outermost shell; it tends to acquire, then, 1 addi¬ 
tional electron. The sodium atom has but 1 electron in its outer¬ 
most electron shell, and for this it has but slight attraction. Con¬ 
sequently, when the two are brought together, the sodium atom 
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loses the 1 electron; the chlorine takes it; the result is a “mole¬ 
cule” of sodium chloride. We may represent the reaction thus: 



sodium + chlorine ^ sodium chloride 


Each atom now has an outermost shell of 8 electrons — a complete 
octet. One ‘‘end^’ of the molecule, the sodium part, is positively 
charged because of the electron lost; the other ^'end,^^ the chlorine 
part, is negatively charged because of the electron gained. So 
there results, we may imagine, an elongated particle with a positive 
pole at one end and a negative pole at the other. Such a composite 
constitutes a polar molecule and serves to illustrate the nature 
of a polar compound. As pointed out elsewhere, the actual free 
existence of such a molecule in a crystal is improbable. 

For purposes of representing the interaction of atoms to form 
polar molecules a simpler method, introduced by G. N. Lewis, is 
often useful. Since only the valence electrons in the outermost 
shell have a part in the combination, the electrons in the inner 
shells are not shown in this simplified arrangement. Each atom 
is represented by its chemical symbol, surrounded by a number 
of dots equal to the number of valence electrons. Thus we may 
represent a sodium atom by Na* and a chlorine atom by • Cl:, the 
dots indicating the valence electrons. The union of the two atoms 
may then be written: 

Na- + -Ci:—>-Na'^:Ci:' 

(b) Nonpolar Compounds. In the formation of a nonpolar 
compound from its constituent elements, although the driving 
force of the combination may be ascribed to the tendencies of 
the two or more reacting atoms to form complete octets (a pair 
in the case of hydrogen) of electrons in their outermost shells, 
the tendencies are satisfied in a different manner. There is no 
complete loss of electrons by one atom and complete gain by 
another. Instead, the two atoms share a pair of electrons between 
them, each atom ordinarily contributing 1 electron to the shared 
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pair. For example, the formation of methane, CH4, from carbon 
and hydrogen, may be represented thus: 



carbon -f- hydrogen methane 


Using Lewises method of representation we may write: 

H 

H 

This concept of the essential difference between a polar and a 
nonpolar compound will be found useful in explaining various 
reactions and effects, including ionization. 

Summary 

All chemical reactions proceed according to five simple and 
general laws: 

(a) Mass is neither created nor destroyed during a reaction. 

(b) The weight composition of a pure compound is always the 
same. 

(c) When two elements form more than one compound, a fixed 
weight of one unites with weights of the other which are in the 
ratio of small whole numbers, 
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(d) Weights of any two substances which are equivalent to the 
same weight of a third substance are equivalent to each other. 

(e) In any reaction there is a simple ratio between the volumes 
of gaseous reactants and products, provided they are measured 
under the same conditions. 

The law of the conservation of mass has been proved exact to 
0.00001 per cent. The laws of constant composition, multiple 
proportions, and chemical equivalence hold within the limits of 
experimental error in all ordinary chemical reactions. Those re¬ 
actions involving the separation of isotopes, which have been 
studied in recent years, would prove exceptions to the first of 
these, while the last two would hold strictly only for single 
isotopes. 

Gay-Lussac’s law of reacting volumes holds approximately, 
not exactly. 

The postulates of Dalton’s atomic theory explain all the facts 
of chemical combination, although we now know that only two are 
correct. 

Atomic and molecular weights are based on the average weight 
of the oxygen atoms taken as 16.000. These are as useful as the 
actual metric weights of the individual atoms and molecules, and 
much more convenient. 

PROBLEMS AND EXERCISES 

1. Calculate the atomic weight of strontium on the atomic weight 
scales used by Dalton, Thomson, Wollaston, and Berzelius. 

2. How many gram atoms is 100 g. of each of the following elements? 

(a) hydrogen (c) zinc 

(b) sulfur (d) uranium 

3. How many grams in each of the following? 

(а) 1.5 g.a. aluminum (c) 10.75 g.a. barium 

(б) 0.25 g.a. sodium (d) 5.72 g.a. bismuth 

4. Calculate the metric weight of: 

(a) an atom of radium (6) an atom of helium 

5. Chromic oxide contains 68.43 per cent chromium; chromic anhy¬ 
dride contains 52.00 per cent chromium. Calculate the equivalent weights 
of chromium in these two compounds, and show that they fulfill the law 
of multiple proportions. 
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6 . Five hydrides of carbon are found by analysis to have the composi¬ 
tions given below. Calculate the weights of carbon combined with 1 gram 
of hydrogen and show that the law of multiple proportions is fulfilled in 
this case. 



Per Cent 

Per Cent 


Carbon 

Hydrogen 

Methane . 

.... 74.85 

25.15 

Acetylene . 

.... 92.27 

7.73 

Benzene 

.... 92.25 

7.75 

Ethylene . , 

.... 85.62 

14.38 

Ethane . , . 

.... 79.87 

20.13 
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CHAPTER 3 


THE GAS LAWS AND THE KINETIC THEORY 

The Gas Laws 

The study of gases has thrown a great deal of light upon the 
physical make-up of matter and upon the way in which chemical 
combination takes place. Since our fundamental chemical theory 
is so intimately related to and dependent upon a knowledge of 
gases, we shall find the subject worthy of careful and detailed con¬ 
sideration. In the development of the subject, we 
shall consider first the empirical laws which describe 
the behavior of gases and then the beautifully con¬ 
cise kinetic theory which explains all the properties 
of gases on the basis of a simple physical picture. 

One of the most striking characteristics of a gas is 
its ability to expand or contract, so as to fill com¬ 
pletely any vessel into which it is introduced. If 
it is compressed or heated, its volume will alter 
enormously; and this change in volume is described 
by means of the simple statements of the gas laws. 

Boyle’s Law. Robert Boyle (1627-1691), one of 
the founders of the Royal Society, already has been 
mentioned as the first to give our modern definition ^*8* 
of an element. But the author of The Sceptical 
Chymist is also famous for his study of gases.^ In 1662, twelve 
years after Otto von Guericke invented the air pump, Boyle carried 
out a series of experiments which utilized this new invention. 
He found that if a bladder were partly inflated and placed inside 
a vessel which was then exhausted, the bladder was distended. 
The decrease of the external pressure caused an increase in the vol¬ 
ume of enclosed gas. The enclosed air behaved like an elastic 
spring, and Boyle determined to study “the spring of the air” 
more fully. In order to make quantitative measurements, he 
employed a glass tube of uniform bore, bent in the form of a J 
(Figure 6). The shorter end was hermetically sealed. Mercury 

* A brief biography of Boyle is to be found in Findlay’s The Spirit of Chemistry, 
New York, Longmans, Green and Company, 1930, pp. 33 et seq. 
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was poured into the open end of the tube, which was fixed in a verti¬ 
cal position, until it filled the bottom of the bend and sealed off a 
fixed quantity of air in the small end. When the mercury stood 
at the same height in the two arms, the sample of air was known 
to be at the pressure of the atmosphere. This pressure was 
measured by means of a barometer. More mercury was then 
poured into the tube until it rose some distance in the open arm, 
thus compressing the sample of gas. The additional pressure was 
determined immediately from the difference between the mercury 
levels in the two tubes. The volume of the gas in each case was 
proportional to the height of the air column in the closed end, 
because of the uniform bore of the tube. By adding successive 
portions of mercury to the tube, Boyle determined the volume of 
the gas corresponding to different known pressures. Some of his 
results are given in Table 11. Boyle found that within his experi¬ 
mental error of about per cent, the volume of a given mass of gas 
varies inversely as the pressure applied to it, provided the temperature 
remains constant. This is illustrated by the fact that, when the 
length of the gas column is halved (reduced from 12 to 6 inches), 
the pressure is doubled (increased from 29^% to 58j-f inches). 


TABLE 11 

Boyle’s Results for the Chancje of the Volume of a Gar with Pressure, 
AT Constant Tempeuatuue 


DiFF’EHENCE in 
Mercury 
Levels 

Total Piikssurk 
IN Inches of 
Mercury 

Lenoth of 

Air Space 

IN Inches 

Product of 
Pressure and 
Length (Volume) 

0 

29* 

12 

360 


39* 

9 

354 


44* 

8 

354 

2 m 

5Si| 

6 

353 

48fi 



350 

SSI , 

117* 

3 

353 


Boyle^s law may be stated mathematically by means of the 
equation: 

PV — K (temperature and mass constant) 

where P is the pressure and V the volume of the gas and K is a 
constant. The truth of this law is shown by the agreement of the 
figures in the last column of Table 11. 
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If we plot the graph of this equation, using P and V as variables, 
we obtain the familiar right-angled hyperbola as shown in Figure 7. 
The experimental points, taken from Boyle's data, are seen to fall 
very close to the curve. 

The law may also be put into the form: 

PiF, = P,V^ or ~ 

y 1 

where the subscript i refers to the initial and 2 to the final state. 

Boyle's law is not exact but holds more and more closely at high 
temperatures and low pressures. A gas 
under high pressure or at a temperature 
near its liquefying point deviates widely 
from the predictions of the law. The 
explanation of this fact we shall discuss 
later. 

Charleses (Gay-Lussac’s) Law. In 

1787 the French physicist Charles in 
studying the behavior of gases found 
that hydrogen, oxygen, air, and carbon 
dioxide all expanded equally when 
heated from 0° to 80° C. In 1802 his 
compatriot, Gay-Lussac, was able to go 
much farther. He found that any gas 
when heated 1° G. at constant pressure expands of its volume 
at 0° C. The volume V of the gas at a temperature T C. is there¬ 
fore related to the volume Fo at 0° C., by the equation : 



The volumes Fi and F 2 at any two temperatures h and U are 
similarly related thus: 

Fj ^ 273 + U 
F 2 273 + 

For convenience, we put 

273 + ^ = T 

where T is the absolute temperature. The temperature on the ab¬ 
solute scale is designated by the abbreviation A. (absolute) or K. 
(for Kelvin, the great Scotch physicist). Thus we see that 
0° A. = - 273° C. and 0° C. = 273° A. Also 10° C. = 283° A. or 



Fig. 7. Boyle’^ Law Hyperbola. 
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283® K. (See Figure 8.) We can then express the law by the 
following very simple equation: 

Yi^h 

V2 T, 

The volume of a given mass of gas varies directly with the absolute 
temperature, provided the pressure exerted upon it remains constant. 

Although Gay-Lussac was chiefly responsible for the enunciation 
of this law, he generously gave the priority to Charles for his 
^ earlier work; hence the generalization is some¬ 

times called Charleses law, sometimes Gay- 
Lussac^s. 

The Combined Gas Law Equation. In order 
to show how the volume of a given mass of 
gas varies when both temperature and pressure 
change at the same time, we can combine 
Boyle/s law and Charles’s law into a single ex¬ 
pression. Let us start with a given mass of a 
gas, occupying a volume Fi at a pressure P\ 
and at the absolute temperature Ti. What will 
be the final volume V 2 which it will occupy at 


100°C. 


ox. 


-273°C. 


373°A 


273°A. 


O'-A. 


m 


Fig. 8. Comparison of 
the Centigrade and 
Absolute Temperature 
Scales. 


a pressure P 2 and at the temperature T 2 ? We 
can consider the change from the initial to the 
final conditions to be made in two steps: (1) a 
change from the pressure Pi to P 2 at constant 
temperature, and (2) a change from the temperature Ti to at 
constant pressure, according to the following scheme: 

Change T 
— (2) 

P constant 


--- Change P r-.. 

vj\T, -( 11 -^ \v/p/r 

- - T constant •-—- 




The first change is calculated from Boyle’s law: 

CiF. = P,\\' 

and the second from Charles’s law : 

II = 

T, t.^ 

Combining these equations so as to eliminate F/ gives: 

^ PjV, 

T, T, 

Since this holds for any value of P, F, and T, we may write: 

EZ 

T 


constant 
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The value of the constant depends on the quantity of gas. If we 
take one gram molecule of gas, the constant is universally designated 
by the letter R, Hence for one mole of any gas: 

PV = RT 

The Gas Constant R. The constant jB is of such general impor¬ 
tance that we shall consider its significance and show how it can be 
evaluated. Its absolute magnitude of course depends on the units 
in which we express P, F, and T just as the volume of a room will 
be expressed by a different number in cubic yards and in cubic 
centimeters. One mole of gas under standard conditions of tem¬ 
perature and pressure, i.e., 273° A. and 760 mm. of mercury (one 
atmosphere), occupies 22.4 liters. These values we may sub¬ 
stitute in the equation above and obtain a corresponding value for 
P, thus : 

R = ^ = 0.0821 liter atmos. per degree per mole 

i 0 

By using other units of pressure and volume, values for R in other 
units may be obtained, as follows: 

R — 8.316 X 10^ dyne cm. per deg. per mole (or dyne cm. X deg.~^ X 
mole“^) 

= 8.316 X lO"^ ergs per deg. per mole (or ergs X deg."' X mole"') 

~ 8.316 joules per deg. per mole (or joules X deg."' X mole"') 

= 1.98 cal. per deg. per mole (or cal. X deg."' X mole"') 

In whatever units it is expressed, R represents the work done by 
one mole of gas when it expands against a pressure of one atmos¬ 
phere, due to a temperature rise of one degree. 

Dalton’s Law of Partial Pressure. In studying the properties 
of gases, Dalton found (1801) that the total pressure exerted by a 
mixture of gases is equal to the sum of the pressures that the components 
would exert if they occupied the same volume separately. In other 
words, the pressure exerted by each component of a mixture of gases 
is the same as that which it would exert if it were present alone in the 
same volume and at the same temperature. 

Mathematically, in a mixture of several components, A, S, and 
C: 

Ptotai = Pa + Pb 4- Pc (F and T constant) 

As an example of the law, if 1 liter of nitrogen and 1 liter of oxygen, 
each measured at 760 mm. pressure, were forced together into a 
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total volume of 1 liter, the total pressure exerted would be 2 X 
760 mm. If a liter of nitrogen were measured at 760 mm. and 
a liter of oxygen at 740 mm. and again they were forced into a 
total volume of 1 liter, the total pressure would be (760 + 740), 
or 1500 mm. 

This law is particularly useful in calculating the volume of a dry 
gas from the volume of the gas measured over water. When a 
gas is confined over water, the water will evaporate until the space 
is saturated with water vapor. If the volume is kept constant, the 
pressure will increase because the pressure of the water vapor has 
been added to the original pressure of the gas. Now the vapor 
pressure of the water, the pressure of the water vapor above the 
liquid water, is a constant quantity at any particular temperature. 
Consequently, if we know the temperature at which the gas is 
measured, we know the vapor pressure of the water. Values of 
this quantity, sometimes called the aqueous tension^ a, at different 
temperatures are given in Table 12. Notice that the vapor pres¬ 
sure increases more and more rapidly as the temj^erature rises, and 
reaches 760 mm. at 100° C., the boiling point of water. Above 
100° it continues increasing rapidly until it reaches 217 atmospheres 
at 374°, the critical temperature above which water cannot exist 
as a liquid. 

TABLE 12 

The Vapor Presshre of Water at Different Temperatures* 


Temp. 

v. 

P. (a) 

Temp. 

V. P. (a) 

Temp. 

V. P. (a) 

°C. 

Mm 

. Merc. 

°C. 

Mm. Merc. 

°c. 

Mm. Meho. 

— 15 


1.4 

22 

19.8 

92 

567.0 

~ 10 


2.1 

23 

21.1 

94 

610.9 

— 5 



24 

22.4 

96 

657.6 

0 


4.6 

25 

23.H 

98 

707.3 

5 


6.5 

30 

31.H 

100 

760.0 

10 


9.2 

35 

42.2 



15 


12.8 i 

40 

55.3 


(Atm.) 

16 

17 


13.6 

14.5 

45 

50 

71.9 

92.5 

100 

110 

1.000 

1.414 

18 

19 

20 

21 


15.5 

16.5 

17.5 

18.7 

60 

70 

80 

90 

149.4 

223.7 

3.55.1 

525.8 

120 

200 

300 

374 

1.959 

15.34 

84.78 

217.72 


* Condensed from Internatiorial Critical Tables, III, 211-212. 

If we measure a gas volume over water, the water being at the 
same level inside and outside the measuring tube, the total pressure 
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must be that of the atmosphere. According to Dalton^s law of 
partial pressures : 

R « Pi + a or Pi « P — a 

where Pi is the pressure exerted by the gas, a the water vapor pres¬ 
sure, and B the barometric, or total pressure. 

In order to determine the volume of the dry gas, we have only to 
calculate the volume which it will occupy when it changes from 
the partial pressure given in the equation above, to the desired 
final pressure. If Fi is the volume of a gas measured over water 
at a barometric pressure B and an absolute temperature Pi, at 
which the aqueous tension is a, we can calculate the volume of 
the dry gas, F 2 , at the temperature P 2 and pressure P% from the 
following expression, which is a modification of the general gas 
law equation: 

(P ~ a)Vi ^ P 2 V 2 

Ti T 2 

Graham’s Law of Diffusion. When two vessels containing 
different gases are connected, the gases will mix in a short time, so 
that each vessel contains a homogeneous mixture of the two. 
This mixing takes place even if the heavier gas is originally below 
the lighter one. Thus if a bulb containing bromine is broken at 
the bottom of a tall cylinder of air, the dark red color of the bromine 
vapor will very gradually rise until the whole cylinder is imiformly 
colored. In this case the density of the bromine vapor is over five 
times that of the air.^ 

The process of mixing which we have described is known as 
diffusion. Thomas Graham,^ in 1829, observed that different gases 
diffuse at different rates. Light gases diffuse rapidly; heavy 
gases more slowly. This led to the discovery of Graham's law of 
diffusion which states that the rates of diffusion of two gases are 
inversely proportional to the square roots of their densities. This is 
expressed mathematically by the equation: 

n = 

>•2 v^i 

1 If the column is extremely high, there is a slightly greater concentration of the 
heavier gas at the bottom. This effect of the gravitational field is noticed at great 
heights above the surface of the earth, where the atmosphere contains a larger 
proportion of the lighter constituents (hydrogen and nitrogen) than at the surface 
of the earth. The effect is not noticeable in the course of ordinary laboratory work. 

2 Thomas Graham, 1805-1869. A noted Scotch chemist who taught chemistry, 
first at Glasgow, later at University College in London. Apart from his law of 
gaseous diffusion, he is best known for his work on the diffusion of liquids and his 
pioneer study of colloids. 
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where ri and rs are the rates of diffusion of the gases of densities 
di and d 2 respectively. As an example, the density of oxygen gas 
is 16 times as great as that of hydrogen; hence the rate at which 


it will diffuse is or \ of the rate at which hydrogen will diffuse. 
vl6 4 


Since the molecular weights of gases are proportional to their 
densities, we can determine molecular weights by diffusion experi¬ 
ments. In these experiments the gases are made to diffuse through 
a small hole in the end of a tube. First, a known quantity of a 
standard gas (of known molecular weight) is forced through the 
tube by means of a small hydrostatic pressure. The time required 
for the passage of the gas is carefully noted. Then the same quan¬ 
tity of a gas of unknown density is passed through the tube in the 
same way and again the time is measured. Since the time required 
for the diffusion is inversely proportional to the rate of diffusion : 


ix ^ VAfi 


^2 Vm\ 


where tx and represent the two diffusion times and Mx and Mt 
the two molecular weights. Thus the times required for equal 
quantities of oxygen (Mx = 32) and carbon dioxide {M 2 = 44) to 
diffuse under the same conditions will be in the ratio: 




The Kinetic Theory op Gases 

In the preceding sections we have discussed the laws which 
express the behavior of gases without making any assumption as 
to the nature of a gas. We shall now show that all these laws 
follow as natural consequences if we assume that a gas consists 
of a very large number of minute molecules in rapid motion. From 
the mathematical equat ion of the kinetic theory, the theory of mov¬ 
ing molecules, we can derive all of the laws of gaseous behavior. 

The genesis of this theory goes back to the days of Daniel 
Bernouilli, the Swiss mathematical physicist. In 1738 he devel¬ 
oped a very complete kinetic theory of gases. At this time 
Bernouilli could not test his ideas by adequate experimental facts. 
They were therefore considered mere abstract speculations and did 
not exert such an important influence as they would otherwise have 
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done. The success of Dalton’s atomic theory in explaining the 
facts of chemical combination encouraged determined efforts to 
explain the behavior of gases on the basis of molecules in motion. 
In 1857 Clausius and Kronig independently published papers which 
developed the fundamental equation of the kinetic theory and 
deduced from it the known laws of gases. In the next twenty years 
the theory was extended and developed by such master minds as 
Maxwell, Kelvin, and Boltzmann. Up to this time the theory had 
succeeded in predicting correctly the behavior of gases, but its 
proponents had found no direct proof of the reality of molecular 
motion. Such a proof of the reality of molecules and molecular 
motion was supplied in 1908 when Jean Perrin, the brilliant French 
physical chemist, made a quantitative study of the Brownian 
movement of microscopic colloidal particles suspended in a liquid 
or gas. In the latter part of this chapter we shall see how he was 
able to show that this motion was due to the ceaseless bombard¬ 
ment of the invisible molecules. 

The Postulates of the Kinetic Theory of Gases. These may be 
stated simply as follows: 

(1) A gas is m^ide up of a very large number of extremely small 
m>olecules which wnve rapidly in straight lines except when they are 
deflected by collisions with each other and with the walls of the 
vessel. The pressure which a gas exerts is due to the colhsions of 
the molecules with the walls of the container. 

(2) The molecules are perfectly elastic, so that they rebound after 
collision with no loss of energy. If this were not so, the pressure 
exerted by the gas would gradually diminish as time went on. 

(3) The molecules exert no appreciable attraction upon each other 
or upon the walls of the container, 

(4) The molecules occupy no appreciable volume, compared to the 
vacant space between them. This postulate is supported by the fact 
that, when gases under atmospheric pressure are liquefied, they 
shrink to about 0.1 per cent of their original volume. We may 
think of the other 99.9 per cent of the volume of the gas as ^*free 
space” through which the molecules move. The volume occupied 
by one gram molecular weight (18 g.) of steam at 100° C. is 
30 liters, while the volume occupied by IS g. of liquid water is 
18 ml.^ In this case, the volume of the liquid is only 0.06 per 

» The unit of volume used generally in this book is the millilUer, ml., which is 
the ono-thousandth part of a liter. 'I'he liUr is defined as the volume occupied by 
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cent that of the gas, and 99.94 per cent of the latter is free 
space. 

(5) The kinetic energy of the molecules of any substance is propor¬ 
tional to the absoliUe temperature. This conception of heat as a 
mode of molecular motion is extremely important and general. 
The proportionality factor is the same for all substances, so that 
the molecules of all substances have the same mean kinetic energy 
at the same temperature. 

The Kinetic Equation and Boyle’s Law.^ Let us consider a 
vessel filled with n molecules of a gas, each with a mass m. Since 
the shape of the container is immaterial and only the volume counts, 
we shall take a cube, each side of which is d centimeters long. Now 
these molecules will not all move with the same velocity, but, at 
any one temperature, the mean or average velocity^ u, of the billions 
of molecules present in even one cubic centimeter will be extremely 
constant. This seeming paradox — that we can tell the average 
velocity of a multitude of molecules, but not the actual velocity of 
any one — is analogous to the fact that the actuarial tables of a 
life insurance company, which predict very exactly the average life 
of a large group of people, cannot predict the actual life of any 
one individual. 

The motion of individual gaseous molecules, if we could follow 
them, would be extremely irregular and chaotic; in fact the word 
gaSj introduced by the famous iatrochemist van Helmont (1577- 
1644), was a happily chosen transcription of the Greek word 
xaos (chaos). Some molecules would strike one face of the cube, 
some another; and they would strike at all angles, from a glanc¬ 
ing blow to a head-on collision. Here again, however, the average 
behavior of the gas molecules would be the same as that of a gas in 

1 kilogram of pure water at the temperature of its maximum density and under a pressure 
of 1 normal atmosphere. One liter equals 1.000027 cubic decimeters, so that: 

1 ml. = 1,000027 cc. 

The difference is so small that for all practical purposes the two units may be used 
interchangeably, and we shall occasionally so use them. It is usually preferable, 
however, to use the volume unit that is exactly one thousandth of the primary 
volume standard rather than one that is only approximately so. The U. S. Bureau 
of Standards has recommended the use of the milliliter, and the Committee for the 
Standardization of Scientific Glassware recommended, in 1924, that all standard 
volumetric glassware be graduated in terms of the liter and the milliliter. For a 
discussion of the difference between the ml. and the cc., the reader is referred to 
V. Stott, Journal of the Franklin Institute, 208, 829 (1929). 

» For a more rigorous derivation of the kinetic equation, see Bell and Gross, 
Elementary Physical Chemistry, New York, Lonmans, Green & Co., 1929, Getman 
and Daniels, Outline of Theoretical Chemistry, New York, John Wiley & Sons, 1931, 
or nearly any elementary physics text. 
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which one third of the molecules were moving back and forth paral¬ 
lel to each of the three pairs of faces of the cube and striking each 
face normal to the surface. 

Let us focus our attention upon the molecules moving back and 
forth between the faces A and A\ We shall calculate first the 
force and then the pressure exerted upon the single face A, which 
must be exactly the same as the force and 
pressure exerted upon any one of the five 
other similar faces of the cube. Each molecule 
moving back and forth between the faces A 
and A' makes a complete round trip between 
collisions with the face A. Between successive 
collisions it therefore moves a distance 2 d. 

Since it travels with a velocity u cm. per second, 

Fig. 9. Kineti'* 

it strikes the face A --- times every second. Theory of Gases. 

iU (t 

At each impact the molecule approaches the face A with a speed 
u and, after making an elastic collision, bounds back with a speed 
a in the opposite direction. This means that in the direction of the 
face A the velocity has changed from + u (approaching) to — w 
(receding), a total change of 2 u. The acceleration, a, (the change 
in velocity per second) at the face A will be the change in veloc¬ 
ity at each collision multiplied by the number of collisions per 
second, or: 

The force exerted upon the face A by each molecule will be the 
product of the mass and the acceleration; by the fundamental 
law of physics: 

f ma — (for 1 molecule) 

The force exerted on each face by all the molecules striking it 
(one third of the total number) will be ? times that exerted by one 

O 

molecule: 

^ (for all molecules) 

3 d 

The pressure is the force per unit area or: 

r, F 1 mnw® 

' 3 ”^ 
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Now is simply the volume of the cube, F, so that: 


PV — ^ mfiu^ 

Since the mass m and number of particles n are constant for a fixed 
quantity of gas and the velocity is assumed to be constant at a 
fixed temperature, we conclude that: 

PV = K 

Thus Boyle’s law follows directly from the simple assumption of 
the kinetic theoiy. 

Temperature and Charles’s Law. The kinetic energy of any 
moving body is defined as half the product of its mass and the 
square of its velocity. The kinetic energy of a molecule of mass m 
moving with a velocity u is therefore : 

k.e. ~ niu“ 

Substituting this value into PF = ^ mnu^ gives: 

PV = I n(i rnir) = | 7i{k.e.) 

If we are dealing with one gram molecule of gas, n ^ N (Avo- 
gadro’s number) and: 

PV = f N(kx,) = 

where K.E, represents the kinetic energy of 1 gram molecule of 
gas. If we introduce the fifth postulate of the kinetic theory, that 
the average kinetic energy of the molecules is proportional to the 
absolute temperature of the gas, we may write : 

K.E. = k'T 

where k' is the universal proportionality factor. Combining 
PF = %K.E. and K.E. - fc'P gives: 

PV = I k'T 

This equation is identical with the general gas law equation if we 
identify the constant quantity f k' with R. Mathematical reason¬ 
ing from the postulates of the kinetic theory therefore leads to the 
derivation of the combined gas law equation and hence to Charles’s 
law as well as Boyle’s, but the evaluation of the gas law constant 
R depends upon the experimental study of gases and is not derived 
from the theory. 
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The Heat Capacity of Gases. A very simple extension of the 
kinetic theory of gases enables the calculation of the heat capacities 
of gases and, surprisingly enough, yields a criterion for determining 
whether a gas is monatomic or diatomic. 

The heat capacity of a substance is the quantity of heat required to 
raise the temperature of the substance one degree. According to the 
kinetic theory, all of the heat which is supplied to a perfect gas 
increases the kinetic energy of the molecules, provided the gas is 
not allowed to expand. If we can calculate the increase in kinetic 
energy when we heat a mole of a perfect gas one degree, we shall 
know the value of its molecular heat capacity at constant volume. 
The kinetic energy of one mole of a perfect gas at a temperature 
T is found simply by dividing PV = §K.E. by PV = RT, and 
rearranging terms. It is : 


{K.E.)t = I RT 

Similarly, at a temperature one degree higher: 

(K.e.)t + x - |/t;(r-f 1) 


Subtracting the first from the second gives what is, by definition, 
the molal heat capacity of the gas at constant volume (Cr): 

Cv ~ (A’.F.)r+ 1 — {K.E.)t — ^ R 

This conclusion was first reached by Naumann in 1867.^ The heat 
capacity of a gas measured at constant pressure wall be greater than 
that measured at constant volume because additional energy is 
required to expand the gas against the constant atmospheric 
pressure. If we heat a gas one degree at constant volume, the 
pressure will increase. If we allow it to expand to its original 
pressure, it will cool down unless we put additional heat into it. 
We have already seen (page 55) that the work done by one mole 
of gas expanding against the pressure of the atmosphere when it 
is heated one degree is equal to R. This must therefore be the 
difference between the molal heat capacity of a gas at constant 
pressure and that at constant volume, and the molal heat capac¬ 
ity of a perfect gas at constant pressure, Cp, is given by the 
equation: 

Cp = CV + ^ t ^ 

» Annalen der Chemie und Pharmacie, 142, 265 (1867). 
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In deriving the kinetic theory equation, we saw that a perfect 
monatomic gas molecule is equally likely to move in any one of 
three directions, corresponding to the three pairs of parallel faces 
of Figure 9. The molecule has three degrees of freedom of motion, 
represented by the three arrows of Figure 10 . According to the 
equation Cv = f ^ 2 , it has a heat capacity of R for each degree 
of freedom. A rigid diatomic molecule has two additional degrees 
of freedom of rotation around two axes at right angles to the line 

of centers of the two atoms. These five 


Diatomic gas 


/ 
Monatomic gas 


Fig. 10. Degrees of Freedom. 


degrees of freedom shown in Figure 10 
represent five different ways in which 
the molecule can absorb energy. The 
energy of rotation around the third axis 
is negligible, like the rotational energy 


of a monatomic molecule. If there is a heat capacity of 4 R 
associated with each degree of freedom, we should expect that the 
value of Cv for diatomic gases would be f /i. 

The determination of the heat capacity of a gas, either at con¬ 
stant pressure or^t constant volume, is a tedious process; but 
the ratio between the two can be determined by a rather simple 
experiment involving the determination of the velocity of sound 
in the gas. We shall not take up any details of this process here, 
but they may be found in any elementary physics text. The 
specific heat ratio designated by the Greek letter gamma ( 7 ) is 
defined as: 

^ Cv 


It will be different for a monatomic and a diatomic gas, because of 
the differences in heat capacity which we have already explained. 
The predictions of the kinetic theory may be summarized in 
Table 13. 

TABLE 13 

Theoretical Heat Capacities of Gases and Their Ratio 


Type of Gas 

Cv 

Cp 

Cv 

Monatomic . . 

iR 


1.67 

Diatomic . . . 



1.40 
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In 1876 Kundt and Warburg studied mfercury vapor, which chem¬ 
ical evidence indicated was monatomic, and found that the value 
of its heat capacity ratio was exactly that predicted by the kinetic 
theory. In 1895 Ramsay studied the heat capacity ratio for argon, 
which he had just discovered, and proved from his results that it 
was monatomic. Later he studied the other rare gases he had 
discovered and found that they also had values of 7 nearly equal 
to 1.67 and hence were also monatomic. In these cases the usual 
chemical methods were of no avail, for these gases formed no 
compounds and were not amenable to any of the usual chemical 
tests. The kinetic theory criterion of the heat capacity ratio 
proved an inestimable aid in determining the nature of these gases, 
and its predictions have been abundantly verified by the way in 
which the rare gases fit into the periodic table once their monatomic 
nature was established. The results for a number of monatomic 
and diatomic gases are given in Table 14. These results show 
that in every case the ratio confirms the conclusions based on 
chemical evidence. The simple kinetic picture is remarkably 
satisfactory at ordinary temperatures although it does not account 
for the behavior of gases at very low temperatures. 


TABLE 14 

The Heat Capacitt Ratio (7) for Various Gabes 


- - - - 

Gas 

II 

Gas 

11 

Hg 

1.67 

H2 

1.410 

A 

1.668 

O2 

1.401 

Ne 

1.64 

N2 

1.404 

Kr 

1.68 

Cl 2 

1.355 

Xe 

1.66 

NO 

1.400 

Nil 

1.68 

CO 

1.404 

K 

1.69 

HCl 

1.41 


Graham’s Law and Molecular Velocities. The kinetic equation 
PV — i mnu^ 

also gives us interesting information about the velocities of gaseous 
molecules. This is at once evident when we solve the equation 
for the velocity: 

PV 
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Since mn represents the mass of gas in the volume F, — = d, 
the density of the gas, and the velocity is given by the equation : 



If we compare two gases at the same pressure: 



This equation may easily be applied to the case of a gas diffusing 
through a small hole. We should expect the rate at which such 
diffusion takes place to be proportional to the velocity with which 
the gaseous molecules are moving. On this basis, our kinetic 
theory equation predicts that the two rates, ri and r 2 , are related 
by the equation: 

r I ^ 
r- 


This equation is identical with (iraham’s law of diffusion, which 
we have already discussed. Thus the kinetic equation predicts 
a third law which is known to be true experiinentally. 

It is of considerable interest to calculate the actual velocities 
with which the molecules move according to the kinetic theory. 
The calculation is extremely simple since we have already derived 
the necessary equations. If we take 07ie mole of gas, we may write: 




where mn is the total mass of gas and is equal to the molecular 
weight, M. The velocity is therefore inversely proportional to 
the square root of the molecular weight. In order to calculate 
the velocity of gaseous molecules under any conditions, we need 
only substitute the values for R (see page 55), the absolute tem¬ 
perature, Tj and the molecular weight, M. For any gas at 0° C : 


and 

whence 


R = 
T - 

u — 


8.810 X 10^ org.s/deg. 
273 deg. A., 


8 X 8.810 X 278 X KF 
. M 


cm./sec. 


261,000 


cm./sec. 
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Thus for hydrogen gas with a moleqular weight M = 2.016, 
VM = 1.420 and: 

u == 183,800 cm./sec. = 1.838 km./sec. (68.5 miles/min.) 

A hydrogen molecule, if it could move without collisions at this 
speed, would travel around the earth^s equator in six hours. 
This velocity is easier to appreciate if we compare it with some 
of the other high speeds with which we may be somewhat more 
familiar. A few of these are collected in Table 15. The speed of 


TABLE 15 

A COMPAHISON OF SOME HiGH VELOCITIES 


Airplane speed record (1934). 

0.196 km./sec. 

7.3 miles/min. 

Velocity of sound in air at 0°. 

0.331 

12 

Muzzle velocity of rifle bullet. 

0.823 

31 

German long-range shell. 

1.7 

63 

Hydrogen molecule (0°). 

1.8 

68 

Earth’s orbital velocity. 

29.8 

1100 


the hydrogen molecule is far beyond that of the fastest airplane 
or rifle bullet and slightly greater than that with which shells left 
the muzzle of the German gun which bombarded Paris 75 miles 
away; yet the darting gas molecule is sluggish in comparison 
with our massive earth in its majestic course around the sun. 

The kinetic theory requires the enormous velocities we' have 
described in order to account for the gaseous pressures resulting 
from the bombardment of tiny 
gas molecules. Is there no 
more direct experimental 
method of determining molec¬ 
ular velocities? The problem 
might seem to be very diflScult, 
yet during the last few years it 
has been solved successfully by 
several different methods. The 

first work (1920) was carried out „ . . . 

^ , . 1 . i I - 11 ’ Fig. 11. Measunng Molecular Velocities, 

m Germany by that brilhant 

experimentalist, Otto Stern. A slightly different^ method was 
evolved in 1927 by Costa, Smyth, and K. T. Compton, and in¬ 
dependently and with greater precision by Eldridge of the Univer¬ 
sity of lowa.^ 

1 J. A. Eldridge, Physical Review, SO, 931 (1927). This article contains refer¬ 
ences to the earlier work. 

MGC — 6 
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The method, which is analogous to that which Fitzeau used to 
determine the velocity of light, may be understood with the aid 
of Figure 11 , which is adapted from Compton's article. The most 
essential part of the apparatus is a pair of thin circular metal disks 
with a series of equally spaced rectangular slots cut in the edge of 
each so as to make it resemble a circular saw with rectangular 
teeth. These disks are fastened parallel to each other on an axle 
passing through the center of each. The rotor thus formed is 
mounted within a closely fitting, highly evacuated cylindrical 
case. The gas under investigation enters the apparatus through 
a slit Si in the one end of the case. As the rotor turns, the slots 
in the first disk allow puffs of gas to pass. These move toward 
the second disk, and if the molecular velocity is just right, they 
will reach it at the instant when a slot is in line. If so, they will 
pass through the disk and leave the cylinder through the second 
slit 82 , beyond which their presence is detected. If the rotor is 
moving more slowly or more rapidly, a tooth of the second disk 
will stop the beam of molecules just as the red lights of a ‘‘ripple" 
system of traffic control will stop a car that goes faster or slower 
than the correct speed. By changing the speed of the rotor, 
up to 6000 revolutions per minute, and determining the number 
of molecules which pass at each speed, it is possible to determine 
the average velocity of the molecules. These experiments showed 
that within experimental error the velocities were those predicted 
by the kinetic theory for the temperature of the gas under investi¬ 
gation. 

The velocity of sound in air at 0 ® was listed in Table 15. In 
other gases and at other temperatures it is found to have different 
values. Calculations based upon the kinetic theory show that 
the velocity of sound in a gas depends upon the molecular weight 
of the gas in the same way that the velocity of the gas molecules 
does; in fact, the velocity of sound in a gas is almost exactly 
three quarters of the average velocity of the molecules of the gas 
at the same temperature. 

Another interesting property related to the velocities of gaseous 
particles is the ability of a gas to escape from the gravitational 
field of a planet. If a projectile were fired upward from the 
surface of the earth with a velocity of somewhat over 7 miles a 
second, it would escape from the earth's gravitational field instead 
of falling back to its surface. Similarly, as Johnstone Stoney first 
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pointed out, if a molecule high up in the atmosphere above the earth 
collides with another molecule and thus acquires a sufficient 
velocity away from the earth, it also may escape entirely from the 
earth^s gravitational field. The critical velocity which it must 
acquire is less than the velocity of escape'^ from the surface of 
the earth. In general, this critical velocity depends upon the mass 
of the planet. Jeans gives the following values for some of our 
celestial neighbors and the earth: 

Moon ... 7.8 X 1(1* cm./sec. Mercury ... 1.4 X 10® cm./sec. 

Venus... 3.1 X 10® Earth .... 3.5 X 10® 

Calculations show that if the molecular velocities equal this 
critical value, the upper atmosphere would be half dissipated in 
a year, while if the value is 30 per cent less, half of the upper 
atmosphere would not be lost in less than two million years. 
These calculations are well borne out by the fact that the moon 
and Mercury possess no appreciable atmosphere, while Venus 
has an atmosphere like that of the earth. 

The Brownian Movement and Molecular Reality. The student 
of today, introduced to the atomic-molecular theory at the outset 
of his scientific training, may not realize that only thirty years ago 
a group of very able scientists headed by Wilhelm Ostwald bitterly 
decried the atomic theory as a dogma which like the old phlogiston 
theory did more harm than good! Just about the beginning of 
the present century a number of different lines of investigation 
gave the first direct evidence of the actual existence of the molecules 
about which the earlier workers had speculated. Among these 
should be mentioned Rutherford's counting of the number of 
alpha particles given off during radioactive disintegration and 
the study of electrical discharges through gases, but we shall 
confine our attention here to the most direct and satisfying proof 
of the reality of molecules and molecular motion — Perrin's study 
of the Brownian movement. 

In 1827 Robert Brown (1773-1858), the Scotch botanist, 
viewing suspensions of pollen under the microscope, observed 
that the very small pollen particles moved continually in a random 
fashion, back and forth, up and down, darting irregularly with 
tireless activity. This is the Brownian movement^ which its 
discoverer showed was not due to animalculae. Later workers 
found it was not due to thernml eddy currents like the motion of 
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the gay motes that people the sunbeam or to any cause external 
to the solution. They also showed it was apparently eternal since 
colloidal quartz particles, included in rocks for geologic ages, dis¬ 
played the movement with undiminished vigor. 

No scientific explanation of the cause of the Brownian movement 
was advanced until fifty years after its discovery, when the Belgian, 
Carbonelle, suggested that the ^ceaseless motion of the colloidal 
particles was due to their bombardment by the molecules of the 
liquid. If this were true, then the colloidal particles furnish 
a large-scale model of the invisible molecules of a gas. They 
should obey the same laws as gaseous molecules despite the fact 
that they are millions of times as massive. Carbonelle^s idea 
could not be tested experimentally until 1908 when Jean Perrin, 
professor of physical chemistry at the University of Paris, attacked 
the problem. He worked out methods of obtaining suspensions 
of gamboge and mastic with uniform particle size suitable for 
quantitative measurements. Perrin found it was impossible to 
determine directly the mean velocity of a colloidal particle, because 
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Fig. 18. The Earth’s Atmosphere. 


“the entanglements of the tra¬ 
jectory are so numerous and so 
rapid that it is impossible to 
follow them, and the trajectory 
seen is always infinitely shorter 
and more simple than the real 
trajectory.’^ He therefore 
carried out indirect experi¬ 
ments of two different types 
which we shall now describe. 

The Colloidal Atmosphere. 
It is a well-known fact that the 
atmosphere becomes less and 
less dense as we go upward from 


the surface of the earth. Indeed, one method of measuring altitude 
is to determine the barometric pressure at a particular point and 


to compare it with the pressure at sea level. Figure 12 shows a 


plot of the average pressures observed at different altitudes in a 


series of 231 sounding balloon flights made during the summer 
months.^ A study of these data shows a simple mathematical 


1 The data on which the figure and table are based are taken from Physics of the 
Air by W. J. Humphreys, 2d ^ditipn, New York, McGraw-Hill Book Co., 1920, p. 74, 
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relationship between the pressure and the altitude. Above about 
11 kilometers the pressure is halved for every 4.5 kilometers in¬ 
crease in altitude. This is exactly the law which may be derived 
from the kinetic theory of gases to describe the decrease with 
altitude of the density of an ideal atmosphere which has a uniform 
temperature and is therefore free from convection currents. The 
lower stratum of the earth's atmosphere is known to be turbulent 
with winds and air currents due to temperature differences. We 
would not expect this stratum to behave like an ideal atmosphere. 
Above about 11 km. extends the vast region of constant tempera¬ 
ture known as the stratosphere, which as we have seen behaves 
like an almost ideal atmosphere. The fact that the pressure 
decreases with altitude in almost exact agreement with the law 
predicted by the kinetic theory is another confirmation of that 
theory. 

TABLE 16 


The Decrease op Atmospheric Pressure with Altitude 


Altitude (Km.) 

Difference in 
Altitude 

1 

Observed Pressure in 

Atmospheres 

Mm. Mercury 

0 

0 

1 

762.6 

5.6 

5.6 


381.3 

10.5 

4.9 


190.7 

15.0 

4.5 

i 

95.3 

19.6 

4.6 

tV 

47.7 

24.1 

4 5 


23.8 

28.6 

4.5 


11.9 

33.1 

4.5 


6.0 


The kinetic theory predicts that the density (or concentration) 
of any gas decreases exponentially with height. If the concentra¬ 
tion at a height hm ^ of the concentration at the surface, then at 
a height 2h it will be of the concentration at h and hence ^ of 
the concentration at the surface. In other words, as the height 
increases in arithmetical progression (/i, 2/i, 3A, etc.) the concen¬ 
tration decreases in geometrical progression (J, I-, etc.). The 
kinetic theory equation shows that the rate of decrease is not the 
same for all gases but varies inversely as the molecular weight of 
the gas. The general expression^ relating C (the concentration at 

* Derived originally by Einstein and von Schmolucbouski, who made no attempt 
to verify it experimentally. 
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height h) with that at the initial level (Co) for a gas at constant 
temperature is: 

log JcMh 

where fc is a constant which may be calculated from theory and 
M is the molecular weight of the gas. 

This explains why, as we mentioned before (page 57), a very 
tall column containing a mixture of two or more gases would be 
appreciably richer in the heavier constituents at the bottom. 

Now Perrin immediately saw that if the Brownian movement 
were really due to molecular bombardment the same ideas should 
be applicable to the distribution of particles in an emulsion. 
Concerning this discovery he wrote: 

^‘Let us suppose that it is possible to obtain an emulsion with the 
granules all identical, an emulsion which I shall call, for shortness, uniform.. 
It appeared to me at first intuitively that the granules of such an emul¬ 
sion should distribute themselves as a function of the height in the same 
manner as the molecules of a gas under the influence of gravity. Just 
as the air is more dense at sea level than on a mountaintop, so the granules 
of an emulsion, whatever may be their initial distribution, will attain a 
permanent state where the concentration will go on diminishing as a func¬ 
tion of the height from the lower layers, and the law of rarefaction will 
be the same as for the air. 

closer examination confirms this conception and gives the law of 
rarefaction by precise reasoning, very similar to that which enabled 
Laplace to correlate the altitude and the barometric pressure. ... It 
shows clearly that the concentration of the granules of a uniform emulsion 
decreases in an exponential manner as a function of the height, in the same 
way as the barometric pressure does as a function of the altitude.” ^ 

Since the equilibrium distribution of his emulsions could be 
studied in the height of 0.1 mm. (lOO/i), Perrin used tiny cylindrical 
cells of this height, made by boring a hole in a thin glass plate, 
sealed against evaporation. The cell was put upon the stage of a 
high-powered microscope which was carefully leveled. In about 
three hours the emulsion had reached a steady state which con¬ 
tinued indefinitely. 

By means of the high-powered objective lens Perrin could 
focus the microscope sharply on a layer about 1 p thick and count 

1 Brownian Movement and Molecular Reality by Jean Perrin trans. by F. Soddy, 
London, Taylor and Francis, 1910. 
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the number of particles in this layer. He then raised or lowered 
the objective a small distance, which he read on the micrometer 
screw of the microscope, and studied an¬ 
other layer. The average of many counts 
at each level was always required in order 
to assure precision. The appearance of in¬ 
dividual layers and that of the colloidal at¬ 
mosphere as a whole are shown in Figure 13. 

“My most careful series has been done with 
granules of gamboge having a radius of 0.212 m- 
The readings have been made in a cell having 
a height of 100 a* in four equidistant horizontal 
planes cutting the vessel at the levels: 

5 /i, 35 A4, 65 Ai, 95 fi. 

These readings . . . relate to 13,000 granules and give, respectively for 
these levels, concentrations proportional to the numbers: 

100, 47, 22.6, 12, 
which are practically equal to the numbers: 

100, 48,23, 11.1, 

which are exactly in a geometrical progression. Thus the exponential 
distribution cannot be doubted, each elevation of 30 ^ here decreasing 
the concentration to alwut half its value. 

A corresponding decrease of concentration in the atmosphere 
requires a height of 4.5 kilometers! Perrin studied many different 
emulsions, varying the particle size and density as much as possible. 
The results of all his experiments showed that, within the limits 
of experimental error, the behavior of particles in Brownian 
movement was the same as that deduced for gaseous molecules. 

“It may be interesting to observe that the largest of the granules for 
which I have found the laws of perfect gases followed are already visible 
in sunlight under a strong lens. They behave as the molecules of a per¬ 
fect gas, of wdiich the gram molecule would weigh 200,000 tons.^^ 

Even Ostwald, who had led the opposition to the atomic-molecu¬ 
lar hypothesis, was finally convinced that . the agreements 
of the Brownian movement with the requirements of the kinetic 
hypothesis . . . justify the most cautious scientist in now speak¬ 
ing of the experimental proof of the atomic theory of matter.’^ 
Deviations from the Gas Laws; van der Waals’ Equation. 
In discussing the gas laws, we stated that they did not exactly 
express the behavior of real gases, particularly at high pressures 
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and low temperatures. We shall now take up these deviations 
and interpret them in the light of the postulates of the kinetic 
theory. According to Boyle’s law, at constant temperature 
PF = K, and if we plot the product PF against the pressure we 
should obtain a straight line as shown in Figure 14. If we plot 

the experimental values of 
PF against P, up to a pres¬ 
sure as high as a thousand 
atmospheres, we find that 
the product usually de~ 
creases at first, then passes 
through a minimum value 
and increases. Curves of 
this type are illustrated by 
that of oxygen, which is 
typical, and that of carbon 
dioxide, which shows un¬ 
usually large deviations. 
A few gases show a second 
type of curve, which 
increases continually. 
Among these are hydrogen, 
which is illustrated, and 
helium. Numerical values 
for the three gases plotted 
are given in Table 17. 

We have seen that the 
simple kinetic theory postulates led to the equation of Boyle’s 
law. How must we modify these postulates to account for the 
behavior of real gases more accurately? Let us scrutinize more 
closely two of the simplifying assumptions which we made in 
deriving the kinetic equation. In the first place, we assumed 
that the gaseous molecules were perfectly elastic and exerted 
no cohesive force upon each other. Now this can never be exactly 
true, and the force of cohesion may become important. It will 
assist the external pressure in reducing the volume of a gas, 
so that less than double the pressure will be required to halve 
a given volume of a gas. Thus P 2 F 2 (at higher pressures) will be 
not equal to but less than PiFi. The force of cohesion will 
therefore account for the decreasing part of the PF curve. 
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A second simplifying assumption was that the volume of the 
molecules themselves is negligible compared with the whole space 
filled by the gas — so that the *^free space in which the molecules 
move is practically equal to the total volume of the gas. As the gas 
is compressed more and more, this assumption becomes less and 
less justifiable. If the volume of the molecules becomes appreci¬ 
able, then the ^^free space is reduced, and the pressure must be 
more than doubled in order to reduce the volume by half. In 
other words, the product PV will increase with pressure. This 
accounts for the upward slope of the PV curve for all gases at 
high pressures. 

TABLE 17 

Values of PV at Different Pressures 


p 

(Atm.) 

PF(0°) 

O 2 

PV (40°) 

CO 2 

PV (0°) 

Ha 

1 

1.0000 


1.0000 

50 

0.9568 

0.8500 

1.0330 

100 

0.9265 

0.3090 

1.0639 

200 

0.9140 

0.4675 

1.1336 

300 

0.9625 ! 

0.6485 

1.2045 

400 

1.0515 

0.8230 

1.2775 

600 

1.2690 

1.1570 

1.4226 

800 

1.5030 

1.4790 

1.5665 

lOCX) 

1.7355 

1.7800 

1.7107 


Gases like hydrogen and helium exhibit an abnormally low 
cohesion between their molecules. One evidence of this is the 
extremely low temperature at which they liquefy. Hence at 
ordinary temperatures only the second effect, that of the volume 
occupied by the molecules, comes into play, and we have PV 
curves of the second type. Most gases show both effects and their 
curves are of the first type. 

A number of equations of state have been suggested to take into 
account the two effects mentioned above, and so express more 
accurately the pressure-volume relationships of a real gas. The 
most successful of these was proposed by the Dutch physicist 
van der Waals for his doctoral dissertation at Leyden, in 1873. 
For 1 mole of gas it takes the form: 

(f + -h) = RT 

where a and h are constants, characteristic of the individual gas 
under consideration. The constant, a, is a measure of the cohesive 
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force between the molecules, and h a measure of their volume. 
Van der Waals' equation is not completely satisfactory, but it 
does express the behavior of most real gases with considerably 
greater precision than the simple gas law equation. 

Gases, Liquids, and Solids. We have studied the properties of 
gases in some detail, showing how they can be explained by means 
of the kinetic theory. We shall now show how these ideas can be 
applied in a qualitative way to liquids and solids. These states 
of matter are distinguished from gases by their much greater 
density, and for this reason they are sometimes classed together 
as condensed phases. In liquids the molecules are much closer 
together than in gases, and hence the mean free path, or average 
distance traveled by a molecule between collisions, is much 
shorter than in gases. That molecules do exist and that the 
kinetic energy of the particles in liquids as in gases is proportional 
to the absolute temperature was amply proved by Perrin’s study 
of the Brownian movement of suspcmsions in liquids. It is also 
proved by the fact that, dissolved substances of molecular dimen¬ 
sions diffuse in liquids. The process of diffusion is most logically 
pictured in terms of molecules of the solute moving among those 
of the solvent. The molecules in most liquids seem to maintain 
their full individuality. In some, however, like water, ethanol, 
and acetic acid, the molecules seem to be associated into large 
aggregates of a rather loose and unstable structure. 

Solids show about the same density as liquids, but they are 
marked by an ordered arrangement of their particles into a 
definite crystal form characteristic of the particular substance. 
In some solids the units of crystal structure are the molecules. 
This is true of the substances which we class as nonpolar^ which 
comprise most of the organic compounds. In polar substances, 
however, the case is quite different. X-ray analysis of crystals 
gives no evidence for the existence *of a molecule of such a sub¬ 
stance, for instance, as NaCl. Instead, the crystal consists of 
a lattice of alternate Na and Cl particles, each of which is held 
equally to six neighbors of the opposite kind. Moreover, the 
Na and Cl particles are apparently ions rather than atoms, although 
there is still some doubt on this point. 

Unlike the particles composing a gas or a liquid, which are free 
to fly or at least to jostle about, the particles in a solid are held 
in place quite rigidly by the powerful fields of force in the crystal. 
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Their motion is chiefly an oscillation or vibration about a fixed 
point in space. Even in solids, however, there is some freedom of 
motion, for if a block of gold is clamped against a block of lead 
and allowed to stand for a long time, the two metals will be found 
to have diffused into each other to a certain extent. 

In picturing the process of solution, or of sublimation, we might 
suppose that the particles on the surface of the solid, which had 
greater freedom of motion than those in the center, would detach 
themselves and break off from the crystal lattice. They must 
already possess kinetic energy in the crystal lattice in order to be 
able thus to escape. 


Summary 

Boyle^s law and Charleses (Gay-Lussac’s) law may be combined 
into the single gas law equation describing the average behavior 
of 1 mole of a gas: 

PV = RT 

where the gas constant, has a value of 0.0821 1. atm. per mole 
per degree, or 1.98 calorie units. R represents the work done 
by 1 mole of a gas when it expands against a pressure of 1 atmos¬ 
phere in response to a temperature rise of 1 degree. 

Dalton’s law that the total pressure of e. mixture of gases is 
equal to the sum of the partial pressures of the constituents 
finds a most important application in calculating the volume of 
a dry gas from the observ'ed volume of the gas collected over water. 

Graham’s law of diffusion states that the rates of diffusion of 
two gases are inversely proportional to the square roots of their 
densities. 

7 ^he kinetic theory of gases, based upon five simple postulates 
as to the nature of gaseous molecules, leads to the derivation 
of Boyle’s and Charles’s laws but not to the evaluation of the 
gas constant R. It allows a calculation of the heat capacities 
and heat capacity ratio, 7 , for monatomic and diatomic gases 
and affords a criterion for distinguishing between them. 

The kinetic theory also yields a derivation of Graham’s law of 
diffusion and allows a calculation of the velocity of motion of 
gaseous particles which agrees with direct experiment. Molecular 
velocities determine the velocity of sound in a gas and the escape 
of gaseous atmospheres from planets. 
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The density of the atmosphere above our earth diminishes in 
geometrical progression as the height increases in arithmetical 
progression. This law of atmospheres may be deduced from the 
kinetic theory and should apply to any particles. Perrin studied 
the distribution of colloidal particles in tiny cells viewed under 
the microscope and found that they obeyed the same law of 
atmospheres. He showed that the Brownian movement was due 
to molecular bombardment and that the colloidal particles pre¬ 
sented a large-scale picture of molecular motion. Thus he con¬ 
vinced even the most skeptical of the reality of molecules. 

Real gases deviate from the gas laws. As the pressure is in¬ 
creased, the volume of most gases first decreases, due to molec¬ 
ular attractions, more rapidly than Boyle’s law predicts. Then 
it increases less rapidly, due to the appreciable volume occupied 
by the molecules. Curves in which the product PV is plotted 
against P are used to illustrate these deviations. The equation 
of van der Waals: 

(p + ~)(V -b)^ RT 

accounts fairly satisfactorily for these deviations. 

The molecules in liquids and solids are in continual thermal 
agitation like those of gases but to a much more limited extent. 

PROBLEMS AND EXERCISES 

1. Let 250 ml. of nitrogen at 730 mm. pressure be mixed with 400 ml. 
of oxygen at 700 mm. pressure. If the gases are both at 20® C. before 
and after mixing, calculate the final pressure of the mixture, (a) in a total 
volume of 300 ml. dry, (6) in a total volume of 350 ml. over water. 

2. Suppose 150 ml. of hydrogen, collected over water at 30® C. and 
under a barometric pressure of 750 mm., is dried and reduced to standard 
conditions. What volume does it then occupy? 

3. A sample of nitrogen collected over water at 35® C. occupies a 
volume of 200 ml. when the barometer reads 760 mm. What volume will 
it occupy if it is measured over water at 20® C. at the same barometric 
pressure? 

4. Oxygen (d = 1.429 g./l.) under standard conditions diffuses through 
a capillary at the rate of 15.7 ml. per minute. Under the same conditions 
an unknown gas diffuses at the rate of 10.6 ml. per minute. What is its 
density? 

5. One liter of hydrogen, molecular weight = 2.016, passes through 
a capillary in 1 min., 25 sec. How long will it take for the same volume 



PROBLEMS 


79 


of methane, molecular weight = 16.03, to pass through under the same 
conditions? Calculate the molecular weight of an unknown gas of which 
1 liter passes through the capillary in 3 min., 10 sec. 

6. Calculate the average velocity of the oxygen molecule (a) at 0® C,, 
(b) at 100" C. 

7. Calculate the molecular weight of a gas, if the average velocity 
of its molecules at 0° C, is 299 m./sec. 

8. To what temperature is it necessary to cool hydrogen in order to 
reduce the mean velocity of its molecules to that of oxygen at 0® C.? 

9. What would be the molecular weight of a gas whose molecules 
moved with the speed of a racing airplane (0.196 km./sec.) at 0® C.? 

10. At what temperature would hydrogen molecules move with the 
speed of the earth, 29.8 km./sec.? 
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CHAPTER 4 


SOLUTIONS 

Tjrpes of Solutions. A solution may be defined as a homogeneous 
mixture of two or more substances. The solutions with which we are 
chiefly concerned are made up of only two constituents, one of 
which, the solute, is said to be dissolved in the other, the solvent. 
The terms solute and solvent are convenient in use and in classifica¬ 
tion, but they do not signify any essential difference in nature or in 
function between the two constituents. We may, for example, 
speak of a mixture of alcohol and water as a solution of alcohol in 
water or as a solution of water in alcohol. The properties of the 
mixture with which we were concerned would determine which 
substance we should specify as solute and which as solvent. 

The types of solution with which we are most familiar and which 
we have to use most in chemistry are those of which the solvent is 
water and the solute is a solid, some other liquid, or a gas. We 
are well acquainted with such solutions as sugar or salt in water, 
ethylene glycol or glycerol in water, and chlorine or hydrogen 
chloride in water. These examples illustrate the three general 
types of solid in liquid, liquid in liquid, and gas in liquid, respec¬ 
tively. 

There are also solutions in which a solid dissolves another solid, 
a liquid, or a gas. Some metallic alloys, like those composed of 
silver and gold, are solid solutions; in these either constituent may 
be considered the solvent. Some salts and some organic com¬ 
pounds likewise form solid solutions. As an example of a liquid 
dissolved in a solid, we may take solid paraffin, which contains 
liquid as well as solid paraffin hydrocarbons; and as an example 
of a gas dissolved in a solid, the solution produced when palladium 
absorbs hydrogen. 

Gases may also act as solvents and dissolve other gases, liquids, 
and solids, although we do not usually think of the process from 
this point of view. When one gas diffuses into another, we desig¬ 
nate the product as a gas mixture, although such a mixture comes 
within the scope of our definition of a solution. A liquid like water 
or ether that evaporates into a gas may likewise be regarded as 

80 
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forming a solution of a liquid in a gas; Even a solid like naph¬ 
thalene, iodine, or camphor may be said to dissolve in the air when 
it evaporates into it. In this case the air plays the role of solvent. 

Whatever the solvent and solute, we may think of the process of 
solution as involving a very complete intermixing of the molecules 
of one substance and the molecules of another. The process is 
substantially the same when solid sugar dissolves in water as when 
solid iodine dissolves in air. In general, solid and liquid sub¬ 
stances which are chemically most similar will dissolve most 
readily in one another. This generalization that 'Tike dissolves 
like^^ was familiar to the alchemists and is a useful rule to remem¬ 
ber. It applies, at least qualitatively, in many cases: the dis¬ 
solving of ammonia in water, the dissolving of one alcohol in 
another, and the dissolving of glycerol in water are cases in point. 

In the discussion of the general properties of solutions which 
forms the theme of this chapter, we shall confine ourselves to solu¬ 
tions in which the solvent is water. Water is by far the most 
important medium for chemical reactions and analytical pro¬ 
cedures, and at the present time the most intensive research efforts 
of physical chemists are being directed to the study of aqueous 
solutions and their properties. In general, the properties of solu¬ 
tions in other solvents follow the same principles as do those of 
aqueous solutions. 

The Solubility of Gases in Liquids. We become familiar with 
solutions of gases in water at the very beginning of our chemical 


TABLE 18 

The Solubility op Certain Gases in Water at 0° C. and 1 Atmosphere 

Pressure ^ 


Gas 

Solubility 

MI. per Liter 

G. per Liter 

Hydrogen. 

Nitrogen. 

Oxygen. 

Carbon dioxide. 

Hydrogen sulfide. 

Sulfur dioxide. 

Hydrogen chloride. 

Ammonia. 

21.5 

23.1 

49 

1,713 

4,670 

79,790 

517,000 

1,176,000 

0.00192 

0.0288 

0.070 

3.346 

7.066 

228.3 

842 

895 


1 From Landolt-Bdrnstein Tabellen, 6th edition (1923), pp. 702 et seg. 
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training. Every laboratory desk contains aqueous solutions of 
hydrogen chloride and of ammonia; and solutions of hydrogen 
sulfide, bromine, and chlorine are used continually in analytical 
work. These are by no means the only gases which dissolve in 
water, for all gases are soluble to a greater or less extent. The 
solubility is conveniently expressed either as the volume of the gas 
in milliliters (measured under standard conditions) or as the weight 
of the gas in grams which will saturate 1 liter of water at a definite 
temperature and a pressure of 1 atmosphere. Table 18 gives the 
solubility of a few common gases at 0° C. 

The solubility of a gas changes greatly if the pressure or tempera¬ 
ture is altered. Henry’s law ^ (1803) describes the change of solu- 
bihty with pressure as follows: The weight of a gas dissolved in a 
given quantity of liquid is directly proportional to its pressure. In 
mathematical symbols; 


— = /bP or 

V 


K 

vP 


= k 


where v is the volume of liquid, W the weight of the gas, P its 
pressure, and k a constant characteristic of the particular gas. 
In case of a mixture of gases the solubility of each is proportional 
to its partial pressure in the mixture. 

The weight of a gas in a given quantity of liquid is one method 
of expressing its concentration, C 2 , in the liquid phase. In symbols 
we may write: 

C2 


W 


Since the concentration in the gaseous phase, Ci, is proportional 
to the pressure, P, by Boyle/s law, we may also write: 

Cl = (a constant) X P 
W 

Substituting these values in the equation ™ = fcP, we obtain an¬ 
other statement of Henry's law, namely: 

C, = KCx or ^ = K 

Cl 


A third method of stating Henry’s law is often used and has the 
advantage of extreme simplicity. According to Boyle’s law the 
volume, V, of a gas is inversely proportional ito its pressure, P. 


» For a fuller discussion of this topic see Mellor, Comprehensive Treatise on 
Inorganic and Theoretical Chemistry, I, pp. 627-636. 
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It is also directly proportional to the mass of gas, W, In mathe¬ 
matical terms: 

w 

^ = (a constant) X V 

If we substitute this value for ^ in ^ = fc, we find: 

P vP 

V 


where V is the volume of the gas measured 

under experimental conditions^ v, as before, 

is the volume of liquid, and ¥ is a constant 

characteristic of the particular gas. This 

equation shows that according to Henry’s 

law the volume of gas measured under Cj/Ci^ko^ (v/v-:k') 

experimental conditions dissolved in a given 

quantity of a liquid is independent of the 

pressure. The three forms of Henry’s law He^»s Law 

are represented graphically in Figure 15. (Schematic). 

Representative values of the constant k' for two slightly soluble 
gases are given in Table 19. 


TABLE 19 


Henry's Law Constants, k' = for Slightly Soluble Gases in Water. 

V 

(F Is Measured in Ml. and v in L.) 


Pressure (atm.) . . 

1.18 

1.32 

2.63 

5.26 

7.90 

10.58 

Oxygen at 28® . . 

, 27.li 

27 .I 0 

27.06 

26.57 

25.86 

25 .O 4 

Nitrogen at 19.4® . 

. 15,lo 

15.08 

14.9s 

14.68 

14.24 

13.77 


The divergence from Henry’s law is more pronounced in the case 
of more soluble gases like carbon dioxide and ammonia, as Table 
20 shows. The behavior of the latter is complicated by the fact 

TABLE 20 

w 

Solubility and Henry’s Law Constants, k = for Highly Soluble Gabes 

vP 

IN Water at 0® C. 


Pressure (atm.) . 

g. CO 2 /I. wat/er . 
k (CO 2 ) . . . 

Pressure (atm.) . 

g. NHs/1. water . 
k (NH 3 ) . . . 


1 5 10 15 80 25 80 


. . 3.552 

17.10 

31.69 43.39 

52.68 

60.39 

66.70 

. . 3.552 

3.420 

3.169 2.892 

2.634 

2.416 

2.223 

. . 1.18 

1.32 

1.45 

1.58 

1.71 

1.84 

. , 1000 

1090 

1190 

1290 

1390 

1490 

. . 847 

826 

820 

816 

813 

810 
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that it forms ammonium hydroxide, which is somewhat dissociated 
into ions. Nemst has shown that Henryks law only holds for 
substances which are in the same state of molecular complexity in 
the liquid as in the gas; Lc., which are neither dissociated nor 
associated in either phase. 

At higher temperatures the solubilities of gases in water follow 
Henryks law more nearly than at lower temperatures. This is 

shown by Figure 16, in which are plotted 
the results for the solubility of carbon 
dioxide in water obtained by W. Sander.^ 
Most gases become considerably less 
soluble as the temperature is raised. 
The extent of the change in the case of 
several common gases dissolved in water 
is illustrated by Table 21. Such gases 
may be expelled completely from solu- 
tion by prolonged boiling. We may vis- 
™20 50 80 no 140 170 ualize the process as follows: The bub- 
Fig steam initially contain no appreci¬ 

able concentration of the gas. As they 
rise through the solution, gas molecules tend to diffuse into them 
until the ratios of the concentrations in the steam and in the liquid 

have reached the equilibrium value = k\ The steam carries 

out the gaseous molecules and prevents their return to the liquid. 
If the boiling is continued long enough, the gas may be removed as 
completely as desired. Even ammonia, which reacts with the 
water to a considerable extent, may be removed thus by boiling. 


700 
600 
I 500 
-400 

(A 

^300 

200 




.60“ 


TABLE 21 

Solubility of Certain Gases at Different Temperatures 
(G. Gas/L. Water) 


T. (°C.) 


i 

(h 

CO. 

NIL 

0 

0.0019 

0.0695 

3.35 

900 

30 

0.0015 

0.0360 

1.25 

400 

60 

0.0012 

0.0227 

0.5S 

_ 

90 

0.0005 

0.0079 




I Zeit. physik Chem., 78, 51.'} (1912). 
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Not all gases, however, can be boiled out in this way. Some, Kke 
hydrogen chloride, hydrogen bromide, and hydrogen iodide form 
with the water constant boiling solutions, the boiling points of 
which are higher than that of water. When, for example, a solu¬ 
tion of hydrochloric acid is distilled, the composition of the dis¬ 
tillate approaches more and more nearly to that of the residual 
solution, regardless of whether the initial solution is concentrated 
or dilute. Eventually the composition of the distillate becomes 
equal to that of the residue and remains so as distillation proceeds 
further. During the distillation the temperature rises and finally 
becomes constant. If the atmospheric pressure is 760 mm., the 
constant boiling solution is 20.221 per cent hydrochloric acid, 
and the constant boiling temperature 108.584® C.^ This constant 
hailing solution is not a compound since its composition depends 
upon the pressure of the atmosphere, as the data in Table 22 show. 
Nevertheless, the composition is definite enough so that such a 
distillate may be used as a standard acid in quantitative work. 


TABLE 22 

Composition of Constant Boiling HCI-Water Distillate* 


Pressure Mm. Merc. 

Weight Per Cent HCl 

770 

20.197 

7(>0 

20.221 (B. P. 108.584*’ C.) 

750 

20.245 

740 

20.269 

730 

20.293 


* Foulk and Hollingsworth, J. Am. Chcm. Soc., 45, 1227 (1923). 


The Solubility of Liquids in Liquids. Some liquids, like ethyl 
alcohol, are chemically quite similar to water (both alcohol and 
water contain the hydroxyl group) and will mix with water in all 
proportions. Such liquids are said to be completely miscible^ or 
consolute, with water. Others, like mercury, which are chemically 
very unlike water, will not dissolve to any appreciable extent and 
are classed as immiscible with water. A third group of liquids, 
which are intermediate between the first two groups, are partially 
miscible. As an illustration of such a pair of liquids we will take 

* Bonner and Wallace, J. Am. Chem. Soc., 52, 1747 (1930); Cadbury, Journal 
of Chemical Education, 12 , 292 (1935). 
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the system phenol-water, which has been studied very carefully. 
If small quantities of phenol ^ are shaken with water, they will 
dissolve in it; but if, at 20°, more than 8.36 per cent by weight of 
phenol is added, it will not completely dissolve. Instead, the 
mixture will separate into two layers, the lower of which consists 
of a saturated solution of phenol in water, the upper of a saturated 
solution of water in phenol. As the temperature is raised, the 
mutual solubility of each substance in the other increases. Finally 
a temperature is reached at which the two liquid layers become 
completely miscible and one homogeneous solution results. 

Hill and Malisoff ^ have determined the compositions of the two 
layers at various temperatures. Their results are listed in Table 

23 and are plotted in Figure 17. The 
curve AC gives the per cents of phenol 
in the upper layer, t.e., the solubilities of 
phenol in water at various temperatures, 
and the curve BC the per cents of phenol 
in the lower layer, i.e., the solubilities of 
water in phenol. This diagram tells us 
instantly whether we shall have one or 
two liquid phases when we mix together 
given weights of water and phenol at a 
given temperature. Any point inside the 
curve ACB represents two phases, while any point outside the curv^e 
represents a single phase. Thus if we shake together 15 grams 
phenol and 85 grams water at 30°, not all the phenol will dissolve in 
the water. Instead, we shall have two phases. This state of affairs 
is represented by the point D. If we shake together 10 grams of 
phenol and 90 grams of water at 50°, as represented by the point JE, 
we shall have a single phase. At the point C, corresponding to 
65,85° C. and 34.0 per cent phenol, the two solubility curves meet. 
Above this temperature, which is called the critical soliUion temper- 
ature^ or consolute temperaturey phenol and water are miscible in all 
proportions, giving a single homogeneous liquid phase. 

Systems like phenol-water where the mutual solubility increases 
with increasing temperature are said to have an upper consolute 



per cent phenol 

Fig. 17. Phenol-Water 
Solubility. 


^ Pur© phenol is a solid, melting at 4.3° C. The solution in it of a very small 
quantity of water lowers the freezing point below ordinary room temperatures 
so that we may regard the solution of water in phenol as one member of the liquid 
pair. 

2 J. Am, Chem, Soc., 48, 918 (1926). 
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TABLE 23 

Thu System Phenol-Water 


Temperature 

Wt. Per Cent Phenol 
IN Lower (Aqueous) 
Phase 

Wt. Per Cent Phenol 
IN Upper (Phenolic) 
Phase 

20® 

8.4 

72.2 

30® 

9,2 

69.9 

40® 

9.6 

66.8 

50® 

11.8 

62.6 

55® 

13.8 

69.2 

60® 

16.8 

66.1 

65® 

23.9 

46.8 

65.85® 

34.0 

34.0 


temperature. Cases are known where the mutual solubility 
decreases with increasing temperature. Such systems are said to 
have a lower consolute temperature. A system of this type is 
triethylamine and water, which are completely miscible only 
below 18.5°. The solubilities of some conomon liquids in water 
at 20° C. are given in Table 24. 

TABLE 24 

Solubility of Some Liquids in Water (20® C.) 


Liquid 

Per Cent Solute 

IN Saturated 
Solution 

Aniline. 

3.49 

Bromine. 

3.41 

Butanol. 

20.1 

Carbon disulfide. 

0.21 

Carbon tetrachloride .... 

0.08 

Chloroform. 

0.80 

Ethyl acetate. 

7.94 

Ethyl bromide. 

0.91 

Nitrobenzene. 

0.19 


The Solubility of Solids in Liquids. The solubility of solids in 
water is customarily expressed as the number of grams of the solute 
that will saturate 1 liter of water. There is a wide variation in the 
solubilities at a given temperature of the salts which we meet most 
frequently. For convenience we often refer to them qualitatively 
as insoluble^ slightly soluble^ moderately solublcj and very soluble. 
The examples given in Table 25 illustrate in a general way what 
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these terms imply; beneath the name of each substance is given 
the solubility in grams per liter of water at 20° C. 


TABLE 25 

General Terms for Expressing Solubility 


Term 

Substance and Solubility in G./L. 
Water at 20® C. 

Insoluble. 

AgCl 

BaS04 

CaC204 


0.0015 

0.0024 

0.0065 

vSlightly soluble. 

Ca(OH)j 

Ag2S04 

PbCU 


1.65 

7.9 

9.9 

Moderately soluble. 

NaCl 

Ba(N03)2 

CuSO* 


360 

92 

207 

Very soluble. 

AgNOs 

CaCh 

NaOH 


2090 

650 

1090 


We are not yet in a position to predict with certainty from any 
specific characteristic of a substance whether or not it will be 
readily soluble in water. There are, however, some general rules 
regarding the solubilities of the commoner salts, which will be 
found practically useful. These we may list as follows: 

(1) All nitrates and all acetates are soluble. However, silver 
acetate is only slightly soluble ; ferric acetate and some others are 
readily hydrolyzed with a resulting precipitation of basic salts. 

(2) All sulfates are readily soluble except those of lead, barium, 
strontium, and calcium. Lead sulfate and calcium sulfate are 
slightly soluble. Stannic sulfate is largely hydrolyzed. 

(3) All chlorides are soluble except those of silver, lead, and 
mercurous mercury. One of these, lead chloride, is slightly 
soluble. Bismuth and antimony chlorides hydrolyze to give the 
highly insoluble oxychlorides. 

(4) All carbonates are insoluble except those of the alkali metals 
and ammonium. Magnesium carbonate is slightly soluble. 

(5) All sulfides are insoluble except those of the alkali and alka¬ 
line earth metals. All of these are highly hydrolyzed; so also are 
the sulfides of chromium and aluminum. 

(6) All phosphates are insoluble except those of the alkali metals 
and ammonium. 

As the data given in the first line of Table 25 imply, there is no 
such thing as a totally insoluble salt. Probably every substance is 
soluble in water to some extent. 
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Fig. 18. 


20 “ 40 “ 60 “ 80 “ 100 “ 
Temperature (°C,) 

Solubility of Certain 
Salts. 


In stating the solubilities of solids, the temperature must be 
given, since in almost all cases the solubility is markedly affected 
by temperature change. It is usually, although not always, 
decidedly increased by a rise in temperature. In Figure 18 are 
given solubility curves for various salts, 
which indicate what a variety of effects a 
rise of temperature may have on solu¬ 
bility. 

The only general rule which allows us 
to predict how the solubility of a partic¬ 
ular solid will change with temperature 
is based upon the Principle of Le Chatelier 
(see Chapter 6). This rule is: If a sub¬ 
stance dissolves with the evolution of heaty its 
solubility will decrease with rising tempera- 
ture; if it dissolves with the absorption of 

heatj its solubility will increase with rising temperature. In order to 
apply this rule, we must know the heat liberated or absorbed when 
the substance is dissolved in the nearly saturated solution. This may 
be quite different from the heat change when the substance is 
dissolved in pure water unless its solubility is very low. The 
principle is therefore immediately applicable only to such slightly 
soluble compounds as calcium sulfate, calcium hydroxide, or silver 
chloride. 

The same rule applies to any solute whether it be solid, liquid, or 
gas, and is rigorously true, but its practical application is limited 
by the fact that we do not usually know the requisite heats of 
solution. 

Most of the curves in Figure 18 are smooth, but some, like that of 
sodium sulfate, show a decided break. Such a break indicates 
that the solid phase is different for the two parts of the curve. In 
this particular case the decahydrate, Na2SO4.10H2O, exists up 
to 32.383° C. Above this temperature it decomposes into the 
anhydrous salt, Na2S04, and water. The two parts of the curve 
represent the solubilities of the two solid phases, sodium sulfate 
decahydrate and anhydrous sodium sulfate respectively. The 
change may be represented by the following equation, in which 
solid phases are indicated by the underlined formulas: 


Na2SO4.10 H 2 O 


32.383° 

- >- 


Na2S04 + 10 H 2 O 
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The transition temperature of such a change is just as definite 
as the free 25 ing point of water. It may be determined for some 
hydrated salts with great accuracy and used as a “fixed point” for 
the calibration of a thermometer at a temperature nearer that at 
which it will be used than the freezing point or boiling point of 
water. 

The solubility of a solid substance at any given temperature may be 
defined precisely as the concentration of a saturated solution of the 
substance. In order to be sure that the solution is saturated, 
it must be in contact with the undissolved solid. A solution 
which is unsaturated will dissolve more of the solid. One which 

is supersaturated will precipitate out the 
excess solid, but this is only certain to 
occur if some of the solid is added to 
start crystallization. 

When a salt forms one or more crystal¬ 
line hydrates, its solubility, in grams of 
anhydrous salt per liter of solution, will 
depend on the particular solid phase pres¬ 
ent. This is illustrated by a considera¬ 
tion of Figure 19, which shows the 
solubility-temperature curve for sodium 
sulfate and two crystalline hydrates. If 
the solid phase is anhydrous Na 2 S 04 , its 
solubility may be studied below 32.383° in the absence of a 
hydrated phase. It is found to follow the dotted line AC. Be¬ 
low 32.383° a solution of a concentration indicated by a point 
on this dotted line is saturated with respect to the anhydrous 
salt but supersaturated with respect to the decahydrate. At 24.4° 
a new solid phase, the heptahydrate, Na 2 S 04 . 7 H 20 , may appear. 
Its solubility curve is indicated by the dotted line. At 10° a solu¬ 
tion containing 23.4 per cent by weight NaiSfh will be unsaturated 
with respect to the heptahydrate and supersaturated with respect to 
the decahydrate. The dotted lines in Figure 19 represent meta- 
stable phases, i.e., phases which can exist only in the absence of 
the more stable modification. Thus Na2S04 is metastable be¬ 
low 32.383°. Note that the metastable phiise always has the 
greater solubility. If it were present with the stable phase, it 
would necessarily dissolve and change into the less soluble stable 
phase. 




Fig. 19. 


20 ® 40 ® 60 ® 80 ® 100 ® 
Temperature 

Solubility Curve for 


Na2S04 and Two Hydrates. 

be 
It 
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Concentration Units. The many ways of expressing the concen¬ 
tration of solutions may all be grouped in two divisions. 

(1) Weight of solute per unit volume of solution, (a) Grams of 
solute per liter of solution. In preparing a solution, a given weight 
of solute is dissolved in water and the solution diluted to 1 liter. 

(6) Moles of solute per liter of solution, molarity ^ M. Using these 
units we may express the concentration as a fraction or a multiple 
of 1 molar, 1 M. For example, a solution made by dissolving 36.46 
grams of hydrogen chloride in water and diluting it to 1 liter is a 
1 M solution. A solution of the same acid containing 27.34 grams 

27 34 

of solute per liter of solution would be or 0.7499 M. 

36.46 

(c) Gram equivalents of solute per liter of solution, normality^ N* 
A solution that contains 1 gram equivalent of solute in 1 liter of 
solution is 1 normal, 1 N. A solution that contains 30.26 grams 

30 26 

of sulfuric acid in 1 liter is or 0.6167 N. The same solution is 

49.07' 

0/-V Qf* 

or 0.3083 M. 'Normality as a method of expressing con- 

Uo. i'x 

centration greatly simplifies the calculations in volumetric analysis. 

(2) Weight of solute per unit weight of solvent or of solution. 

(a) Grams of solute per 1000 grams of solvent. 

(b) Moles of solute per 1000 grams of solvent, molality^ m. A 
solution made by dissolving 1 mole of solute in 1000 grams of 
solvent is a ^ molal solution, 1 m. A solution of 342.17 grams of 
sucrose in 1000 grams of water is 1 m; a solution of 22.62 grams 

22 62 

of sucrose in 1000 grams of water is or 0.0661 m. 

342.17 

(c) Grams of solute per 100 grams of solution, weight per cent 
This method of expressing concentration is very commonly used. 
An 18 per cent solution of sucrose in water is composed of 18 grams 
of sucrose and 82 grams of water, since 18 grams out of each 100 
grams are sucrose. This weight per cent may be converted readily 
into molality thus: 

82 grams of water contain 18 grams of sucrose 
1000 grams of water contain X 1000 grams of sucrose 
= 219.5 grams 

= or 0.642 moles 

342.17 

Hence the solution is 0.642 m. 
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(d) Mole fraction. If we know the weight of solute and the 
weight of solvent, we may easily calculate the number of moles of 
each. The number of moles of solute divided by the total number 
of moles of both species will, obviously, be the mole fraction of the 
solute. For example, if we have 0.642 moles of sucrose in 1000 

1000 

grams, or ig^jg 55.51 moles, of water, the total number of 
moles of sucrose and water will be 56.15. The mole fraction of 

n A4.0 

sucrose will be or 0.011, and the mole fraction of water 

56.15 

will be 1.000 - 0.011, or 0.989. 

(e) Mole per cent. The mole fraction of solute is the number of 
moles of solute in 1 mole of the mixture; hence the mole per cent 
may be obtained by multiplying the mole fraction by 100, i.e., the 
mole per cent is the number of moles of solute in 100 moles of the 
mixture. 

Properties of Solutions 

The study of the properties of solutions, in contrast to the 
properties of the pure solvent, is fundamentally important in 
chemistry. If a nonvolatile solid solute like sucrose is dissolved 
in water, all of the specific physical properties of the liquid are 
altered. Among the most important of these are the freezing 
point, boiling point, and vapor pressure. Each of these effects, 
together with that closely related property the osmotic pressure 
of the solution, will be considered in some detail. 

Freezing Point. The freezing point of a liquid may be defined as 
(he temperature at which the liquid is in equilibrium with the solid and 
with the gas phase. For example, the freezing point of water is 
the temperature, 0° C., at which all three phases, water, ice, and 
water vapor, may exist together under atmospheric pressure. To 
detennine the freezing point of a pure substance, we need only 
freeze it partially, place it in an environment at nearly the same 
temperature, insert a thermometer, and read the temperature. 

There is another definition which we shall find more directly 
applicable. The freezing point of a liquid is the temperature at 
which the solid begins to form as the liquid is cooled, provided that 
supercooling is prevented. The melting point may, conversely, be 
defined thus: The melting point of a solid is the temperature dt 
which liquid begins to form as the solid is heated. As we shall see, 
the freezing point and the melting point are the same for a pure 
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substance but for a solution they may be very different. This is 
because, as a pure substance freezes, the liquid does not change 
in composition; while as a solution freezes, the solvent separates 
as solid, the solution becomes more concentrated, and the freezing 
point falls. The difference between the two points may be under¬ 
stood from an examination of the determination of the freezing 
point and the melting point of a pure solvent and of a solution, 
which we shall now describe. 

One of the most satisfactory methods for 
determining freezing points is to allow a liquid 
to cool slowly until it completely solidifies, taking 
temperature readings at suitable time intervals 
during the process. Plotting the temperature 
readings against the corresponding times gives 
a cooling curve^ or time-temperature curve from 
which we can read the freezing point. We 
shall assume that our task is to determine (1) the 
freezing point of water and (2) the freezing 
point of a solution of urea, CO(NH 2 ) 2 . The ^Point^ApparatS?* 
apparatus we shall use is shown in Figure 20. 

Enough of the liquid is put in the tube A to cover completely the 
bulb of the thermometer T. The liquid is thoroughly agitated by 
means of the stirrer S, made of heavy platinum or nichrome wire 
or of glass. A freezing mixture of ice and salt is contained in the 
vessel C. The tube A is not immersed directly in C but is insulated 
by means of a small air gap between it and an outer tube JS, which 
is in direct contact with the freezing mixture. This prevents too 
rapid a cooling of the liquid. Beginning at a temperature several 
degrees above zero, temperature readings are taken at regular 
intervals, say 30 seconds, as the liquid cools, until the whole mass 
has become solid. The temperature at first drops rapidly, then 
rises a little, then drops more slowly or not at all until solidification 
is complete, then again drops more rapidly. 

If the temperature readings be plotted against the time, the 
cooling curves for water and for the solution of urea will have 
the forms shown in Figure 21. The differences between the two 
curves are very obvious. 

^ In the case of water there is some supercooling, the temperature 
dropping below the true freezing point; then when solid ice begins 
to separate at J5, the evolution of the latent heat of fusion of the ice 
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causes a rise in temperature to the point C at which the three 
phases, water, water vapor, and ice, can exist in equilibrium, that 
is, to 0° C. The temperature then remains constant until all of the 
water has solidified. When solidification is complete at Z), the 



temjjerature again drops as cooling proceeds. Upon warming the 
solid, ice, at the same rate as the former cooling, the curve could 
be retraced from E to C, melting beginning at the point D. The 
curve indicates the point C as the freezing point, the point D as 
the melting point; for water or any pure substance the two points 
would lie on a horizontal line and would represent exactly the same 
temperature. In other words the freezing point and the melting 
point of a pure substance are identical. 

The cooling curve for the solution parallels that for water until 
the solid begins to separate, Wlien solid begins to form at the 
temperature rises very nearly, but not quite, to the true freezing 
point of the solution. This is because the solution is made slightly 
more concentrated by the ice frozen out. For this reason the 
supercooling should be made as little as possible by vigorous 
stirring. As the curve shows, the temperature then drops gradually 
as the solid, ice, separates and renders the solution increasingly 
more concentrated. At the point /)' the curve becomes horizontal 
and continues so until at solidification is complete. The tem¬ 
perature corresponding to this horizontal portion of the curve is the 
melting point of the solid; from to the ice and urea are 
separating in the same proportion as they are present in the residual 
saturated solution. 

A much-used criterion of the purity of substances, particularly 
in organic chemistry, is the constancy of the freezing point. As 
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pointed out above, the temperature of a solution drops as the sol¬ 
vent, water, freezes out; the freezing point and melting point are 
not the same. The same holds for any mixture. As one com¬ 
ponent freezes out the temperature drops. It is also true that if 
the freezing point and the melting point of a given material are not 
identical, i.c., if the temperature drops 
as solid separates, then the material is 
not a pure substance. 

It is important to observe in Figure 21 
that the freezing point C' of the solution 
is lower than the freezing point C of the 
water. The difference between these 
two temperatures is the depression of 
the freezing pointy AT/, of water by the 
dissolved urea. 

The greater the concentration of the 
solution, the lower will be the freezing 
point, i.e.y the greater will be the depression of the freezing 
point. The curves in Figure 22 show the freezing points of 
solutions of several different nonpolar solutes at various con¬ 
centrations, expressed in grams of solute 
per 1000 grams of solvent. These are 
very nearly straight lines, showing 
that the depression of the freeziug^ 
point is proportional to the concentra¬ 
tion. Raoult, in 1882, first pointed 
out the much more useful relationship 
which follows if we express the con¬ 
centration in gram molecules of solute 
per 1000 grams of water. We then 
find (see Figure 23) that the freezing 
points of equimolal dilute solutions of 
In other words, for any nonpolar solute 


x=Dextrose 
A IS Glycerol 
o « Sucrose 



Molality 

Fig. 23. Freezing Point 
Depression and Molal 
Concentration. 


nonpolar solutes are equal. 
we have the relationship: 


aT/ = K/m 


where AT/ is the observed depression of the freezing point, m the 
molality of the solution, and K/ is a constant which is practically 
the same for all nonpolar solutes for the given solvent. K/ is 
known as the molecular depression constant; it is the value of AT/ 
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calculated for m = 1. For water it has the value 1.86® C. The 
values for other useful solvents are shown in Table 26. 


TABLE 261 

Moleculab Depbession Constants fob Various Solvents 


Solvent 

F. P. 

Kf 

W'^ater. 

0° C. 

1.86“ C. 

Acetamide. 

82 

3.63 

Benzene . 

6 

5.12 

Aniline. 

— 6 

5.87 

Naphthalene .. 

80 

6.93 

Carbon tetrachloride. 

— 25 

29.8 

Camphor. 

178 

49.8 


1 Selected from Landolt-Bornstein Tahellcn (5th edition). 


Inasmuch as the depression of the freezing point of water is not 
an exactly linear function of the concentration when the con¬ 
centration is high but increases with increasing concentration, 
the value for K/ may be determined accurately only from solu¬ 
tions less than 1 molal. For example, if we find that a solution 
made by dissolving 6.435 g. of dextrose in 1000 g. of water freezes 
at — 0.066® C., we have from the equation AT/ = K/m: 

0.066° = Kf X «'■ = 1-86° 


«2.6[- 


o 2.41 


i22. 


^ 2.0 


o = Acetamide 
X = Dextrose 
A = Glycerol 
o =s Sucrose 


Figure 24 shows the extent to which Kf as computed from measured 
depressions at higher concentrations differs from this value. 

Boiling Point. Unlike the 
freezing point, the boiling 
point of water is raised by dis¬ 
solved impurities or added solid 
solute. (This is not always true 
of dissolved liquid or gaseous 
substances.) The boiling point 
of water, or of any other pure 
substance that is not decompos¬ 
ing, remains constant while 
the liquid is boiling or distill¬ 
ing off. If a solid solute has been added, however, the tempera¬ 
ture of boiling does not remain constant as water distills off but 
rises continuously as the solution remaining becomes more con- 
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Fig. 24. Divergence of Kf for Water from 
1.86 for Various Solutes at Higher 
Concentrations. 
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centrated. The elevation of the boiling point Ar6, like the de¬ 
pression of the freezing point, is proportional to the concentra¬ 
tion of the solution. If the concentrations are expressed in gram 
molecules per 1000 grams of water, Raoult found that for mod¬ 
erate concentrations (less than about 1 molal), the elevations are 
the same for all nonpolar solutes: 

ATb = Kbiri 

where ATb is the elevation of the boiling point, m the molality, 
and Kb is a constant known as the molecular elevation constant. 
The solution obtained by dissolving 1 gram molecule of any non¬ 
polar solid substance in 1000 grams of water boils at 100.52° C. 
Hence, the molecular elevation of the boiling point of water is 0,5^ 
for any solid nonpolar solute. In Table 27 are given the molecular 
boiling point elevation constants for a number of solvents. 


TABLE 27 1 

Molecular Elevation Constants for Various Solvents 


Solvent 

BP. 

Kb 

Water. 

lOO'^ c. 

0.62® C. 

Benzene . 

80 

2.57 

Aniline. 

184 

3.69 

Carbon tetrachloride. 

79 

4.88 

Naphthalene. 

218 

5.80 

Camphor. 

204 

6.09 


1 Selected from Laridolt-Bornstoin Tahdlen (5th edition). 


Vapor Pressure. We may consider the vapor pressure of water 
as the pressure exerted by the gaseous water molecules in equi-- 
librium with the liquid water at a given temperature^ that is, when 
the gas phase is saturated with water vapor. The effect of dis¬ 
solving a solid substance in the water is to the vapor pressure. 
The meaning of this lowering of the vapor pressure may be visual¬ 
ized more clearly, and at the same time the relation between the 
lowering and the concentration of the solution may be definitely 
shown, if we consider an experimental demonstration of the effect. 
In Figure 25 are shown a series of barometer tubes. The tube 
A contains mercury only. Into the tube B a few drops of water 
have been introduced, into tube C a few drops of 0.5 molal glucose 
solution, and into tube D a few drops of 1 molal glucose solution. 
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The space over the mercury in tube A is vacuous except for the 
vapor of the mercury itself. The vapor pressure of this is so very 
small, 0.0012 mm. of mercury at 20° C., that for present purposes 
we may neglect it. The space over the mercury in the tube B is 

occupied by the molecules of gaseous 
water which are in equilibrium with the 
drop or two of water remaining as liquid 
on top of the mercury. The fall in the 
mercury column taking place when the 
water is introduced, the distance a&, is the 
vapor pressure of the water in mra. of 

of the VaTOF Pressure by mercury. In the tube C, into which 0.5 
Solutes. , , , 1 , t 

molal glucose solution has been intro¬ 
duced, the mercury has fallen less than in B ] here the fall is 
represented by oc. In tube D it is still less, and is represented 
by ad. Representing the vapor pressures of water, 0.5 molal 
glucose, and 1 molal glucose, respectively, we have the distances 
abj aCy and ad. The distance {ab — ac) = be represents the lower¬ 
ing of vapor pressure of water due to the addition of glucose in 
0.5 molal concentration, and {ab — ad) = bd that due to addition 
of glucose in 1 molal concentration. 

Eaoult found the following simple relationship between the 
lowering of the vapor pressure and the concentration : The lowering 
of the vapor pressure of water by a solid nonpolar solute is directly 
proportional to its concentration. It amounts to about 0.31 mm. 
for a 1 molal solution at 20° C., at which the aqueous tension is 
17.54 mm. At higher temperatures the aqueous tension is higher, 
and the molecular depression of the vapor pressure is also increased, 
the depression being always proportional to the aqueous tension. 
All these facts are embodied in the single equation usually known 
as Raoult’s law, one form of which is: 

^ — km 
Po 

where Ap is the lowering of the vapor pressure, p^ the vapor 
pressure of the pure solvent, m the molality of the solution, and 
k a constant characteristic of the solvent. 

Another way of expressing RaoulUs law has even wider appli¬ 
cability. If we express the concentration of the solute in t-erms 
of the mole fractioUj i.e., the number of moles, n, of the solute 




VAPOR PRESSURE LOWERING 


99 


divided by the sum of the number of moles of the solvent, iV, 
and the solute, we may write: 

Ap _ k'n 
Po (N + n) 

where fc' is a constant. Now Raoult showed that for dilute solu¬ 
tions of any nonpolar substance in any solvent fc' = 1. In other 
words, the relative lowering of the vapor pressure is equal to the mole 
fraction of the solute. We may express this mathematically thus: 

Ap _ n 
Po {N + n) 


A numerical illustration will show the application of the last 
equation. Let us calculate the relative lowering of the vapor 
pressure in a 0.50 m solution of urea in water. This solution con¬ 
tains 0.50 moles of solute for every 1000 g. water, hence n = 0.50 

and N = 55.51. Substituting these values in the equar 

tion above : 


^ ^_0.50_J^O 

po (55.51 + 0.50) 56.01 


0.0089 


The actual value of the depression at 20*^, where po = 17.54 mm., 
is therefore Ap = 0.156 mm.; at OO"", where p^ = 525.8 mm., Ap = 
4.68 mm. 


The quantitative effect of a solute on 
the vapor pressure of water merits a 
much more extensive treatment in a 
later course. It is of importance here, 
however, because, as van’t Hoff first 
showed in 1887, it relates very clearly 
the two other effects of nonpolar sub¬ 
stances that have just been discussed, 
viz., the depression of the freezing point 
and the elevation of the boiling point. 
Each of these is dependent upon the 
vapor pressure, as the curves in Fig- 
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Ure26show. The curv^e OJ? is the vapor Fig. 26. Vapor Pressure 
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pressure increases from 4.58 mm. at 0° C. 

to 760 mm. at 100° C. When the latter pressure is reached, the 


water boils, the vapor pressure being equal to the atmospheric 
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pressure. When water is cooled to 0® C., it freezes, and a continu¬ 
ation of vapor pressure measurements gives us the curve OA, the 
vapor pressure curve for ice. The curves DC and EF are the vapor 
pressure curves for two solutions. In both these cases, as the 
curves show, the temperature must be raised above 100® before 
the vapor pressure of the solution reaches 760 mm. In other 
words, because of the lower vapor pressure due to the solute the 
boiling point is raised. The lowerings of the vapor pressure at 
100® C. are BG and BH ; the elevations of the boiling point are 
BC and BF, Since the curves are essentially parallel over a short 
range, we then have BC: BF — BG : J3//, that is, the elevations 
of the boiling point are proportional to the lowerings of the vapor 
pressure. 

Similarly, at 0® C. the lowerings of the vapor pressure are given 
by 01 and OJ, and the depressions of the freezing point by OM 
and OL. Thus the depressions of the freezing point are propor¬ 
tional to the lowerings of the vapor pressure. Hence, we may 
deduce that for any t wo given solutions the elevations of the hailvig 
point are proportional to the depressions of the freezing point. 

At the point 0, the freezing point of water, ecpiilibrium exists 
between ice^ watery and ivater vapor; at the points D and Ey the 
freezing points of the solutions, ice, solutioriy and water vapor are in 
equilibrium. 

The question often arises: Why does ice melt if it is put into 
a solution at a temperature below 0°? A consideration of the 
vapor pressures will make the reason clear. If we w^ere to put a 
piece of ice and a beaker of the solution under a Ixdl jar at a temper¬ 
ature below 0®, but above the freezing point of the solution, the 
vapor pressure of the ice would be greater than that, of the solu¬ 
tion ; hence the water vapor would evaporate from the surface of 
the ice and condense upon that of the solution. The vapor pres¬ 
sure is a measure of the escaping tendency of the substance. The 
escaping tendency is greater from the ice than from the solution, 
and the former melts in contact with the latter. Of course the 
same thing happens whether the ice is put directly into the water, 
or is merely in contact through the vapor as in our hypothetical 
experiment. 

Osmotic,Pressure. As long ago as 1748 the French Ahhi Nollet, 
professor of physics in Paris, observed that when a bladder was 
filled with a strong solution of alcohol, closed, and put into a jar 



OSMOTIC PRESSURE 


101 


of water, it became greatly distended. Later investigation has 
shown that whenever a pure solvent is separated from a solution 
by a semipermeable membrane, through which the molecules 
of the solvent can pass but those of the solute cannot, the solvent 
will tend to pass through the membrane into the solution. The 
pressure thus exerted is called the osmotic pressure of the solution. 

Osmotic pressure is a vital factor in the growth and metabolism 
of animals and vegetables, all of which are made up of millions 
of individual cells, each surrounded by a cell wall which plays 
the part of a semipermeable membrane. Water and solutes of 
low complexity pass through them into the cell and there may be 
built up into the complex substances of which the plant and animal 
body are composed and to which the walls of the cell are not 
permeable. A very satisfactory osmotic cell for demonstration 
purposes is a carrot, or other root vegetable, bored out, filled with 
a solution, and fitted with a rubber stopper and glass tube. 
Osmosis is slow but continuous for several days when the root is 
immersed in water. 

Animal and vegetable membranes are not suitable for exact 
measurement of osmotic pressures, but Traube found that a 
precipitation membrane of cupric ferrocyanide was suitable. The 
botanist Pfeffer, in 1877, in his classic experiments used such 
a membrane supported in the pores of an unglazed porcelain cup. 
All subseciiient workers have used a similar arrangement for accu¬ 
rate measurements. The membrane is prepared as follows. The 
porous porcelain cell is freed from entrapped air by placing it in 
boiling water and by electrolyzing through the pores a solution 
of potassium sulfate. It is then filled with a solution of potassium 
ferrocyanide and placed in a solution of cupric sulfate. The two 
salts, diffusing through the wall of the cell, meet in the middle 
and react, forming a gelatinous, filmy precipitate of cupric ferro¬ 
cyanide in and across i\ie pores: 

2 C 11 SO 4 + K4Fe(CN)r, —^ CuaFcCCN)^^ + 2 K 2 SO 4 

The cupric ferrocyanide precipitate is the semipermeable membrane. 
Supported as it is across the small pores, when carefully made 
it can withstand high pressures. By careful selection of porous 
cells and by assisting the natural diffusion by electrdlyzing the 
two solutions through the pores, Morse and Frazer at Johns 
Hopkins University made osmotic cells capable of withstanding 
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pressures up to about 150 atmospheres, or 1 ton per square inch. 
If the cell so prepared is closed at the top by a rubber stopper or 
other suitable device with a long glass tube attached, it is ready 
for demonstration purposes. Let us suppose the cell is filled with 
a 0.01 molal solution of glucose and then immersed in distilled 
water. Water passes through the semipermeable membrane 
into the glucose solution, and the level of the latter rises in the tube 
until it finally reaches a height of about 7 feet. The pressure of 
this column of water on the membrane amounts to about 2.9 
pounds per square inch. 

When an osmotic cell is filled with a solution and immersed in 
pure water, the osmotic pressure is measured by the pressure 
which must be applied in order just to prevent the infiltration 
of water into the cell. The measurement may be made in two 
ways — by permitting osmosis to continue until a column of mer¬ 
cury connected to the cell no longer rises, or by applying pressure 
on the surface of the solution to prevent the infiltration of all 
except a very little water. The former method has been used 
by Morse and Frazer in the United States, the latter by Berkeley 
and Hartley in England. Results by the two methods applied 
to similar solutions show, on the whole, good agreement. 

An important step in the understanding of osmotic pressure 
was taken by van^t Hoff^ in 1887, when he demonstrated the 
analogy between dilute solutions and gases, and showed how 
osmotic pressure is related to the other properties we have just 
considered. A translation of van^t Hoff’s memoir ^ has recently 
appeared in the Alembic Club Reprints, It is a beautifully clear 

^Jacobus Henricus van't Hoff (1852-1911) was lx)rn in Rotterdam, Holland. 
After graduate study in Germany and France he taught at Utrecht and later for 
many years was a professor at the University of Amsterdam. His early interests 
were in organic chemistry, to which he contributed the idea that the valences of 
carbon were directed toward the corners of a tetrahedron, which accounted for the 
optical activity of certain compounds. Later he turned to physical chemistry, 
for which his proficiency in mathematics had fitted him. This was the field of 
his greatest work. In addition to his discoveries in the realm of solutions, he was 
one of the first to study chemical dynamics. His^oint of view is well illustrated 
by a quotation from the introduction to his Etude de Dynamique Chimiquc: 
“Progress in general in any science passes through two distinct phases. At the 
beginning all scientific research is of a descriptive or systematic kind. Later it 
becomes rational or philosophical. It has not l)een otherwise with chemistry.” 
Van’t Hoff’s own work strengthened the rational foundation of the science. In 
1896 he was called to a research professorship “with the right, but without the 
obligation, of teaching” at the University of Berlin. Ho remained there for the 
rest of his life. 

A more detailed biography is to be found in Harrow’s Eminent Chemists of Our 
Time, 2nd ed., New York, D. Van Nostrand Co., 1927, pp. 79 ct seq. 

2 “The Role of Osmotic Pressure in the Analogy between Solutions and Gases,” 
Alembic Club Reprint No. 19. 
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and concise treatment of the whole question of osmotic pressure, 
vapor pressure lowering, freezing point lowering, and boiling 
point elevation, to which the reader is referred for further details. 
Using the results published by the botanist Pfeffer in 1884 and 
1887, van^t Hoff called attention to two remarkable relationships : 

First, the osmotic pressure of dilvie solutions of a normal substance 
{a nonelectrolyte) is directly proportional to the concentration C and 
hence inversely proportional to the volume V of solution containing a 
given weight of solute; that is: 

v = kiC (T constant) 

or tF = fa (T constant) 

where tt is the osmotic pressure. This is analogous to Boyle^s law 
for gases. Its correctness was pointed out by vanT Hoff in these 
words: ^^The following table [Table 28] contains Pfeffer^s determi¬ 
nations of the osmotic pressure P in sugar solutions of concentration 
C at room temperature (13.2° to 16.1°): 


TABLE 28 

A Comparison of Osmotic Pressure and Concentration 


Concentration (C) 
(Per Cent) 

Osmotic Pressure (P) 
(Mm.) 

P 

C 

1 

535 

535 

2 

1016 

508 

2.74 

1518 

554 

4 

2082 

521 

6 

3075 

513 


The approximately constant quotients point to an actual pro- 

portionality between pressure and concentration.^^ 

Second, the osmotic pressure varies directly as the absolute tern-- 
perature for a dilute solution of given concentration, i.e., for con¬ 
stant dilution or constant volume. 

TT — kzT {C constant) 


This is analogous to Charles’s law, and was proved by van’t Hoff 
when he compared Pfeffer’s observed values for the osmotic 
pressure of a 1 per cent solution with the pressure calculated for 
a gas of the same molar concentration. His figures are given in 
Table 29. 
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TABLE 29 

A Comparison op Osmotic Pressure and Gas Pressure 


Temperature 

"C. 

Osmotic Pressure 
(Atmos.) 

C/ALCIJLATED Ga8 
Pressure 
(Atmos.) 

6.8 

0.664 

0.605 

13.7 

0.691 

0.681 

14.2 

0.671 

0.682 

15.5 

0.684 

0.686 

22 

0.721 

0.701 

32 

0.716 

0.725 

36 

1 0.746 

0.735 


This shows satisfactory agreement within the (rather large) experi¬ 
mental error of Pfeffer^s measurements. 

Combining the equations tt = kiC (T const.) and tV — ki(C 
const.) with tt = k^T according to the scheme presented on page 
54 gives respectively : 

TT = krc 

and ttV = kT 

The latter has the same form as the combined gas law equation : 

FV = RT 

The analogy becomes still closer when it is realized that the k 
of ttF = kT is approximately equal to 1.98 cal. when V liters of 
solution contain 1 mole of solute, that is, it is equal to R of the gas 
law equation. Thus vanH Hoff^s equation for the osmotic pres¬ 
sure of a dilute solution finally becomes: 

ttF = RT 

If 1 mole of glucose or any other nonpolar solute be present in 
22.4 liters of solution, the osmotic pressure is 1 atmosphere ; hence 
if 1 mole be present in 1 liter of solution, the osmotic pressure is 
22.4 atmospheres, or over 300 pounds per square inch. 

The conclusion reached by van't Hoff has been of great impor¬ 
tance. If V represents the volume containing 1 mole of solute and 
TT is the osmotic pressure of the solution, then the gas law equa¬ 
tion describes also the behavior of solutions. 

Van’t Hoff originally expressed his laws for dilute solutions 
of dissolved solutes in terms of the volume concentration (molarity, 
M). Morse and others who subsequently studied osmotic pres¬ 
sure found that the laws held more satisfactorily and to higher 
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concentrations if the molality (m), were used as the unit of con¬ 
centration. This might be expected since part of the volume of 
the solution is occupied by the solute molecules, many of which, 
e,g,y sugar molecules, are bulky. If we express concentration 
in terms of a fixed quantity of solvent, we exclude the volume 
occupied by the solute molecules in much the same way that the 
van der Waals' equation corrects for the volume occupied by the 
molecules of a gas. For this reason the molality is usually chosen 
as the concentration unit in expressing the changes in vapor 
pressure, freezing and boiling points, and osmotic pressure. V in 
the equation ttV — RT will be taken then as the volume of solvent 
in which a mole of solute is dissolved. 

The Mechanism of Osmosis. VanT Hoff^s work showed that 
the osmotic pressure of a dilute solution depends upon the number 
rather than upon the nature of the dissolved particles, but it left 
open two important questions: First, how do semipermeable 
membranes operate? Second, what is the cause of osmotic 
pressure? The two questions are related, yet separate, and we 
shall treat them so. 

Several theories have been suggested to explain the manner 
in which the water permeates through the osmotic membrane: 

(1) The molecular sieve theory of Traube. The membrane is 
visualized as a perforated surface like a sieve against which the 
molecules strike in their zigzag thermal motion. The molecules 
of a solute like sugar are too large to pass through the holes and 
are stopped ; the water molecules are smaller and pass through. 
Since there are relatively more water molecules on the water side 
of the membrane than on the solution side where their numbers 
are reduced by the solute molecules, more water molecules pass 
into the cell than out of it, and consequently the level inside rises. 
This theory has largely been abandoned in recent years in favor 
of one of the following. 

(2) The vapor pressure theory. The membrane is considered 
as composed of a series of capillary openings too small to admit 
liquid, but intn which water vapor passes from the water on one 
side and the solution on the other. The vapor pressure of the 
water is greater than that of the solution so that water vapor 
from the water side condenses on the solution side. Consequently 
a slow distillation from the water side to the solution side goes on, 
accompanied by the rise of the solution level. 
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(3) The solid solution theory. This postulates that water is soluble 
in the material of the membrane while the solute is not. In the 
membrane there is formed a solid solution of water in cupric ferro- 
cyanide. The solid solution that is saturated in contact with water 
is supersaturated in contact with the solution. Consequently the 
water goes out of solution in the membrane, adding itself to the 
solution in the cell and causing the level of the latter to rise. 
Experiments may readily be set up that would seem to support this 
theory by analogy. If a cylinder containing oxygen be capped 
with a piece of thin rubber covered with a layer of water, and the 
cylinder be then surrounded with an atmosphere of ammonia, 
the latter dissolves in the water, and revaporizes into the oxygen, 
causing the total pressure to rise. The process will go on until 
the partial pressure of the ammonia is the same inside the cylinder 
as outside. 

The Cause of Osmotic Pressure. There have been as many 
different theories of the cause of osmotic pressure as of the way in 
which the membrane acts, but these may be divided into two 
groups. The first explains the pressure as due to the bombard¬ 
ment of the membrane by the solute particles; the second explains 
it as the hydrostatic pressure built up by the solute entering the 
solution through the membrane. 

The first explanation was suggested by vanT Hoff when he 
showed that the osmotic pressure of a dilute solution was numeri¬ 
cally equal to that which the same substance would exert if it 
were a gas under the same conditions. Since the gas pressure 
was known to be due to the bombardment of the walls by the 
gaseous molecules, the osmotic pressure was plausibly explained 
as the bombardment of the membrane by the solute molecules. 

No doubt a part of the pressure upon the membrane is due to 
bombardment by solute particles, but no osmotic pressure is built 
up until the membrane is put in contact with the pure solvent. 
Moreover, the osmotic pressure is a pressure of solvent from outside; 
not of solute from inside. This fact van’t Hoff himself recognized, 
but he was not concerned with the cause of osmotic pressure. 
In 1892 he wrote : ‘‘ Once again we have the equally futile question, 
what then exerts the osmotic pressure? Really, as already 
emphasized, I am concerned only with its magnitude; and since 
it has been found to be equal to the gas pressure, one is inclined 
to think that the mechanism of its production is similar to that 
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found in the case of gas pressure. Let him, however, who is led 
astray by this view, simply leave the question of mechanism alone 
altogether.^’ What van’t Hoff offered as a plausible suggestion 
was unfortunately accepted by many chemists as a completely 
satisfactory mechanism. 

The opposing theory of the cause of osmotic pressure, which is 
most widely held at present, focuses attention upon the solvent 
rather than the solute and attributes the pressure to the passage 
of the solvent through the membrane into the cell. This point of 
view can also be explained simply on the basis of a kinetic picture. 
If we think in terms of the molecular sieve membrane theory, 
more solvent molecules pass through the membrane into the solu¬ 
tion because more of them bombard the membrane on the side 
of the pure solvent than on the side of the solution, where their 
number is cut down by the molecules of solute interspersed among 
them. 

A consideration of the vapor pressures of the solvent and of the 
solution will bring out other illuminating facts in support of the 
hydrostatic picture. Suppose we put under the same bell jar 
two cylinders, one containing a pure solvent and the other contain¬ 
ing a solution. The vapor pressure of the solution will be less 
than that of the pure solvent, as we have seen earlier in this 
chapter; hence the vapor will tend to leave the surface of the 
pure solvent and to condense upon that of the solution. The 
level of the solution will rise and that of the pure solvent will fall, 
unless in some way the vapor pressure of the solution is increased 
or that of the solvent is decreased. We have already seen that a 
change in temperature will change the vapor pressure. The same 
is true of a change of pressure. It can be proved that an increase 
in the total pressure on any substance will increase its vapor 
pressure. In the case we are considering, we could increase the 
vapor pressure of the solution if we increased the pressure upon it. 
By applying enough pressure, we could make the vapor pressure 
of the solution equal or even exceed that of the pure solvent. 
In order to do this without changing the vapor pressure of the pure 
solvent, we would have to apply pressure to the solution alone by 
means of a piston which is impervious to the solution, but which 
is freely permeable to the vapor of the solvent. If we carry out 
such an imaginary experiment in the manner illustrated in Fig¬ 
ure 27, the excess pressure P which we must apply to the solution 
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in order to make its vapor pressure equal to that of the pure solvent 
will be exactly the same as the osmotic pressure we have already 
defined. In other words, the osmotic pressure of the solution 
is the pressure which must be built up in 
it or applied to it in order to increase the 
vapor pressure of the solution until it 
equals that of the pure solvent. When the 
two vapor pressures are equal, there is no 
1 further tendency for the solvent to pass 

Pressure and Osmotic into the solution, and a state of equilibrium 
Pressure. reached. Of course, the pressure P 

must not be confused with the difference between the vapor 
pressures of solvent and solution, which, as RaoulUs law shows, 
is only of the order of a fraction of an atmosphere while P is of 
the order of hundreds of atmospheres. One advantage of this 
point of view is that it is very general and not confined to any 
particular theory of the osmotic membrane. Although we have 
spoken of the vapor pressure, the theory is not limited to a mem¬ 
brane with a series of capillaries. The vapor pressure is simply 
the most convenient way of visualizing and measuring the escaping 
tendency of the solute molecules — their tendency to pass out of 
the liquid. Molecules will always tend to pass from a point 
where the vapor pressure is high to a point where it is lower, 
whatever the mechanism by which they pass. This hydrostatic 
picture applies equally well, whatever the nature of the osmotic 
membrane. 

This point of view also enables us to visualize very clearly the 
important role played by the vapor pressure in all the colligative 
properties — i.e. properties w^hich depend ui)on the number rather 
than the nature of the solute molecules. We can see how the 
lowering of the vapor pressure of a solution by the solute causes 
the depression of the freezing point, elevation of the boiling point, 
and also the osmotic pressure of the solution. 

Summary 

Solutions are homogeneous mixtures. The solvent and solute 
may be solid, liquid, or gas. Henryks law expresses satisfactorily 
the solubility of moderately soluble gases at low pressures. The 
solubility of most gases decreases at higher temperature, although 
some, like hydrogen chloride, form constant boiling mixtures. 
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Partially miscible liquids often show a convolute temperature^ above 
or below which they are completely miscible. Most solids become 
more soluble as the temperature rises, a break in the solubility 
curve showing the presence of a new solid phase. 

The concentration of a solution may be expressed in weight 
(grams, moles, or gram equivalents) per unit volume or in weight 
per unit weight. The transformation from one system to the other 
involves the density of the solution. The freezing point of a 
substance may be determined by cooling it uniformly and plotting 
a time-temperature curve. The freezing point of a solution is 
lower than that of the pure solvent, and the depression, in dilute 
solutions, is proportional to the concentration. The molecular 
depression constant depends upon the solvent. The same laws 
hold for the elevation of the boiling point of a solution and the 
lowering of the vapor pressure, which obeys Raoult^s law for 
dilute solutions. The vapor pressure lowering is responsible for 
the change in freezing and boiling points. 

Osmotic pressure is developed when a solution is separated from 
the pure solvent by a semipermeable membrane. VanT Hoff 
showed that the osmotic pressure of dilute solutions was analogous 
to the pressure of a perfect gas: 

ttU - RT 

The mechanism of osmosis may be explained by at least three 
theories: (1) Traube postulated that the membrane acts as a 
molecular sieve allowing solvent but not solute particles to pass; 

(2) the membrane acts as a series of capillaries through which can 
pass the vapor of the solvent but not the liquid or the solute; 

(3) the membrane dissolves the solvent, but not the solute particles, 
allowing them to diffuse through as a solid solution. 

The cause of osmotic pressure was once thought to be the bom¬ 
bardment of the solute particles. It is now considered as the 
pressure upon the solution required to increase its vapor pressure 
to that of the pure solvent. 

The vapor pressure is a measure of the escaping tendency of the 
solvent molecules and it correlates all the colligative properties 
of the solution. 

PROBLEMS AND EXERCISES 

1. A solution of sulfuric acid containing 50.15 per cent acid has a 
density of 1.410 g./ml. Calculate (1) the molality, (2) the molarity. 
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2. What volume of aqueous acetic acid, 25.0 per cent acid, of density 
1.033 g./ml., is required to make 500 ml. of a 3 Af solution? Of a 3 m 
solution? 

3. Express the concentration of the sulfuric acid solution in No. 1 as 
(1) mole fraction, (2) mole per cent. 

4. A 2M solution of calcium chloride has a density of 1.084 g./ml. 
What is its molality? 

5. Express in (1) molality, (2) molarity, (3) mole fraction : 

(а) Cone, hydrochloric acid, 36 per cent, d = 1,18 g./ml.; 

(б) Cone, nitric acid, 69 per cent, d = 1.42 g./ml. 

6. What weight of glucose, CcHioOc, must be dissolved in 1000 grams 
of water to make a solution freezing at -- 0.37° C, ? 

7. An aqueous solution of urea freezes at — 1.67° C. At what tem¬ 
perature will it boil ? 

8. A solution of hydrogen peroxide containing 17.79 grains of the 
solute in an unknown quantity of water freezes at — 0.573° C. Calcu¬ 
late the weight of water. 

9. Calculate the freezing point of a 5 per cent solution of butyramide, 
C 3 H 7 CONH 2 (1) in water; (2) in carbon tetrachloride. 

10. What is the molecular w’^eight of a substance, 10 g. of which dis¬ 
solved in 400 g. of water lowers the freezing point to — 1.03° C,? What 
will be the boiling point of this solution ? 

11. What will be the vapor pressure of a 10 per cent solution of glycerol, 
CallsOa, in water (1) at 25° C.; (2) at 100° C.? 

12. Wimt will be the osmotic pressure of the solution in No. 11 at 20° C. ? 

13. What will be the freezing point of an aqueous solution, the o.smotic 
pressure of which is 2.00 atmospheres at 20° (1? 

14. Calculate the vapor pressure of a 20 per cent solution of naphthyl- 
amine, C 10 H 7 NH 2 , in ether, CJIioO, at the boiling point of ether, 34.5° C. 

15. The following data are given in the Handbook of Chemistry and 
Physics, 20th ed., p. 1250, for automobile antifreeze solutions. 


Solute . Formula Per Cent Freezing Point 

ethanol .... C 2 H 6 OH 20.3 (by weight) - 10 . 6 ° C. 

glycerol. . . . C 3 H 5 ( 011)3 20 (by weight) - 4.8° C. 

ethylene glycol . (CH20H)2 25 (by volume) - 12.2° C. 

Calculate the theoretical freezing points of these solutions, and compare 
with the observed values. The density of ethylene glycol is 1.115, 
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FUNDAMENTAL CHEMICAL THEORY 

Evolution of the System 

In this section we shall discuss certain “tools” of the chemist, 
tools of an intangible nature but nevertheless quite as indispen¬ 
sable as the test tube or burette. These tools are not only of aca¬ 
demic interest but also find constant application in practice in 
the analytical and research laboratory. They include atomic and 
molecular weights, formulas, equations, and valence — concepts 
upon which the whole science is built up. Much regarding them 
is assumed in practice. In order to justify our use of them and 
to gain a real appreciation of their significance, we shall attempt 
to trace each one back to its ultimate logical basis. When we 
do this, we find that we are not dealing with unrelated entities 
but with a closely knit system of logical development involving 
various facts and laws experimentally verified, certain arbitrary 
standards, and two theories. As will be seen, our whole system of 
fundamental chemical theory rests squarely upon the atomic theory 
and the kinetic theory of gases. Remove either one of these and 
the structure would collapse. Accept the two and we find our¬ 
selves forced, on the ground of strict logic, to accept as true and 
correct all the deductions included in the scheme of development 
that follows. 

Since a number of steps are involved in the scheme of develop¬ 
ment, each major step is given as a separate proposition, but 
finally, in the chart given on page 127, all of these separate proposi¬ 
tions are co-ordinated so that their interdependence may be 
realized at a glance. 

The Kinetic Theory of Gases. This theory, accounting quan¬ 
titatively as well as qualitatively for the behavior of gases, has 
already been discu.ssed in some detail. It has been shown that 
on the basis of the simple assumptions of the theory three general¬ 
izations, among others, may be deduced by the strict logic of 
mathematics. These are Boyle’s law, Charles’s law, and Graham’s 
law. Now the first of these deductions was known as a law for 
two centuries before the kinetic theory was evolved; the second 
had been known as a law for over a half century; and the third 
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for more than a quarter of a century. The fact that three such 
varied logical deductions from a single theory are known to be 
laws goes far to substantiate the theory, to convince us of its 
probable truth, and to strengthen our credence in any other 
deduction drawn from it. One other such deduction is what 
we know as Avogadro's rule. 

Avogadro^s Rule. Equal volumes of all gases under the same 
conditions of temperature and pressure contain the same number 
of molecules. This simple generalization, extremely important 
as a link in the chain of chemical theory, was advanced by Amadeo 
Avogadro, professor of physics at the University at Turin, in 
1811. As first published it was a hypothesis only, merely an in¬ 
telligent guess. For half a century the status of the idea scarcely 
changed. Some scientists believed it correct; others opposed it. 
By the middle of the nineteenth century the number of known 
elements and compounds had increased enormously, but there was 
no generally accepted rational system of classifying them and of 
determining molecular and atomic weights. Finally the confusion 
became so great that in 1860 an international congress was called 
at Karlsruhe to try to work out a uniform system of atomic 
weights. There a brilliant young Italian chemist, Stanislao 
Cannizzaro, then a professor in the University of Genoa, presented 
a consistent system of chemical philosophy based on Avogadro^s 
hypothesis. The scientific world as a whole for the first time ob¬ 
tained a clear idea of the distinction between an atom and a mole¬ 
cule; and disentangled atomic weight, molecular weight, and 
equivalent weight. Cannizzaro^s use of Avogadro’s hypothesis 
was so successful that from this time it became generally accepted. 

The deduction of Avogadro^s hypothesis from the kinetic 
theory of gases a few years later still further strengthened the 
confidence of chemists and physicists in its truth. This deduction 
easily follows from the kinetic equations (page 62). For any 
two gases: 

PiVi — inirriiUi^ and P 2 F 2 = 

If the volumes and pressures are equal, PiFi = P 2 F 2 , and hence: 
^ nimoii — ^ or nxmiu^ = 

If the temperatures are the same, the kinetic theory also demands 
that the kinetic energy of the molecules are equal, 
therefore ^ miUi^ = I or miUi^ = miUz^ 
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If we divide nm\U^ = by miu^ = we find: 

Ui = 71.2 

In other words, equal volumes of all gases under the same condi¬ 
tions of temperature and pressure contain the same numbers of 
molecules. 

By this time, Avogadro^s idea may be said to have evolved 
and risen beyond the status of a hypothesis to that of a theory 
since there were additional reasons for believing it to be true. No 
one considered, however, that its reality could in any way be demon¬ 
strated. Nevertheless, in the opening years of the present century 
several different methods were used to determine the actual number 
of molecules in a gram molecular volume of a gas. Some of the 
methods used and the values obtained for this important natural 
constant, called Avogadro^s number^ AT, are given in Table 30. 


TABLE 30 
Avogadro’s Number 

The Number of Molecules in a Mole of Any Substance 


Observer 

Date 

Method 

N 

Sutherland . . 

1893 

Kinetic theory of gases 

5.95 to 6.80 X 

Fowler.... 

1899 

Scattering of solar radiation 

0.04 X 10=3 

Planck.... 

1900 

Radiation laws 

6.05 X 102' 

Einstein . . . 

1905 

Brownian movement 

6.03 X 102' 

Regener . . . 

1908 

Charge on alpha p.article 

6.04 X 103^ 

Perrin .... 

1909 

Brownian movement 

6.09 X 102- 

Millikan . . . 

1910 1 

Charge of electron 

6.06 X 102^ 

Sommerfeld . . 

1916 

Fine structure of spectral lines 

6.08 X 10*’3 


The value for N most widely accepted is that of Millikan. 
According to his findings 22.4 liters of a perfect gas at standard 
temperature and pressure (S.T.P.) contain 6.06 X 10^’ molecules, 
i.e., 1 mole of a gas is composed of 6.06 X 10“’ molecules; and, 
by extension, 1 mole of any substance is composed of 6.06 X 10“’ 
molecules or, if ionized, of the corresponding number of ions con¬ 
cerned. Actual gases, of course, would show the same deviations 
from Avogadro’s rule that they do from the gas laws. 

The Atomicity of an Elementary Gas.‘ To determine this in 
the case of any elementary gas that reacts to form a gaseous 

^ The term atomicity as used hero and elsewhere in this book denotes the number 
of atoms in the molecule of a gas. It is so defined in Couch, Dictionary of Chemical 
Terms, Philadelphia, P. Blakiston’s Bon and Co., 192U, and is widely used with this 
meaning. 
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compound, two theoretical generalisations, the atomic theory 
and Avogadro's rule, must be assumed and considered together 
with the volume relations for the reaction concerned, which may 
be regarded as a special case of Gay-Lussac's law of reacting 
volumes. For any given case the result may be reached as in 
the following deduction in the case of hydrogen. 

By experiment we find that a given volume of hydrogen, say 
1 liter, reacts with an equal volume of chlorine to form twice the 
volume of hydrogen chloride. Thus: 

1 liter hydrogen + 1 liter chlorine —2 liters hydrogen chloride 

We may assume that 1 liter of hydrogen contains n molecules. 
By Avogadro’s rule it follows that 1 liter of chlorine contains also 
n molecules, and 2 liters of hydrogen chloride contain 2 n mole¬ 
cules. Hence we may write : 

n molecules hydrogen + n molecules chlorine —>- 

2 n molecules hydrogen chloride 

Simplifying by dividing through by 2 n, we have: 

^ molecule hydrogen + i molecule chlorine —>- 

1 molecule hydrogen chloride 

Now one of the assumptions of the atomic theory is that atoms 
cannot be divided; in other words, the atom is the smallest 
particle of an element that can enter into the formation of a 
compound. So a molecule of hydrogen chloride must contain 
at least 1 atom of hydrogen. But the 1 molecule of hydrogen 
chloride was produced from molecule of hydrogen. Hence 
1 molecule of hydrogen must contain at least two atomSy and we 
write its formula H 2 . By similar reasoning we may show that 
the molecules of chlorine, nitrogen, oxygen, and bromine vapor 
are also diatomic, and accordingly write their formulas CI2, N2, O 2 , 
and Br 2 . 

If the above deduction were our sole evidence, we should be 
uncertain whether the molecules of hydrogen, oxygen, chlorine, 
and the other gases listed were diatomic or contained a larger 
number of atoms in the molecule. However, strong corroboration 
of the conclusion that they are actually diatomic is furnished by 
the study of their heat capacity ratio, 7 , to which we have already 
referred (page 64). The experimental values of 7 indicate that 
all the gases named above are indeed diatomic, while the gases 
MGC— 9 
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of the Zero Group in the periodic table, helium, neon, argon, 
krypton, and xenon, and in addition mercury vapor, are mon¬ 
atomic, so that their symbols are also their formulas, He, Ne, A, 
Kt, Xe, Hg, and their atomic weights also their molecular weights. 

The Molecular Weight of Oxygen. The basis for the atomic 
weights of elements and the molecular weights of elements and 
compounds is the mass of the oxygen atom. To this is given by 
arbitrary choice the value 16.0000; the unit of atomic weights 

is therefore — of the weight of the oxygen atom. 

16.0000 

By the method outlined on page 115, we can deduce that the 
molecule of oxygen contains two atoms. One oxygen atom 
weighs 16.0000 ; two oxygen atoms weigh 32.0000; hence the 
molecular weight of oxygen is 32.0000. 

The Gram Molecular Volume of Oxygen. The gram molec¬ 
ular volume of a gas is simply the volume that 1 gram molecule 
of the gas will occupy at the given temperature and pressure, 
standard conditions being usually specified. The molecular 
weight deduced for oxygen is 32.000, so that the gram molecule 
is 32.000 grams. At S.T.P. the density of oxygen, f.e., the weight 
of 1 liter of the gas, is 1.4290 grams per liter. This value is 
determined experimentally. A carefully measured volume of 
the gas under observ^ed conditions may be weighed directly; but 
a much easier way is to heat potassium chlorate, determine the 
loss in weight of the chlorate, and carefully measure the volume 
of oxygen driven off. The oxygen volume so measured is then 
calculated to the S.T.P, dry basis. 

We have then: 

1.4290 grams oxygen occupy 1 liter at S.T.P., and hence 
32.000 grams oxygen occupy 22.393 liters at S.T.P. 

When this value is corrected for deviations from Boyle^s law, 
it becomes 22.414 liters. This is the volume which 1 mole of 
oxygen would occupy under standard conditions if it behaved 
as an ideal gas. A method for determining this corrected volume, 
the method of limiting densities, is described on page 119. For 
approximate work the molar, or gram molecular, volume is rounded 
off to 22.4 liters at S.T.P. 

The Gram Molecular Volume of Any Gas Is 22,4 Liters at 
S.T.P. This important result may be deduced from the accepted 
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gram molecular volume of oxygen and Avogadro^s rule, as follows: 
Let M be the molecular weight of the gas X, z.e., the weight of a 
molecule of the gas relative to the molecule of oxygen taken as 
32.00, and let N be the number of molecules in 22.4 liters of X 
at S.T.P. By Avogadro’s rule N is also the number of molecules 
in 22.4 Uters of oxygen at S.T.P. Then we have: 

Wt. of 22.4 liters X _^ MXN ^ M g. X 

Wt. of 22.4 liters oxygen 32 X N 32 32 g. oxygen 

But 22.4 liters of oxygen, as shown above, weigh 32 grams; hence, 
22.4 liters of X weigh M grams, and the gram molecule of the gas 
occupies 22.4 liters. 

Molecular Weights of Gaseous and Vaporizable Substances. 

Once we have fixed the gram molecular volume as 22.4 liters at 
S.T.P., we can determine the molecular weights of gases and also 
of liquids or solids that vaporize without decomposition at a 
temperature which is not too high. In the case of a gas like carbon 
dioxide the weight of a given volume may be found under known 
conditions. From this the density of the gas at S.T.P. is readily 
calculated, and the molecular weight found by multiplying by 
22.4. 

In the case of a liquid or solid the procedure is similar in prin¬ 
ciple but necessarily somewhat different in detail. The volume 
which a given weight of substance occupies when vaporized at a 
measured temperature and pressure is corrected to S.T.P. by 
applying the gas law equation. In this way we find the volume 
which the given weight of substance would occupy if it were 
gaseous under those conditions. Hence the theoretical density 
at S.T.P. and the molecular weight are computed. The Victor 
Meyer method and the Dumas method are the best known applica¬ 
tions of this procedure, 

Nemst and others have used quartz and noble metal apparatus 
to carry vapor density determinations up to over 1000° C. The 
vapor densities of sodium and other metals have been determined 
in this way. Obviously the molecular weights thus determined 
are those of the substances in the gaseous state. The molecular 
weights of the same substances in the liquid or solid state at room 
temperature might or might not be the same. For example, the 
molecular weight of dissolved sulfur at room temperature is 
found, by the depression of the freezing point method, to cor- 
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respond to the formula Sa. That found by the vapor density 
method at 524° C. corresponds to Sc, that found at 1000° C. to 
S 2 , and that found at 2000° C. to S. 

The Atomic Weights of Gaseous Elements. The molecular 
weight of an elementary gas like nitrogen may be found by the 
gas density method. One liter of nitrogen at S.T.P. is found 
to weigh 1.25 grams; hence the molecular weight of nitrogen 
is 1.25 X 22.4 = 28.0. By the method given on page 115 we 
may show that the molecule of nitrogen is diatomic. The atomic 

28 0 

weight of nitrogen therefore will be —or 14.0. 


It is obvious that if the molecular weights could be determined 
accurately, this method could be used also to determine the atomic 
weights of the gaseous elements with accuracy. This may be 
accomplished by applying the method of limiting densities. All 
real gases show deviations from the ideal gas laws, deviations 
which, for work of atomic weight accuracy, are considerable even 
at ordinary pressures. Because of these deviations the weight of 
the gram molecule of the gas as calculated from the density at 
S.T.P. is not exactly the weight that occupies the gram molec¬ 
ular volume, 22.414 liters. To find the true weight of the gram 
molecule, the following procedure is used. The density of the 
gas is determined at 0° C. for a range of pressures, the highest of 
which is usually 1 atmosphere. The values for the ratio of the 


density to the pressure, are plotted against the pressure, P, 


and extrapolated linearly to zero pressure. Now ™ is the density 

of the gas at unit pressure, calculated in this case from the density 
at a lower pressure. At pressures approaching zero, a gas obeys 

the gas laws ideally so that the value of ^ obtained by extrapola¬ 
tion to zero pressure would be the density of the gas at standard 
temperature and pressure calculated from conditions at which it 
behaves as an ideal gas. This value is called the limiting density 
of the gas. By multipl 5 dng the limiting density by 22.414, we 
obtain the weight of the gas which would occupy 22.414 liters 
at S.T.P. if it behaved as an ideal gas, i.e., we obtain the true 
molecular weight. 

As an illustration of the method we may take the determination 
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of the atomic weight of argon by Baxter and Starkweather.* Their 
data, obtained at 0° C., were: 


Pressure (atmospheres) ... 1 

Density (g./l.). 1.78364 

^ . 1.78364 


I 

1.18874 

1.78311 


0.59419 

1.78257 




^ Limiting 
Z' Density 
1 L78204 


1.78311, 


'1.78257 


I 1/3 2/3 

Pressure (atmospheres) 

Fig. 28. Determination of Limiting 
Density. 


The limiting density found by graphical extrapolation as shown 
in Figure 28 was 1.78204 g./l. This multiplied by 22.414 gave 
39.943 as the molecular weight, 

and since argon is a monatomic 1.78364^ 

gas, 39.943 is also the atomic 
weight. 

Baxter and his collaborators 
at Harvard University have 
also determined the atomic 
weights of helium, neon, and 
other gaseous elements by this 
method. A notable determi¬ 
nation of atomic weights by 
the density method was the 
classic research on hydrogen and oxygen by Edward W. Morley at 
Western Reserve University 

The Molecular Weights of Nonvaporizable Substances. Many 
substances cannot be completely vaporized at temperatures that 
can be maintained in the laboratory, and many decompose com¬ 
pletely or partially when attempts are made to vaporize them. 
To such substances the vapor density method obviously cannot 
be applied, but the methods depending upon the depression of the 
freezing point or the elevation of the boiling point of a solvent may 
be utilized. Various solvents may be used, but for purposes of 
present discussion we shall consider only the most common, water. 

We have seen that the depression of the freezing point of water 
by a nonpolar solute is directly proportional to the concentration 
AT/ ^ Kfm provided the solutions are fairly dilute, less than 1 m. 
The method of determining molecular weights is then readily 


1 Proceedings of the National Academy of Sciences, 14, 57 (1928). G. P. Baxter is 
professor of ohemistry at Harvard University and Chairman of the International 
Committee on Atomic Weights. He has made noteworthy contributions in analyti¬ 
cal and physical chemistry. 

* Smithsonian Contributions to Knowledge, No. 980, Washington, D. C., Smith¬ 
sonian Institution (1895). 
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understood. A weighed amount of the substance is dissolved in a 
weighed amount of water, and the freezing point of the solution 
is determined by the time-temperature method. Suppose, for 
example, we dissolved 2.48 g. sucrose in 400 g. water and found 
the freezing point of the resulting solution to be — 0.034° C. The 

2 48 

concentration of the solution as given corresponds to X 1000, 

400 

or 6.2 g. in 1000 g. water. 

6 2 

For water, Kf = 1.86°, and for this solution the molality is ^ 

where M is the molecular weight of sucrose. 

Hence we may write: 

AT, = 0.034“ = 1.86° X 

M 

and M = 339 

The question now arises: How do we know that the molecular de¬ 
pression constant for water is 1.86° ? How was this useful constant 
determined in the first place? It was established by determining 
freezing points of solutions of substances of which the molecular 
weights had already been found by the vapor density method. Among 
such substances are ethanol, methanol, ethylarnine, phenol, and 
ether, all easily vaporizexl and sufficiently soluble in water. From 
the observed freezing point, the known concentration, and the 
known molecular weight, the molecular depression constant, 
Kj, may be calculated. The average value is 1,86° C. Since 
other substances besides water may be used as solvent, each 
having its own molecular depression constant (see page 96), the 
freezing point, or cryoscopic, method may be applied to a very 
wide range of substances. Camphor, with a molecular depression 
constant of 49.8°, may be used with greater accuracy than can 
water. It finds wide application in organic chemistry. 

Exactly the same considerations apply to the elevation of the 
boiling point method, which, though not so easily applied with 
accuracy, is useful in many cases in which the freezing point 
method cannot be used. The molecular elevation constant, Kb^ 
for water is 0.52° C., so that a racial solution of any nonpolar 
solute would boil at 100.52° C. under normal atmospheric pres¬ 
sure. The low value for this constant compared to the molec¬ 
ular depression constant is one reason for the greater accuracy 
of the latter method. The boiling point method also entails 
certain technical difficulties absent in the freezing point method. 
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It is obvious that to establish the molecular boiling point constant 
we may use substances like sugar, glucose, urea, glycerol, and 
acetamide, of which the molecular weights have been determined 
by the freezing point method. 

Determination of Atomic Weights. The method outlined 
here is the most fundamental way of fixing the approximate value 
of the atomic weight of an element. It is the one that has been 
applied to the great majority of the elements. Once the approxi- 
mate values have been fixed, the accurate atomic weights may be 
found by means of tlie most precise analytical methods. We 
should emphasize the fact that analysis alone can give us only 
the equivalent weight. 

The reasoning is as follows: One molecule of any substance must 
contain at least one atom of each element present in the substance. 
This follows from the atomic theory and the definition of an 
atom. Since there are the same number of molecules in a gram 
molecule as there are atoms in a gram atom of any substance, one 
gram molecule of any substance must contain at least one gram atom 
of each element present. The gram molecule may, of course, contain 
more than one gram atom of each element. It may contain 2, 
3, 4 ... n gram atoms. If we study a large number of com¬ 
pounds of a particular element and determine the weight of the 
element present in a gram molecule of each, the smallest of these 
will be the gram atomic weight of the element. In other words, 
the gram atom of an element is the smallest weight of the element 
ever found in a gram molecule of any of its compounds. 

This method was first used by Cannizzaro, who was limited in 
the determination of molecular weights to gaseous and vaporizable 
substances. Since the discovery of the freezing point and boiling 
point methods of determining molecular weights, we are no 
longer limited in this way but can determine the molecular 
weight of any substance for which we can find a solvent. 

We may illustrate the application of Cannizzaro’s method in 
the case of the element carbon. To determine the approximate 
atomic weight of this element, we must examine a large number 
of the compounds of carbon, find their molecular weights, and 
analyze them for carbon content. We may then compute the 
weight of carbon in a mole of each substance, and from the results 
obtained determine the approximate atomic weight of carbon. 
Results would be obtained such as those given in Table 31. 
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TABLE 31 

Cannizzaro’s Method for Determining Atomic Weights 


Compound 

Molecular 

Weight 

Per Cent 
Carbon 

G. Carbon 
PER Mole 

Acetic acid. 

00 

40.0 

24 

Carbon monoxide .... 

28 

42.8 

12 

Diethyl ether. 

74 

64.9 

48 

Ethanol. 

46 

52.7 

24 

Formaldehyde. 

80 

40.0 

12 

Glucose . 

180 

40.0 

72 

Glycerol. 

92 

38.9 

36 

Methanol. 

32 

37.5 

12 

Sucrose . 

342 

42.0 

144 


The smallest weight of carbon found in any of the thousands 
of carbon compounds so examined is 12 grams per mole; conse¬ 
quently 12 is the accepted approximate atomic weight of carbon. 
Precise analysis with atomic weight accuracy has given the more 
exact value of this atomic weight as 12.00. 

Deduction of the Molecular Formula of a Compound. This 
entails three things: the molecular weight of the compound, the 
atomic weights of the constituent elements, and the percentage 
composition of the compound. The first two of these are derived 
as we have shown above; the third is a matter of experimental 
analysis. The method by which a formula is deduced may be 
shown most simply and clearly by a specific example. 

Suppose the substance under examination is an organic com¬ 
pound which we have prepared and purified and to which we have 
given the name butanol. We determine the molecular weight 
by the vapor density method and find it to be 74; we analyze it 
and find it to consist of 64.86 per cent carbon, 21.62 per cent 
oxygen, and 13.51 per cent hydrogen; the atomic weights of the 
elements are carbon, 12.00; hydrogen, 1.01; oxygen, 16.00. 
One hundred grams of butanol contains 64.88 grams of carbon, 
and therefore 1 gram molecule, 74 grams, of butanol contains 
64.88 X xxfe 48.01 grams of carbon. Since 1 gram atom of carbon 

weighs 12.00 grams, 1 mole of butanol contains or 4 gram 

atoms of carbon. Similarly it may be found that 1 mole of bu¬ 
tanol contains 10 gram atoms of hydrogen and 1 gram atom of 
oxygen. Consequently the molecule of butanol is composed 
of 4 atoms of carbon, 10 atoms of hydrogen, and 1 atom of oxygen, 
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and so the formula is C4H10O. The steps in the deduction are 
siunmarized in Table 32. 


TABLE 32 

Finding the Molecular Formula or a Compound 


Molecular 

Weight 

Element i 

Per 

Cent 

Weight per 
Gram 
Molecule 

Ratio in 
Gram 
Atoms 

Ratio 

of 

Atoms 


Carbon 

64.86 

48.01 

4 

4 

74 

Hydrogen 

13.51 

10.00 

10 

10 


Oxygen 

21.62 

16.00 

1 

1 


There are many solid substances, e.g.y minerals, inorganic oxides 
and salts, and complex insoluble organic compounds, for which we 
cannot determine the molecular weights. For such a substance 
we cannot determine the molecular formula with certainty, al¬ 
though we can determine its empirical formuluy i.e.y the formula 
indicating the kinds and relative numbers of atoms in the molecule 
of the substance. In order to do this we must know the atomic 
weights of the constituent elements and the percentage composition 
of the compound. The latter is the weight of each element in 100 
grams of the compound. If we divide each percentage by the 
atomic weight, of the corresponding element, we obtain the number 
of gram atoms of each element in 100 grams of the compound. 
These numbers will usually not be integral. However, if we 
divide each by the smallest, we obtain numbers which are in 
the same ratio and which are integral or can be transformed 
into integral numbers by multiplying each by the same small 
number, easily determined by inspection. 

Let us take a specific illustration. The magnetic oxide of iron, 
magnetite, has the composition 72.36 per cent iron and 27.64 per 
cent oxygen. Each 100 grams of magnetite contains, therefore, 
72.36 grams of iron and 27.64 grams of oxygen. Dividing the weight 
in grams by the weight of a gram atom of each element we have the 
ratio in gram atoms: 

= (1.30 g.a. iron): (1.73 g.a. oxygen) 

= (1 g.a. iron): (1.33 g.a. oxygen). 
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The simplest whole number ratio is seen to be 3 g.a. iron: 4 g,a. 
oxygen, and we write the empirical formula Fe304. Another 
somewhat more complex example is given in a summarized form 
in Table 33. 

TABLE 33 


Finding the Empirical Formula op a Compound 


Element 

Per Cent 

Ratio in ! 
Gram Atoms 

Ratio of 
Atoms 

Potassium. 

42.47 

1.086 

4 

Carbon. 

19.55 

1.629 

6 

Iron. 

15.16 

0.271 

1 

Nitrogen. 

22.82 

1.629 

6 


Empirical formula is K 4 C«FeN 6 or K 4 Fe(CN)« 


In the same way we find the formula of mica to be H 2 KAl 3 (Si 04)3 
and of asbestos, CaMg 3 (Si 03 ) 4 , although there is no way by which 
we can find their molecular weights. In fact, in crystalline solids 
of this type we find no evidence for the existence of individual 
molecules such as occur in gases. Instead the whole crystal acts 
like a single molecule. The case is apparently somewhat differ¬ 
ent with complex organic substances, many of which are not 
crystalline. Thus starch has the empirical formula CeHjoOs 
but this same empirical formula is obtained for cellulose. Not 
only are the two substances vastly different in their behavior, 
but both of them are certainly more complex than this formula 
would indicate. No method has been found of ascertaining the 
molecular weight of either one; consequently we write their 
formulas (C 6 Hio 05 )x and (C 6 Hio 05 )y, x and y being unknown. 

Valences of the Elements. Having established on a logical 
basis the formulas for compounds, we can make two additional 
deductions of great importance and usefulness, namely, the 
valences of elements and radicals and equations for reactions. 

The valence of an element, defined in accordance with its initial 
and fundamental significance, is the holding or combining power of 
an atom of the element for atoms of other elements, measured in terms 
of the number of atoms that may he attached to it. In order to 
express this holding power numerically and to compare valences 
of various elements, some standard of comparison must be selected. 
The arbitrarily chosen standard is hydrogen and to it unit valence 
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is assigned. In all respects this has proved to be a suitable 
choice. 

On the basis of the valence of hydrogen taken as unity, the 
valences of other elements and radicals may be deduced from 
the formulas of their compounds. In hydrogen chloride, the 
valence of H = 1, therefore that of Cl = 1; in water, H == 1, 
therefore O == 2; in sulfur dioxide, 0 = 2, therefore S = 4, and 
so on. Similarly valences of radicals (or ions) may be derived 
thus: In sulfuric acid, H = 1, therefore (SO 4 ) = 2; in phosphoric 
acid, H = 1, and (PO 4 ) = 3; in nitric acid, H = 1, and (NOs) 
= 1; in ammonium nitrate, (NO 3 ) = 1, and (NH 4 ) = 1, and so on. 

The valence of a given element is not always the same. Some 
elements exercise several different valences. The valence of 
iron, for example, in ferrous chloride is two but in ferric chloride 
it is three. Sulfur in hydrogen sulfide has the valence two, in 
sulfur dioxide /our, and in sulfur trioxide six. It may be pointed 
out, then, that the valence is not the maximum holding capacity of 
the atom of the element but the capacity that is being exercised in 
the compound under consideration. 

The Equation for a Reaction. Knowing the formulas of com¬ 
pounds, the further deduction of the equation for a particular 
reaction is a very simple matter. However, formulas alone are 
not enough. We must know what reaction occurs, i.e., what the 
reactants and products are, as well as the formula of each. For 
example, we know by experiment that carbon disulfide and chlorine 
interact to form carbon tetrachloride and sulfur monochloride: 

carbon disulfide + chlorine — 

carbon tetrachloride + sulfur monochloride 

First, we write the formulas for the reactants and the products 
thus: 

CS 2 + CI 2 —^CCU + SaCb 

Since each formula stands for 1 gram molecule of the substance, 
the equation must be balanced'^ in order to conform with the 
law of conservation of mass; and we write, finally: 

CS2 + 3 CI2 —>• CCI4 + S2CI2 

We have presented thus far, as a series of separate propositions, 
the steps in the development of the system of fundamental theory 
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upon which so much of the theoretical structure of the science rests. 
We have emphasized the fact that every one of the deductions, 
reached by strictly logical reasoning, is a necessary consequence of 
the acceptance of the two great basic theories, the atomic theory 
of chemical composition and combination and the kinetic theory of 
gaseous composition and behavior. Inasmuch as these two theories 
have proved to be in accord with all the experimental facts of 
the behavior of elements and gases, respectively, and also with 
many recent discoveries in the realm of atomic physics, we have very 
good reason for accepting as correct each conclusion reached in this 
system of fundamental theory. 

The FundxiinerUal Theory Chart given on page 127 is designed to 
emphasize, in a visual way, the interdependence of the various 
deductions and facts and to make possible an easy tracing back of 
each deduction to its logical premises. 

In this chart theory y fact or laWy and arbitrarily chosen standard 
are distinguished by the use of three kinds of type, namely, 
boldface for theories, lightface for experimental facts, and italic 
for arbitrary standards. 

Deductions from the Fundamental Theory 

In the first part of this chapter we have shown how various 
generalizations have been established on a basis of strict logic. 
Once established, these conclusions may be used as premises from 
which may be drawn other deductions which we may use in lieu 
of experimentally determined facts. Some such useful deductions, 
together with certain amplifications and extensions of the theory, 
will now be considered. 

Symbols. In the early days of chemistry symbols of various 
kinds were used to represent different substances. The ancients 
knew seven planets, and they knew seven metals. It is not sur¬ 
prising, then, that the symbols used to represent the planets were 
used also to represent the metals. The names of the planets were 
used to some extent as names of the metals, for example, soly for 

o j) P 5 ^ ^ 

SOI LUNA VENUS MARS SATURN JUPITER MERCURY 

Qold Silver Copper iron Lead Tin Quick¬ 

silver 


Fig. 29. Chaldean Alchemical Symbols. 



Boyle's 

Law 


Charles’s 

Law 


Graham’s 

Law 


Law of 
Def. Propns. 


Law of 
Mult Propns. 



Fig. 30. Fundamental Chemical Theory. 
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gold, lum, for silver, and mercury, for quicksilver; luna remains 
in lunar caustic, and mercury has been retained. The Chaldean 
symbols for the seven metals and the heavenly bodies associated 
with them are shown in Figure 29. Up to about 1800 these sym¬ 
bols underwent alterations from time to time, not according to any 
general conventions among the chemists of the day, but rather 
according to the whims of the users. Some of these sjonbols, used 
as late as the eighteenth century, are shown in Figure 31. 



Fire Water Air Earth Acid 

Fig. 31. Later Alchemical Symbols. 

By putting various symbols together or otherwise modifying the 
symbol of a ^^constituent/’ compounds were represented. For 
example, ^ made up of A, fire, and +, acid, stood for sulfur; 
and V? made up of V, water, and , regia, stood for aqua regia. 

Early in the nineteenth century Dalton published an extensive 
set of symbols to represent the ultimate particles” of various 
substances, both elements and compounds. These symbols con¬ 
sisted of circles, representing atoms, and within the circles, signs 
or letters designating the element. Some of these symbols are 
illustrated in Figure 32. 

GO 

H 0 

Fig. 32. Dalton’s Symbols. 

Dalton’s symbols were found cumbersome and, as the science 
developed, threatened to become impossibly complex. In 1819 
the great Swedish chemist, Berzelius, published the system of 
symbols which he himself had used with satisfaction for eight 
years. His method, representing both elements and compounds, 
came rapidly into vmiversal use and has proved eminently satis¬ 
factory. This system, as we know, is simply to represent each 
element by the initial letter of its name, or the initial letter and one 
other if more than one begins with the same letter. In some cases 
symbols derived from the initial letters of the Latin names have 
persisted, such as Ag from argentum, Hg from hydrargyrum, and 
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K from kalium. With few exceptions the English and foreign 
symbols are the same, so that the system is international. The 
manner in which the symbols are put together to represent com¬ 
pounds is well known and needs no discussion here. 

It is worth while to recapitulate just what the S 3 rmbol, the 
formula, and the equation may be taken to represent, since in the 
course of time they have acquired quantitative significance in 
addition to the mere qualitative representation of the element, 
the compound, and the reaction. To do this we shall use specific 
examples. 

The symbol, Cl, represents the element chlorinej one oJtom of 
chlorine, or cme gram atom of chlorine, 35.46 grams of chlorine. 
The context determines which meaning is intended when the 
symbol is used. The formula, H2SO4, represents the compound 
sulfuric acidj one molecule of sulfuric acid, or one mole, i.e., 98.07 
grams, of sulfuric acid. Again the context determines the meaning 
intended. The equation: 

C + 2S—>-CS* 

represents (1) that a reaction takes place between carbon and sul¬ 
fur, forming carbon disulfide, (2) that 1 atom of carbon unites with 
2 atoms of sulfur to form 1 molecule of carbon disulfide, (3) that 
1 gram atom, i.e,, 12.00 grams, of carbon unite with 2 gram atoms, 
i.e., 2 X 32.06 grams, of sulfur to form 1 mole, i.e., 76.12 grams 
of carbon disulfide. 

Writing Formulas. If the valences of the constituent elements 
are known, we may write the formulas of any of their compounds. 
For example, if we know that the valence of potassium is 1 and 
that of the sulfate radical is 2, we may write K 2 SO 4 for potassium 
sulfate; if we know the valence of aluminum to be 3 and that of 
the sulfate radical to be 2, we may write Al2(S04)3 as the formula 
of aluminum sulfate, and so on. 

We may make here a preliminary distinction between types of 
valence, i.e., the types of forces that hold atoms together. When 
we list the commoner elements and acid radicals, we find that they 
are readily classifiable into two groups; any element or radical in 
one group will combine with any element or radical in the other, 
but the elements within one group do not ordinarily combine with 
one another. Under the former group we may write: potassium, 
silver, copper, sodium, calcium, ammonium, and iron; under the 
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latter: sulfur, chlorine, oxygen, sulfate, nitrate, iodine, and bro¬ 
mine. Those in the former group exert valence of the positive 
kind; those in the latter group exert valence of the negative kind. 
In Table 34 are listed the valences of the elements and radicals 
most frequently encountered in inorganic and analytical chemistry. 
With these the student should become thoroughly familiar so that 
he may apply them without hesitation in writing formulas for 
substances met with in the laboratory. 


TABLE 34 

Valences of Elements and Radicals in Polar Compounds 


Posi¬ 

tive 

Va¬ 

lence 

Name 

Symbol 

Nega¬ 

tive 

Va¬ 

lence 

1 

1 

N ame 

Symbol 

1 

Ammonium 

NH 4 + 

1 

Acetate 

CaHoOr 

1 

Aurous 

Au^ 

1 

Arseni to 

AsOa 

1 

Cuprous 

Cu+ 

1 

Bromide 

Br" 

1 

Hydrogen 


1 

Chlorate 

CIO 3 " 

1 

Lithium 

Li+ 

1 

Chloride 

1 cr 

1 

Mercurous 


1 

Cyanate 

i CN0“ 

1 

Potassium 

K+ 

1 

Cyanide 

1 CN~ 

1 

Silver 

Ag'^ 

1 

Hydroxide 

OH- 

1 

Sodium 

Na+ 

1 

Iodide 

r 




1 

Hypochlorite 

oci- 

2 

Barium 

Ba++ 

1 

Nitrate 

NOa- 

2 

Beryllium 

Be^-^ 

1 

Nitrite 

NO 2 ” 

2 

Cadmium 

Cd-^+ 

1 

Permanganate 

MnOr 

2 

Calcium 

Ca"*" ^ 

1 

Perchlorate 

cior 

2 

Cobaltous 

Co+ + 

1 

Thiocyanate 

SCN- 

2 

Cupric 

Cu++ 




2 

Ferrous 

Fe+^ 

2 

Carbonate 

C 03 — 

2 

Lead 

Pb+ + 

2 

(Chromate 

CrOr- 

2 

Magnesium 


2 

Oxalate 

CiOr- 

2 

Manganous 

Mn-^+ 

2 

Oxide 

0~“ 

2 

Mercuric 


2 

Silicate 

S 103 

2 

Nickel 

Ni+ + 

2 

Sulfate 

S 04 — 

2 

Stannous 

Sn+ + 

2 

Sulfide 

S— 

2 

Strontium 

Sr+-^ 

2 

Sulfite 

S 03 -' 

2 

Zinc 

Zn+ + 

2 

Thiosulfate 

SzOr- 

3 

Aluminum 


3 

Arsenate 

A804 

3 

Antimonious 

Sb+ + ^ 

3 

h\^rricyanide 

Fe^CN)^"- 

3 

Arsenious 


3 

Phosphate 

, POr" 

3 

Auric 

Au+^+ 




3 

Bismuth 


4 

Ferrocyanide 

!Fe(CN)«- 

3 

Chromic 

Cr^-^^ 




3 

Ferric 

Fe-^-^ + 




4 

Stannic 

Sn++++ 




4 

Platinic 

+ + + 




5 

Antimonic 

Sb+++++- 




5 

Arsenic 

A3++-f++ 








facing page 1 so Journal of Cfietnical Education 

Plate III. HENRY GWYN JEFFREYS MOSELEY (1887-1915) 


(The brilliant young British physicist who established the simple relationship be¬ 
tween the X-ray spectrum of an element and its atomic number. He was killed in 
the World War,) 
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Elements and radicals which enter into the composition of inor¬ 
ganic acids, bases, and salts, i.e., into the composition of polar conir 
poundsy may be assigned an unequivocal positive or negative 
valence number corresponding to the loss or gain of a definite number 
of electrons. The assignment of such positive or negative valence 
numbers to elements within the radicals or in organic compounds, 
i.e.j whenever the bonds are nonpolar and formed by sharing of 
electrons, is not so significant or so logically justified and may be 
misleading. In spite of this, the positive and negative valence 
numbers are so useful in balancing oxidation-reduction equations 
that their arbitrary assignment is justified. 

If the valence of oxygen is assumed to be — 2, the valences of 
^^centrar’ elements in simple radicals may be deduced. Examples 
of such deductions are: (1) In nitric acid, HNO 3 , the valence of 
H is + 1, of 3 O’s, — 6, giving + 5 for the N. (2) In nitrous acid, 
HNO 2 , the valence of H is + 1, of 2 O’s, — 4, giving + 3 for the 
N. (3) In potassium permanganate, KMn04, the valence of K 
is +1, of 4 0^8, 8, giving + 7 for the Mn. (4) In potassium 

manganate, K2Mn(34, the valence of the two K’s is + 2, 4 O^s, — 8, 
giving + 6 for the Mn. (5) In potassium dichromate, K2Cr207, 
the valence of the two K^s is + 2, of 7 O^s, — 14, giving + 12 for 
2 Cr’s or + 6 for 1 Cr. 

The calculation of the valence of the central element may be 
of use in several ways. The first of these is in determining oxida¬ 
tion and reduction. We may define oxidation as an increase in 
the positive valence or a decrease in the negative valence of an 
element, and reduction as the opposite process — an increase in 
negative valence or a decrease in the positive valence. Hence if 
we find the valence of an element before and also after a chemical 
reaction, we can determine whether or not it has been oxidized or 
reduced during the reaction. Thus in the change from nitrous to 
nitric acid, the nitrogen has been oxidized because its valence has 
been changed from + 3 1 0 + 5; in the change from a dichromate 
to a chromic salt, the chromium has been reduced because its va¬ 
lence has been changed from + 6 to + 3. 

The second use of the valence deduced for the '' central element 
is in writing structural formulas , which indicate how the atoms are 
combined within the molecule. In organic chemistry, structural 
formulas are of paramount importance; without them it would be 
an exceedingly diffiicult and unsystematic study. In inorganic 

MGC— 10 
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chemistry they have less application and less significance, but in 
some cases they aid in elucidating the nature of compounds. 
Examples of such structural formulas are: 


H 


H—O 0 

0 


1 

Cl 

\ / 

/■ 

0=0-0—H 

H—0-0—H 

1 

s 

H—0—N 

1 

1 

H— C—Cl 

/ \ 

\ 

0=0-0—H 

H—C—0—H 

1 

H—O 0 

0 


1 

H 

01 

sulfuric acid 

nitric acid 

oxalic acid 

ethylene 

glycol 

chloroform 


The method of deducing valence described on page 131 does not 
always lead to a correct result. For exami)le, if we were asked 
the valence of S in sodium thiosulfate, we might say: 

^^In sodium thiosulfate, Na 2 S 203 , the valence of the 2 Na^s is 
+ 2, of the 3 O^s, — 6, which gives + 4 for the 2 S^s, or + 2 for each 
one.^^ This is certainly incorrect. Sodium thiosulfate is made by 
boiling sodium sulfite with sulfur and easily loses one atom of S 
when it is acidified. It may be represented structurally thus: 

Na—0 O 

\ / 

S 

/ % 

Na—O S 

As the formulation indicates, the sulfur atoms in the molecule 
are not the same. They have different valences (+6 and — 2). 
It is probably the second atom of S with a valence of — 2 which is 
lost when the substance is acidified. 

Similarly if we were asked the valence of C in an organic com¬ 
pound like acetic acid, it would be useless to say: The valence of 
the 4 H's is + 4, of 2 O^s, — 4, which gives 0 for the valence of 
carbon! Instead, we are safe in assuming that the valence of C is 
4 and the structural formula based on this assumption and the 
known reactions of acetic acid is: 

H 0 

I / 

H—C—C 

I \ 

H OH 
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Molecular Weight from Formula. Since the symbol for each 
element represents 1 atom or 1 gram atom of the element, the molec- 
ular weight is readily calculated by adding up the atomic weights 
of the constituent elements, each atomic weight being multiplied 
by the number of atoms of the element in the molecule. So, for 
example, the molecular weight of sucrose, C 12 H 22 O 11 , is equal to 
(12 X 12.00) + (22 X 1.008) + (11 X 16.00) = 342.18. 

Percentage Composition from Formula. The percentage of an 
element in a given compound is the number of grams of the element 
in 100 grams of the compound. For example, the percentage of 
carbon in sucrose is found as follows: One gram molecule of su¬ 
crose contains 12 gram atoms of carbon, that is, 342.18 grams of 
sucrose contains 144.00 grams of carbon; hence 1 gram of sucrose 

contains grams of carbon, and 100 grams of sucrose contain 

lo 


^—: X 100 grams of carbon, or 42.08 per cent. Similarly, the 
342. lo 

percentage of water of crystallization in cupric sulfate penta- 
hydrate, CUSO 4 . 5 H 2 O, is; 

(5 X 18.016) X or 36.07 per cent 


Reacting Weights from Equations. Since each formula used in 
an equation stands for 1 gram molecule of the substance, the rela¬ 
tive weights of the reactants and the products of a chemical reac¬ 
tion are easily found. For example, the equation: 

2 CUSO 4 -b 4 KI —>- 2 Cul I +2 K. 2 SO 4 + I 2 

tells us that 2 moles of CUSO 4 react with 4 moles of KI to give 2 
moles of Cul, 2 moles of K2SO4, and 1 of I 2 . If we start with a 
known weight, e.g., 1.000 g., of CUSO 4 and wish to know the weight 
of 12 formed in the reaction, we reason as follows: 

Two moles of CUSO 4 liberate 1 mole of 1 2 , therefore 1 mole of 
CUSO 4 liberates | mole of I 2 . One mole of CUSO 4 weighs 159.63 g., 

hence 1.000 g. is or 0.0062645 mole, and will liberate 

159.63 

0.0031322 mole of I 2 . Since 1 mole of K weighs 253.84 g., 1.000 g. 
of CUSO 4 will liberate 0.0031322 X 253.84 or 0.7951 g. of I 2 . 
A similar calculation in abbreviated form shows how we determine 
the weight of Cul resulting from the reaction: 
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2CuS 04—)-2CuI 
therefore 1 CuS 04 —>■ 1 Cul 

S lII 

lg.CuS04 =<> X 190.49 g. Cul 

= 1.193 g. Cul 

Reacting Volumes from Equations. If any of the reactants or 
products of a chemical reaction are gases, we can easily calculate 
from the equation for the reaction the volume they will occupy. 
One gram molecule of any gaseous substance, whether element or 
compound, occupies approximately 22.4 liters under standard con¬ 
ditions, and a volume easily calculated from the gas law equations, 
under any other given conditions. Consequently we need only 
calculate, as before, the number of moles of the gaseous substance 
and multiply by 22.4 to find the number of liters of the gas under 
standard conditions. The calculation will not be exact, as in the 
case of weights, because of the deviations of real gases from the gas 
laws. 

As an example, let us calculate the number of ml. of chlorine 
under standard conditions, which will liberate as much iodine 
from KI as 1.000 g. of CuSOi will liberate. The latter quantity 
we already found to be 0.0031322 mole. The liberation of iodine 
by chlorine is given by the equation : 

Cb + 2 KI —2 KCl + I 2 
or ICb— 

therefore 0.0031322 CI 2 —^ 0.0031322 L, 

or (0.0031322 X 22,400) ml. CI 2 = 70.2 ml. CL, 

By making calculations in terms of moles of reactants, we can 
reduce to one common basis all chemical calculations involving 
weights, volumes of gases, and volumes of solutions of known 
concentration. This single method of calculation is much less 
likely to lead to numerical errors than the use of a special method 
for treating each problem. 

Density of a Gas from the Gram Molecular Volume. Since the 
gram molecular volume is the volume occupied by 1 gram molecule 
of gas, the approximate density of the gas, i.e., the weight in grams 
of 1 liter of gas, may be easily found. The exactness of this calcu¬ 
lation, like that of reacting volumes, is limited by the deviations 
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of real gases from the ideal gas laws. For example, 1 mole of 
ammonia at standard temperature and pressure would occupy 
22.4 liters (if a perfect gas), i.c., 22.4 liters of ammonia at S.T.P. 
weigh 17.03 g., and therefore 1 liter of ammonia at S.T.P. weighs 
17 03 

= 0.760 g., which is the computed density of ammonia at 

S.T.P. The actual observed density is 0.771 g./l., since ammonia 
so near its boiling point is far from being a perfect gas. A com¬ 
parison of observed and computed densities is given in the Handbook 
of Chemistry and Physics^ under the title ‘'Density and Specific 
Gravity of Gases and Vapors.’' The density under any other con¬ 
ditions may be found by calculating the gram molecular volume 
for the given conditions and dividing the gram molecular weight 
by this volume. 

Equivalent Weights from Equations. Ultimately the equivalent 
weights of elements or compounds depend upon direct experimental 
determination, but no chemist cares to memorize all the values that 
have been determined thus nor to redetermine the values which he 
wants to use. Fortunately it is a simple matter to calculate the 
equivalent weights from the atomic weights and the equation for 
the particular reaction concerned. All such calculations refer the 
equivalent weight to 8.000 parts of oxygen directly, or indirectly 
through the known equivalent weight of such a substance as 
hydrogen chloride. For instance, it is an easy matter to calculate 
the equivalent weight of Ba(OH )2 if we know that the reaction 
between barium hydroxide and hydrochloric acid is: 

Ua(OH)2 -f 2 HCl —^ BaCl2 -f 2 H2O 

The equivalent weight of HCl is known to be equal to the molecular 
weight from the fact that 1 mole of HCl when treated with excess 
zinc evolves 1.008 grams of liydrogen, equivalent to 8.00 grams 
of oxygen. Since two moles of HCl react with 1 mole of Ba(OH) 2 , 
one of the latter must contain two equivalent weights. The 
equivalent weight of barium hydroxide is therefore half the molecu¬ 
lar weight, i.e.y | X 171.38 or 85.69 g. 

In the case of oxidizing or reducing agents the equivalent weight 
may be referred to the change in valence of the element oxidized or 
reduced. A change in valence of 1 (gain or loss of 1 electron) is 
equivalent to the utilization of 8.000 g. of oxygen. This oxidizing 

1 Published by the Chemical Rubber Company, Cleveland, Ohio. 
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(or reducing) equivalent weight may be quite different from the 
metathetical ^ equivalent weighty which we calculated above. 

An example should make this distinction clear. The metathet¬ 
ical equivalent weight of KMn 04 is equal to the molecular weight, 
158.03 g., since it contains one gram atom of K, which we know 
from the formula of the oxide KoO is equivalent to 8.000 grams of 
oxygen. The oxidation equivalent (in acid solution) has a differ¬ 
ent value, which we can deduce as follows: Potassium perman¬ 
ganate reacts with hydrochloric acid according to the equation: 

2 KMn 04 + 16 HCl —2 MnCU + 5 CL + 8 H^O + 2 KCl 

From the equation we may see that the valence of the manganese 

has changed from + 7 to + 2, a decrease of + 5 (or a gain of 5 

electrons). Hence the oxidizing equivalent weight of potassium 

, . 158.026 AAr 
permanganate is —-—, or 31.605 g. 

5 

From their study of elementary chemistry, students arc familiar 
with the rule that the equivalent weight of an element is equal to 
the atomic weight divided by the valence and that the equivalent 
weight of a compound is equal to the molecular weight divided 
by the valence of the element or group composing the positive or 
negative ion. This is true of the metathetical equivalent weight, 
but the oxidizing, or reducing, equivalent weight is equal to the 
atomic or molecular weight divided by the valence change which 
the element in the oxidizing or reducing substance undergoes in 
the reaction concerned. 

What, for example, is the equivalent weight of iron? In the 
reaction : 

Fe + 2 HCl —^ FeCL + IL 4 

it is obviously one half the atomic weight, or 27.92; in the re¬ 
action : 

2 Fe + 3 CL —2 FeCL 

it is one third the atomic weight, or 18.61. 

What is the equivalent weight of La 2 (S 04 ) 3 ? The valence of the 
La is 2 X 3, or 6 . That of the SO 4 is of course the same, 3 X 2 or 6 . 

The equivalent weight of the La 2 (S 04)3 is therefore or 94.34. 

6 

It should be emphasized that this rule is not a fundamental 

^ Aletathesis moans double decomposition. A TneioiheticoX equivalent weight refers 
to a double decomposition reaction. In terms of the ionic theory, soon to be 
discussed, metathesis is the union of existing ions without change of valence. 
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derivation serving to establish atomic weights but merely a con¬ 
venient rule derived after atomic weights have been found by 
the fundamental methods. 

Dulong and Petit’s Rule. This interesting generalization is 
also a derivation based on values for atomic weights already estab¬ 
lished by fundamental methods. Enunciated during that very 
active scientific period at the opening of the nineteenth century, 
in 1819, by Dulong and Petit,^ it is important historically because 
it proved valuable in indicating the probable atomic weights of 
certain of the elements before about 1860, when the present 
criteria were adopted. It is also interesting in itself as a simple 
generalization which describes a property of the great majority 
of the ninety-two elements. Dulong and Petit found that if 
the heat capacity ^ of a solid element is multiplied by its atomic 
weight, the product is a constant (about 6.2) independent of 
the element taken. The product of the heat capacity and the 
atomic weight of an element is known as the atomic heat capacity 
of the element and represents the amount of heat required to raise 
the temperature of one gram atom of the element 1"^ C. 

It may seem at first remarkable that the atomic heat capacity 
should be the same for all solid substances, yet this has been found 
to be true in all cases except for a few elements which will be 
discussed later. An explanation of this fact on the basis of the 
kinetic theory was given by Boltzmann in 1871. He pictured a 
perfect monatomic solid as a lattice made up of atoms which were 
held in place by veiy strong crystal forces. They were not, how¬ 
ever, held absolutely motionless but could vibrate very slightly in 
any direction. Each atom of the solid, like an atom of a perfect 
gas (page 64), thus had three degrees of freedom of motion. 
However, because of the forces orienting it in the crystal lattice, 
it possessed potential as well as kinetic energy; hence the molecular 
heat capacity of a perfect solid at constant volume is twice that of 
a perfect gas. 

Cv = 3 /? - 5.97 calories per degree 

J P. L. Dulong (1785 -1838), director of the Paris Ecole Polytcchnigue. A. T. 

Petit (1791-1820), professor of p)hysic8 at the same school. 

2 The heat capacity of a substance is the quantity of heat required to raise the 
temperature of one gram of the substance 1° C. The specific heat of the substance 
is the ratio of the heat capacity of the substance to that of water. Since the 
calorie is defined as the quantity of heat required to raise the temperature of one 
gram of wat^r 1° 0., the heat capacity in calorie units and the specific heat are 
nearly eipial numerically. However, the two terms should not be confused any 
more'than should the analogous terms, density and specific gravity. 
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Heat capacities are ordinarily measured in an open calorimeter 
which is constantly at the pressure of the atmosphere. Because a 
certain amount of heat is used up in causing the expansion which 
invariably accompanies a rise of temperature at constant pressure, 
this heat capacity, Cp, is somewhat larger than the heat capacity at 
constant volume, Cv^ to which the theoretical derivation refers. 
The difference is much smaller than in the case of gases, and its 
magnitude depends on the individual element, but it may be 
calculated from a knowledge of the density, coefficient of expansion, 
and compressibility of the element. 

In 1907 Gilbert N. Lewis, later head of the Chemistry Depart¬ 
ment at the University of California, made a systematic calcula¬ 
tion of the atomic heat capacities at constant volume in the case of 
nineteen solid elements for which the necessary data were available. 
His results^ are summarized in Table 35. He found that, for all 
but the four lightest elements that he studied, the atomic heat 
capacity at constant volume averaged 5.9 (± .09) calorie units, 
while the deviations from the average value of 6.2 for the atomic 
heat capacity at constant pressure was twice as great (± 0.18). 
Lewis concluded: ‘^Within the limits of experimental error, the 
atomic heat at constant volume at 20° C. is the same for all the 
solid elements whose atomic weights are greater than that of 
potassium.” 

A few of the lightest solid elements show vastly greater devia¬ 
tions than those given in Table 35. At ordinary temperatures 
the atomic heat capacity of carbon (diamond) is 1.4, of boron 3.3, 
of silicon 4.7, and of beryllium 3.8. The complete explanation 
of these facts is beyond the scope of our text, but all of these 
elements are extremely hard and crystallize in a lattice in which 
the forces of cohesion are very large. In these lattices the atoms 
are so firmly bound that they cannot vibrate so freely as those 
of an ordinary solid. Less heat is required to raise the temper¬ 
ature, because it is not dissipated in so many different kinds of 
motion. In all these most striking exceptions it has been noted 
that as the temperature rises the atomic heat capacity also rises 
and approaches the value 6.2 at high temperatures. It is also 
known that at very low temperatures the atomic heat capacities 
are much less than 6.2 for all elements and seem to approach 0 
as the temperature approaches the absolute zero, - 273° C. At 
1 J. Am. Chem. Soc., 29, 1166 , 1516 ( 1907 ). 
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TABLE 36 


Atomic Heat Capacities of Solid Elements 


Element 

At. Wt. 

jcALoiiiEs PER Degree per Gram Atom 

Gp 

Cv 

Na 

23.0 

6.9 

6.4 

Mg 

24.4 

6.0 

5.8 

A1 

27.1 

5.8 

5.6 

K 

39.1 

7.1 

6.6 

Fe 

55.9 

6.0 

5.9 

Ni 

58.7 

6.1 

6.9 

Cu 

(>.3.6 

5.8 

5.6 

Zn 

G 5.4 

6.0 

5.7 

Pd 

107.0 

6.1 

1 5.9 

Ag 

107.9 

6.1 

1 5.8 

Cd 

112.5 

0.2 

5.9 

Sn 

119.0 

6.4 

6.1 

Bb 

120.0 

6.0 

5.9 

I 

127.0 

6.9 

6.0 

Pt 

195.0 

6.1 

5.9 

Au 

197.0 

6.2 

5.9 

T1 

204.0 

6.4 

6.1 

Pb 

207.0 

6.3 

5.9 

Bi 

208.0 

6.3 

i 6.2 

Average . . . . 


6.2^- 

! 5.9-^ 



(± 0.26)* 

1 ( rfcO .15)* 

Average (excluding 

first four) . . . 

6.2 

5.9 



(± 0.18)* 

(±0.09)* 


* Average deviation 


very high temperatures some elements show abnormally great 
atomic heat capacities. The constant obtained by Dulong and 
Petit may be regarded as an average (predicted by the kinetic 
theory of matter) to which most of the elements conform at and 
near room temperature. 

Once having established the value of the atomic heat capacity 
of a solid element as about 6.2 calories per degree (Cp),^ the process 
may be reversed. If the atomic weight of an element is not 
known and if the usual fundamental methods of establishing 
atomic weights are for any reason inapplicable or indecisive, then 
the probable value may be found by determining experimentally 
the heat capacity of the element and dividing 6.2 by this experi¬ 
mental value, thus : 

atomic weight = 0.2/heat capacity 

The method was actually applied in the case of sodium, potassium, 
lithium, calcium, magnesium, barium, and various other metals 

^ For tho approxiinutc calculations outlined below it is not necessary to use 
the more exact value for Cv. 
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to fix the approximate values of the atomic weights. The deter¬ 
mination of the atomic weights with accuracy is of course another 
matter. 

This rule is really a derivation from the fundamental theory 
of chemistry, since it rests on atomic weights already established 
upon a theoretical basis. Consequently, if we are to apply the 
scientific method rigidly, we must regard it not as a law, as it is 
sometimes classed, but as a theoretical rule. 

Atomic Weights from Isomorphism. Another method which 
has been useful in a few cases in determining the approximate 
values of atomic weights is based upon the principles of iso¬ 
morphism. Two substances are isomorphous when they crystal¬ 
lize in the same form and form mix-crystals^ with each other. 
As an example of the application of this method we may cite the 
determination of the atomic weight of selenium by Mitscherlich, 
who was largely responsible for the development of the laws of 
isomorphism, which he stated thus: ^^The same number of 
atoms combined in the same manner produce the same crystal¬ 
line form; the crystalline form is independent of the chemical 
nature of the atoms, and is only determined solely by their number 
and mode of combination.’^ ^ Among the many substances 
studied by Mitscherlich were potassium sulfate and potassium 
selenate. They are isomorphous and hence analogous in compo¬ 
sition. He found their percentage compositions to be : 


Potassium Sulfate 

Potassium . . . 44.83 
Oxygen .... 36.78 
Sulfur.18.39 


Potassium Selenate 

Potassium . . . 35.29 

Oxygen .... 28.96 

Selenium .... 35.75 


The ratio of the weights of sulfur and selenium combined with a 
given weight of potassium, e.g.j 44.83 g., in the two compounds 
will be the ratio of the atomic weights of the two elements. Hence : 

45.40 g. s ele nium _ !^t JwL _ at . wt . sele nium 

18.39 g. sulfur at. wt. sulfur 32.6 

Thus he found the atomic weight of selenium to be 79.5. 

Accurate Determination of Atomic Weights. We have men¬ 
tioned five methods for fixing the approximate values of the atomic 

1 Mix-crystals are homogeneous crystalline solids containing the constituents 
in variable proportions. 

2 Quoted from Freund, The Study of Chemical Composition, p. 413. 
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weights of the elements. Two of these, Cannizzaro^s method 
and that depending upon the determination of the density and the 
atomicity of a gaseous element, have been included in the outline 
of fundamental theory; of the other three, one depends upon the 
use of the periodic system and upon the known properties of the 
element, another we have just dealt with under the heading of 
the rule of Dulong and Petit, and the third under isomorphism. 
In this section we shall discuss briefly the two methods most 
generally used for determining accurate atomic weights. 

(1) By accurate determination of molecular weights. We have 
already shown that by the application of the method of limiting 
densities the molecular weight of an elementary gas may be 
determined with accuracy and from this the accurate atomic weight 
computed. The same method may be extended to elements that 
are not gaseous but form gaseous compounds. To make the 
application of the method clear let us consider two examples. 

(a) Moles and Salazar ^ measured the densities of carbon 
monoxide at 0° C. and at two pressures, obtaining the results: 


Pressure (atmospheres) . . 1 \ 

Density (g,/l.) .... 1.25000 0.62487(5) 

^. 1.25000 1.24975 

Linear extrapolation of the ratio ~p gave 1.24950 grams per liter 

as the limiting density. This multiplied by 22.414 gives 28.006 g. 
as the weight of the gram molecule. By subtracting 16.000 g., 
the w'eight of 1 gram atom of oxygen, we have 12.006 g. as the 
weight of 1 gram atom of carbon, z.e., the atomic weight of carbon 
is 12.006. 

(6) Batuecas ^ reported for propylene, CsHe, at 0° C.: 


Pressure (atmospheres) 
Density (g./l.) . . . 
d 

P . 


1 

1.9148 

1.9148 


TT 

1.2681 

1.9021 


0.9478 

1.8956 


The molecular weight calculated from these results is 42.062. 
Assuming the atomic weight of hydrogen to be 1.0078 and sub¬ 
tracting from 42.062 g. the weight of 6 g.a. hydrogen, we obtain 


ij. Am, Chem. Soc„ 67, 788 (1935). 

» Ibid.; also, J. chim. phys., 31, 165 (1934). 
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36.015 g. as the weight of 3 g.a. carbon, and hence we find the 
atomic weight of carbon to be 12.005. 

(2) By accurate determination of equivalent weights, A notable 
example of the application of this general method is the determi¬ 
nation of the atomic weight of lithium ^ by Richards ^ and Willard. 
We can give here only a brief r6sum6 of this excellent and impor¬ 
tant piece of research; for all of the many details of preparation 
and purification of materials, methods of analysis, and discussion 
of results, we must refer the reader to the original publication. 
In the planning and execution of such precise quantitative work, 
Richards was a master. Every step in the investigation was taken 
with the most scrupulous regard for accuracy. Weighings were 
made to the hundredth of a milligram and corrected to vacuo. 
The following procedures were carried out: 

(a) Lithium chloride, purified with extreme care, was fused 
in an atmosphere of dry hydrogen chloride and weighed. It was 
converted quantitatively into lithium perchlorate, LiC 104 , by 
treating the solution with pure perchloric acid, expelling the 
volatile acids by aeration, evaporating to dryness, and fusing 
in a dry atmosphere. The lithium perchlorate was then weighed. 
In one of the several successful experiments the weight of lithium 
chloride taken was 4.54205 g.; the weight of the lithium per¬ 
chlorate prepared from it was 11.39912 g. The gain in weight 

^ Deivr mi nations of Atomic Weights, Publication No. 125 of the Carnegie Insti¬ 
tution of Washington (1910). 

2 Theodore William Richards was born in Germantown, Pennsylvania, in 1868. 
After graduating from Haverford College at the age of seventeen, he went to 
Harvard and there received his doctor’s degree three years later- He spent two 
years studying in Europe, then returned to Harvard, where he remained as a teacher 
of chemistry until his death in 1928. 

While i)reparing for Ws doctorate under Josiah P. Cooke, he bf^gan the work 
on the revision of atomic weights for which he is best known. This was one of 
his major interests throughout his life, and he developed many new and improved 
forms of apparatus as aids in pushing the analytical technique to its utmost 
accuracy. His discovery that the atomic weight of lead from radioactive sources 
was different from that of ordinary lead, as predicted from the disintegration 
hypoUiesis, was of far-reaching inir)ortance. He studied properties other than 
atomic weights, including the densities and compressibiliti^'s of the elements and 
their periodic relationships. His investigations of the relation between the heat 
and the electrical ener^ lilx*rated during chemical reactions wore of outstanding 
interest. Many other lines of investigation also received his attention as he pur¬ 
sued his main aim of establisliing the fundamental relationships among the 
chemical elemente. His scientific work was presented in upwards of three hundred 
publications, which are evidence of the fine scientific imagination, lucid and logical 
reasoning, and experimental skill of the author, and which brought him recognition 
all over the world. In 1914 he was awarded the Nobel Prize in Chemistry, the 
first American to be so honored. His world-wide reputation was attested to by 
Graebe, president of the German Chemical Society, before which Richards 
spoke in 1907, when he said that in atomic weight work Berzelius and Stas now 
gave way to Richards and “the light, which before radiated from Europe to 
America, is now brilliantly reflected back again.” 



ACCURATE DETERMINATION OF ATOMIC WEIGHTS 143 


was the weight of oxygen equivalent to the lithium chloride taken, 
i.e., 6.85707 g. Hence was obtained the ratio: 


J(0)^ ^ 6.85707 
(LiCl) 4.54205 


1.50968 


(6) A weighed amount of lithium chloride was treated in 
solution with the silver nitrate prepared from a known weight 
of silver, calculated to be the equivalent of the lithium chloride. 
The silver chloride precipitated was filtered off and weighed. 
In one of the thirty or more successful experiments 5,82076 g. 
of lithium chloride reacted with the silver nitrate prepared from 
14.81122 g. of silver; the resulting silver chloride weighed 
19.67873 g. Hence were obtained the two ratios: 


(LiClJ 

■(Ag) 

(LiCl) 

(AgCl) 


5.8207^ 

14.81122 

5.82076 

19.07873 


- 0.392997 


= 0.295790 


By multiplying ratios he obtained: 

X Vi-v = 1.50908 X 0.392997 
(LiCl) (Ag) 

or = 0.593301 

(Ag) 

Putting (O) = 16.0000, Richard.s found the atomic weight of silver 
to be 107.871. This was a chock on the atomic weight of silver, 
viz., 107.880, which he previously had found by another method. 
The weight of chlorine in the lithium chloride taken in this de¬ 
termination was equal 1 o: 

(AgCl) - (Ag) = (19.07873 - 14.81122) = 4.86751 g. 

Hence from the ratio was obtained the ratio: 

(Ag) 

(bi) _ (5.82076 — 4.86751) _ ^ 064360 
(Ag) ” 14.81122 

Taking 107.880 as the atomic weight of silver, he found the 
atomic weight of lithium : 

(l.i) = 0.064360 X 107.880 = 6.9396 

The average of over thirty determinations was 6.939, the extreme 
range being 6.938 to 6.945. 
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Summary 

The logical development of the fundamental chemical theory, 
given in the first part of this chapter, is brought together in the 
Fundamental Theory Chart (page 127). 

Chemical symbols and formulas stand for quantities as well as 
substances. By using the gram molecular volume of a gas, the 
volumes occupied by given weights of gaseous reactants are 
readily calculated. 

Formulas may be written from a knowledge of the valences 
of the constituents. Valences may also be determined from 
formulasy but only the constituents of polar compounds can be 
assigned unequivocal positive or negative valence. 

Formulas and atomic iveights allow us to calculate the percent¬ 
age composition, molecular weights, and approximate density of' 
gaseous substances. 

Equations allow us to calculate reacting weights and approxi¬ 
mate reacting volumes of gases. 

Equivalent weights may refer to either metathetical or oxidation 
(or reduction) equivalents. 

Dulong and Petit’s rule, referring strictly to C,,, holds for all 
solid elements hea\'ier than potassium. It has been useful in 
giving approximate atomic weights. 

Atomic weights may be determined accurately from accurately 
determined moleculMr weights and by the accurate determination of 
equivalent weights. 

PROBLEMS AND EXERCISES 

1. What is the valence of each of the following? 

(а) Rb in RbCl (d) N in KNO3 

(б) Bi in BiOCl (e) Na in NaOCl 

(c) Co in K^CoCNOale (/) Fe in K 4 Fe(CN)fi 

2. How many moles are 100 grams of each of the following? 

(а) Ba(OH)2 (c) CeHiA 

(б) NaC2H302 (d) LaCL 

3. Calculate the percentage of each element in each of the substances 
in 2. 

4. Assume that 10.7 g. of cupric sulfate are dissolved and allowed to 
react with an excess of 0.105 N potassium iodide solution. Calculate : * 

^ In solving numerical problems in which the weight or volume of one substance 
is given and the weight or volume of another reejuired, the student will save 
much time and confusion in working in terms of moh^s, since the mole represents 
a definite volume of a gas, 22A liters at T. P., as well as a definite weight of a 
substance. 
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(а) The weight of potassium iodide required for the reaction. 

(б) The volume of the potassium iodide solution required for the 

reaction. 

(c) The volume of chloride gas at S.T.P. which will liberate as much 

iodine as was formed in the reaction. 

5. How many liters of methane at S.T.P. must be burned in order to 
form 0.106 g. of CO 2 ? How many liters of steam (100° C.) are formed 
in the process? 

6. Suppose 57 ml. of hydrogen and 40 ml. of oxygen, measured at 
S.T.P., are exploded and brought to S.T.P. Which gas is in excess, and 
how much of it remains? 

7. The specific heat of a certain solid element is 0.107. What is its 
approximate atomic weight? 

8. Wlien 24.6 grams of pure aluminum sulfide are treated with excess 
HCl, the resulting gas led into cupric sulfate solution, and the precipitate fil¬ 
tered off, dried, and weighed, what weight of what substance is obtained? 

9. Calculate the percentage composition of the elements in sodium 
carbonate decahydrate. 

10. Wliat weight of sodium carbonate is obtained when 12.5 grams of 
sodium bicarbonate are decomposed by heat? 

11. Thirty-two grams of copper are treated with nitric acid. Assum¬ 
ing that conditions are right for the quantitative production of nitric 
oxide, calculate its volume at S.T.P. 

12. Find the simplest formula for a compound which has the following 
composition: magnesium 11.98 per cent, chlorine 34.86 per cent, water 
53.16 per cent. 

13. Calculate the density of, and the number of molecules in, 1 liter of 
silicon tetrachloride at 134° C. and 760 mm. 

14. What weight of glucose must be dissolved in 1 liter of water to make 
a solution freezing at — 0.37° C.? 

15. Wliat is the molecular weight of a compound, a solution of which, 
containing 12.5 grams in 500 grams water, freezes at — 0.651° C.? 

16. Calculate the i:)ercentage composition of asbestos, CaMg3(Si03)4. 

17. Deduce the valences of the “central elements” in the following 
compounds: 

(а) borax (c) potassium chromate 

(б) barium chlorate (d) nitrous acid 

18. Find the formula of a compound whose molecular weight is ap¬ 
proximately 118 if it gives on analysis carbon 40.7 per cent, hydrogen 5.1 
per cent, and oxygen 54.2 per cent. 

19. What volume of oxygen, measured over water at 27° C. and 780 mm. 
pressure, would be obtained by heating 12.00 grams of potassium nitrate, 
assuming that the nitrate is converted quantitatively into the nitrite? 
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20. Compute the number of molecules in 1 liter of methane (a) at 
S.T.P.; (b) at 100® C. and 770 mm. pressure. 

21. What is the actual numl^er of molecules of sucrose in 1 liter of a 
1 molar solution? 

22. The weight of 240 ml. of ether vapor, measured dry at 50® C. and 
760 mm. pressure, is 0.661 g. Calculate from these data: (a) the 
density of ether vapor at 50® C. and 760 mm.; (b) the molecular weight of 
ether. 

23. How many molecules are there in 200 ml. of phosgene, measured 
at 20® C. and 740 mm.? 

24. Given that 200 ml. of nitrogen react with 600 ml. of hydrogen to 
form 400 ml. of ammonia, temperature and pressure remaining the same, 
deduce the minimum number of nitrogen atoms in the molecule, stating 
clearly the reason for each step in the deduction. 

25. Plot the data of Moles and Salazar for ^ in the case of carbon 

monoxide and determine by graphical extrapolation the limiting density 
and hence the molecular weight. Plot similarly the data of Batuecas for 
propylene and hence check his atomic weight of carbon. 

26. Recently Moles and Sancho have found for the density of NHs at 
low pressures the following values: 

P .1 atmosphere atmosphere 

p. 0.77143 0.765G2 

From these data calculate the limiting density of ammonia. If the 
limiting density of oxygen is 1.42767, calculate the molecular weight of 
NHs and the atomic weight of N assuming H = 1.0078. 
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CHAPTER 6 

THERMOCHEMISTRY 

Thermochemistry may be defined as the study of the heat changes 
which accompany chemical reactions and physical changes. Since 
heat is a form of energy, thermochemical experiments tell us the 
quantity of energy which is liberated or absorbed during the dif¬ 
ferent chemical and physical changes. The study of such energy 
changes is of tremendous importance in physical chemistry. Not 
only are the results of interest in themselves (when related to 
classes of substances and t 3 q)es of reactions), but they also furnish 
very definite evidence concerning that elusive property of elements 
and compounds covered by the term affinity, which is tied up 
indissolubly with the real driving force of chemical reactions, and 
is the basis of the whole system of thermodynamics so indispen¬ 
sable in modern chemistry. The amount of heat liberated or 
absorbed, for example, enables us to tell, by an application of the 
principle of Le Chatelier, how a given physical or chemical equilib¬ 
rium will be affected by a change in temperature. As we shall 
see in the next chapter, the heat of a reaction determines quanti¬ 
tatively the change of equilibrium constant with the temperature. 

Many physical and chemical changes are accompanied by such 
marked changes in temperature that these thermal effects are 
familiar to everyone. Thus the cooling caused by the evaporation 
of moisture from the skin, the freezing action of a mixture of ice 
and salt, and the heat caused by the compression of air in a tire 
pump or “fire s 3 Tinge” are matters of common knowledge. In 
the laboratory we know that large changes in temperature 
accompany the dilution of concentrated sulfuric acid, the dissolv¬ 
ing of some salts in water, and the mixing of water and alcohol. 

In some of the cases cited, there is a heating effect; in some, 
a cooling effect. The rise in temperature, we say, indicates that 
the change is accompanied by the evolution of heat, the fall in 
temperature by the absorption of heat. Such evolution or absorp¬ 
tion of heat is not an isolated phenomenon occurring only in 
occasional cases. On the contrary, it is a rare case that does not 
show such an effect to a marked degree. Every chemical or 
physical change in form, state, or composition is accompanied 
Moc—11 147 
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by some thermal effect. If the thermal effect is an evolution 
of heat, it is said to be exothermic; ^ if the thermal effect is the 
absorption of heat, it is said to be endothermic.^ 

To express quantitatively the thermal effects accompanying a 
given physical or chemical change, two factors must be included 
— the quantity of material and the quantity of heat associated with 
the change. The quantity of material may be expressed in any 
mass unit — one gram, one gram molecule, or the number of gram 
molecules indicated in the equation for the reaction concerned. 
The quantity of heat usually is expressed in calories. A calorie 
(cal.) is the quantity of heat required to raise the temperature of 1 gram 
of water by 1° C. Since the heat capacity of water clianges slightly 
with rising temperature, first diminishing up to about 35° and 
then increasing, the temperature, for work of high accuracy, must 
be further defined. The temperatures generally taken are 15° 
and 20°. The unit is referred to as the 1 ^f^-calorie or the 20°- 
calorie. Another basis for the definition is ^>f A\e heat required 
to raise the temperature of 1 gram of water from 0° to 100° C.; 
this gives us the average calorie. The relative values of these 
different units are: 

1 mean calorie = 1.0012 20°-calories = 1.0002 15°-calories 

The kilogram calorie (Kal.) is 1000 times the gram calorie, z.e., 
1 Kal. = 1000 cal. It is the heat required to raise 1 kg. of water 
1° C. The 15°-calorie and the kilogram calorie derived from it 
will be used in our discussion and tables. 

In engineering practice the unit of heat is the British thermal 
unit (B.T.U.) — the amount of heat required to raise the temper¬ 
ature of 1 lb. of water 1° F. at the temperature of its maximum 
density. As the unit of mass is the pounds the heat effect is ex¬ 
pressed as so many B.T.U. per lb. Thus 1 cal. per g. is equivalent 
to 1.8 B.T.U. per lb. 

Thermal Effects of Physical Changes. Although the heat 
effects of physical changes might seem to belong solely in tlie 
realm of the physicist, they are actually of great interest to the 
chemist as well. In dealing with reactions, he must also consider 
changes of state and the heat effects accompanying these changes. 
Heats of fusion and vaporization, for example, indicate the energy 


* From tho (Jrook (outside) -f (heat) + ie. 

^From the Greek (within) -)- Bhp/xrj (heat) -f ic. 
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which must be supplied in order to overcome the forces of orienta¬ 
tion or cohesion in the substance in its original state. 

Heat of Fusion. When a solid melts, heat is absorbed. The 
heat required to melt a substancCj without raising the temperature^ 
is called the heat of fusion. ‘ The heat of fusion per gram is desig¬ 
nated by Ip ; that per mole by Lp. The actual quantities vary over 
a wide range for different substances, as may be seen in Table 36. 

TABLE 36 

Heats ok Fusion of Various Substances* 


Substance 

T 

^ m 

Cal./G. 

L>p 

Cal ./ Mole . 


Oxygen (O 2 ) . . . . 

54 

3.30 

106 

2.0 

Argon. 

83 

6.71 

268 

3.2 

Acetom*. 

178 

23.4 

1360 

7.6 

.\mmonia. 

196 

83.9 

1430 

7.3 

Mercury. 

234 

2.79 

. 5.59 

2.4 

( 'arbon tetrachloride . . j 

249 

4.16 

640 

2.6 

Water. i 

273 

79.70 

1436 

, 5.3 

Benzene. ! 

278 

30.3 

2367 

8.5 

Phosphorus . I 

317 

, 5.03 

156 

0.5 

Aluminum. 

930 

87.0 

2350 

2.5 

Oopper. 

13.57 

41.8 

2050 

2.0 

Nickel. 

1723 

73.0 

4280 

2,5 


* Data in this tabic atui in the other tables in this chapter are taken, for the 
ino«t part, from the International Oitical Tables. 

The heat of fusion is a very considerable quantity in many cases. 
Thus to melt 1 gram of ice at 0® C. to water at 0° C. requires 
nearly as much heat as would raise 1 gram of water from 0° to 
C. This gives us an indication of the strength of the forces 
of orientation in the ice cr^^stal. 

It is an interesting fact that the molecular heat of fusion is 
usually greater the higher the melting point of the substance. 
For many substances the molecular heat of fusion, Lp, in calories, 
is about 2.2 times the absolute melting point, Tm : 

Lp=- 2.2 Tm 

This relation holds quite well for elements and for some compounds, 
but for the majority of compounds it fails to hold as the data in 

» HcatB of fusion, vaporization, and sublimation wore called latent heats by 
Dr. .Joseph Black, the well-known .Scotch chemist who discovered these phenomena 
in 1760. This name w’as applied because the heat disappeared (became latent) 
in the substance, instead of raising the temperature. The terms latent heat of 
fusion, etc., are still used. 
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the last column of Table 36 show. It is analogous to Trouton's 
rule for heats of vaporization given below. 

Heat of Vaporization. The heat of vaporization of a liquid is the 
quantity of heat required to vaporize the liquid at a given temperature. 
The temperature of measurement is usually the boiling point. 
The heat of vaporization per gram is designated by ly ; that per 
mole by The heat of vaporization of a number of substances 
(at their boiling points) is given in Table 37. In this case the 
energy absorbed in the change goes to overcome the forces of 
cohesion — to tear apart the molecules of the liquid from one an¬ 
other, converting them into gas molecules. To convert 1 gram of 
water at 100° into 1 gram of water vapor at 100° absorbs more 
heat than would be required to heat 5 grams of water from the 
freezing point to the boiling point. In the modern refrigerator, 
liquid sulfur dioxide, ammonia, or methyl chloride is volatilized 
and the surrounding space is chilled because the latent heat of 
evaporation of the liquid is extracted from it. 


TABLE 37 

Heats of Vaporization and Trouton's Constants 


Substance 

°A. 

w 

Cal./G. 

Ly 

Cal ./ Mole . 

Ly 

Helium. 

4..5 

6 

24 

5.3 

Oxygen (O 2 ) . • . • 

90.2 

50.9 

1,629 

IS.l 

Ammonia. 

240 

327.1 

5 ,.'in 

23.2 

Ethyl alcohol .... 

.351 

204 

9,410 

26.8 

Benzene . 

353 

94.3 

7,362 

20.9 

Water. 

.373 

539.4 

9 , 71s 

26.1 

Acetic acid. 

391 

96.8 

5,810 

14.8 

Aniline. 

456 

104 

9,678 

21.2 

Naphthalene .... 

491 

75.5 

9,670 

19.7 

Phosphorus ( P4 ) . . . 

5 G 0 

130 

16,100 

28.8 

Mercury. 

630 

67.9 

13,600 

21.6 


Trouton, in 1884, pointed out that the molecular heats of vapor¬ 
ization, Lv, of many substances, were proportional to their absolute 
boiling points, and that the value of the proportionality con¬ 
stant was about 21 when Ly was expressed in calories. Trouton^s 
rule may be expressed thus: 

Lv == 21 n 

This equation is a useful approximation, which holds qualitatively 
over a very wide temperature range, although it fails to account 
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for the behavior of substances with very low or very high boiling 
points, as Table 37 shows. 

Heat of Sublimation. Certain substances suhlime, passing 
directly from the solid to the gaseous state. The heat which is 
absorbed in this process is known as the heat of sublimation. At 
the freezing point of the solid, it is obviously equal to the sum of 
the heats of fusion and of vaporization. Thus for water at 0 ® C., 

Heat of fusion.79.7 cal./g. 

Heat of evaporation. 595.9 

Heat of sublimation.675.6 

The principle by which we can obtain the heat of sublimation from 
the heats of fusion and evaporation is an example of the Law of 
Hess (1840). This important corollary of the law of the conserva¬ 
tion of energy states that the heat effect during a change, either 
physical or chemical, depends only on the initial and final conditions 
and not on the intermediate steps. In the case above, we can 
take 1 g. of ice at 0 ® C. and go to 1 g. of water vapor in two ways: 
( 1 ) by melting the ice and then vaporizing the water, or ( 2 ) vapor¬ 
izing the ice directly. The heat change in the first process is the 
sum of the heats of fusion and of vaporization; that in the 
second process is the heat of sublimation. These two are the same, 
by the law of Hess, since in both cases we start with 1 g. of ice at 
0 ® C, and end with 1 g, of water vapor at 0 ® C. 

Heat of Solution and Heat of Dilution. Another important 
thermal effect is that which accompanies the solution of a sub¬ 
stance in a liquid. The heat of solution is a much more complex 
matter than the heat of fusion or of vaporization. When we dissolve 
a salt in water, sometimes we find an absorption and sometimes 
a liberation of heat. Here we evidently have a number of over¬ 
lapping effects, some of which may be classed as physical, while 
others are definitely chemical. This is evident if we consider 
the dissolving of a salt like calcium chloride to make a dilute 
solution. When we add to water calcined calcium chloride (the 
kind that is used so widely as a drying agent in quantitative 
analysis and in organic chemistry), there is a marked rise in tem¬ 
perature ; the change is exothermic. If we use instead hydrated 
calcium chloride crystals, CaCl 2 . 6 H 20 , the temperature drops; 
the change is endothermic. The question might then be asked: 
Do all anhydrous salts dissolve with evolution of heat? A httle 
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experimentation would show that this is not the case. Ammonium 
nitrate, for example, shows a marked cooling effect on dissolv¬ 
ing. We may, however, generalize to this extent: Salts that form 
crystalline hydrates dissolve in limited amounts of water exothermi¬ 
cally, but the hydrated salts themselves and salts that do not form 
hydrates usually dissolve endothermically. 

Another important thermal effect is the temperature change 
accompanying dilution of a given solution. When water is added 
to the concentrated hydrochloric acid solution purchased for use 
in the laboratory (an approximately 36 per cent solution), there 
is a decided rise in temperature. The same effect is observed 
with many other fairly concentrated solutions. It is oljvious 
then that the various heat effects referred to must be defined 
rather rigidly in order to give them scientific significance. The 
heat of solution of a given substance, whether hydrated or not, we 
shall define as the quantity of heat evolved when a unit mass {usually 
1 gram molecule) is dissolved in so much water that upon further 
dilution there is no appreciable heat effect. The heat of dilution is 
the heat evolved upon diluting a unit mass of a given solution. In 
addition to these heat effects there may also be a heat of ioniza¬ 
tion when polar solutes are involved, but this effect is usually 
inseparable from the heat of dilution or of solution. 

The heat accompanying a given reaction may be expressed in 
calories per gram of substance changed or, more usually, per 
mole of substance reacting according to a given equation. In¬ 
asmuch as the thermal effect of a given change is dependent 
upon the initial and final states of the reactants, these states must 
be indicated in a thermal equation in all cases where more than one 
state is possible under usual laboratory conditions. Thus NaOH.aq 
represents sodium hydroxide in very dilute solution, the aq being 
an abbreviation for aqua. Similarly, (s) stands for solid, (1) for 
liquid, and (g) for gas. 

Table 38 gives representative heats of solution and of dilution. 
The heats of reaction are given for the different changes symbolized 
by the chemickl equations. In thermochemical work the con¬ 
centrations are usually represented as the relative number of moles 
of solvent and of solute. Thus Na0H.25H20 means a solution 
of 1 mole of NaOH in 25 moles of water (about 2 m). It is un¬ 
derstood, of course, that this expression does not represent a 
chemical compound. 



HEAT OF REACTION 


153 


TABLE 38 

Some Heats of Solution and op Dilution (18® C.) 


Reaction 


CaCl 2 

CaCl*.2H20 

CaCl2.4H20 

CaCla.GHaO 


+ 400 H 2 O —CaCl2.400H20 + 17.99 Kal. 
4- 398 H 2 O —CaCl2.400H20 + 10.03 ” 
-fSOG HsO—^CaCl2.400H20 4- L83 
4- 394 H 2 O —^ CaCl2.400H20 ~ 4.56 ” 


NaOH.2r)H20 25 H 2 O —NaOH.SOHzO - 123 Cal. 

H.C 2 H 3 O 2 . 25 H 2 O 4 aq —H.C 2 H 302 .aq 4 154 ” 

NaC2H302.25H20 4 aq -NaC 2 H 302 .aq 4 314 


Heat of Reaction. In the course of his laboratory experience 
the student has incidentally observed many cases of reactions 
accompanied by change in temperature. Noticeably exothermic 
reactions are the reaction of zinc with sulfuric acid, the precipita¬ 
tion of copper by zinc or iron, the precipitation of silver chloride 
by the addition of silver nitrate to a chloride solution, the neutrali¬ 
zation of an acid with a base, the opening to the air of a jar of nitric 
oxide resulting in the brown fumes of nitrogen peroxide, and 
the bringing together of cylinders containing hydrogen chloride 
gas and ammonia gas. 

In a few cases the reverse effect may have been perceptible, as, 
for example, when concentrated hydrochloric acid solution is 
added to a solution of sodium sulfate or sodium thiosulfate. I^ess 
obvious have been the cases in which it was necessary to apply 
heat in order to bring about a reaction. Endothermic reactions 
coming under this head are the decomposition of mercuric oxide, 
the preparation of carbon dioxide by heating a carbonate, the 
decomposition of sodium nitrate into sodium nitrite and oxygen, 
and the preparation of water gas. 

In Table 39 are given the thermocheinical effects accompanying 
various reactions. The heat effects listed here represent energy 
gained or lost by the system during reaction. We postulate the 
existence in each substance of chemical energy^ the exact nature 
of which it is difficult to define. When a reaction takes place 
exothermically, as in the case of the combination of hydrogen and 
oxygen to form water, the evolved heat has resulted from the 
transformation of some of the chemical energy associated with 
the hydrogen and oxygen; in this sense energy is lost by the 
system. Similarly, an endothermic reaction involves the trans- 
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TABLE 39 

The Heats of Cebtain Reactions (18° C.) 




Reaction 


-AH 

HCl.aq 

H- NaOH.aq ->- NaCl.aq 


+ J3.65Kal. 

2 CO 

+ Oi 

—>-2 CO! 


-f 135.9 

H 2 S (g) 

+ U (8) 

— ^2HI (g) 

-f S (8) 

-- 17.1 ” 

HsS.aq 

-4 -12 (8) 

- >■ 2 Hl.aq 

+ S(s) 

-f 16.8 ” 

2 SO 2 (g) 

“f O 2 

— ► 2 SO! (g) 


+ 44.4 ” 

4 H 2 O (g) 

4- 3 Fo 

-Fe304 

+ 4H! 

4- 35.7 ” 

2NH8 

+ 4 0! 

—>-2NO 

+ 3 H!0 (g) 

4- 108.5 ” 

C graphite) 

— >- C (diamond) 

__ 

~ 0.16 ” 


formation of heat energy into chemical energy, the products hav¬ 
ing greater chemical energy content than the reagents. It is 
apparent that most of the reactions that take place spontaneously 
when the reagents are brought together are those accompanied 
by evolution of heat, i.e., a loss of energy by the reacting system. 

In an exothermic change the heat evolved, coming from within 
the system itself, represents a loss of energy by the system^ f.e., 
by the substance or substances undergoing change; in an endo¬ 
thermic change the heat absorbed represents a gain of energy by 
the system from the surroundings. In discussing thermal changes 
we shall use the symbol AH to represent the increase in heat 
content of the systenij i.e., the heat absorbed by the system, A decrease 
in heat content, then, will be represented by -AIL We shall also 
employ the usual thermal equations in which the heat evolved 
will be written as a positive quantity for an exothermic thermo- 
chemical reaction and a negative quantity for an endothermic 
reaction, e,g.: 

C2H4 + 3 O2 —2 CO2 + 2 H20(1) + 332 Kal. 

Here, 332 Kal. of heat has been lost by the system when 1 mole of 
ethylene burns, the water formed being condensed to liquid ; hence 
this reaction also may be written: 

C2H4 + 3 O2 —^2 CO2 + 2H20(1) : ah = - 332 Kal. 

To several types of reactions special terms are applied, and with 
some of these we shall deal later. The names are almost self- 
explanatory. Thus we have heat of formation, heat of combus¬ 
tion, heat of neutralization. The heat of formation of a compound is 
the heat evolved when 1 gram molecule of the substance is formed from the 
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elements. Those that are formed with evolution of heat are termed 
exothermic compounds ; those that are formed with absorption of 
heat are termed endothermic compounds. Examples of exothermic 
compounds, for which the heats of formation are given in Table 
40, are carbon dioxide, water, lead iodide, hydrogen sulfide, cupric 
oxide, and aluminum oxide. Examples of endothermic com¬ 
pounds are acetylene, hydrogen iodide, nitric oxide, antimony 
hydride (stibine), and mercuric cyanate (fulminating mercury). 
Atomic hydrogen made from molecular hydrogen is also an 
endothermic substance. It will be noted from a casual inspec¬ 
tion of these data that the most strongly exothermic compounds 
are the ones which form with greatest vigor when conditions for 
combination of the elements are suitable and that those which are 
most strongly endothermic are the ones which are most unstable. 
Acetylene, mercuric fulminate, and silver nitride are all danger¬ 
ously unstable, and atomic hydrogen tends to combine with 


TABLE 40 

Heats of Formation of Certain Compounds from the Elements (18® C.) 


Substance 

-AH 

Substance 

-AH 

CO 2 (from /5 graphite) 

94.4 Kal. 

Czllt 

- 54.3 Kal. 

H 2 O (1) 

68.37 

HI 

- 5.92 

H 2 O (g) 

57.81 ” 

NO 

- 21.5 ” 

Pbl2 

41.83 ” 

Hhlh 

- 34.81 ” 

HsS 

5.3 ” 

Hg (CN0)2 

- 64.5 ” 

CuO 

34.9 ” 

H (from H 2 ) 

- 50.4 ” 

AUOs (powder) 

389.4 ” 




itself, 2 H —H 2 , with extraordinary vigor, an effect utilized in 
the atomic hydrogen torch recently developed for high-tempera¬ 
ture welding. 

The heat of neutralizatimij the quantity of heat evolved when an 
acid is neutralized by a base, has, as we shall see later, an extremely 
interesting bearing on the interpretation of this type of reaction 
in accordance with the ionic theory. 

The heat of combustion, the quantity of heat evolved when 1 
gram molecule of a substance burns completely, is of great practical 
and theoretical importance. It is of immediate interest in connec¬ 
tion with fuel chemistry since it determines the calorific value of a 
fuel. Typical values for such heat effects per gram molecule of 
substance are given in Table 41. 
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TABLE 41 

Hbats of Combustion of Cbrtain Organic Compounds (1^®) 



Reaction 



-AH 

Acetylene CsH* 

-I-JO, —♦■2 CO, 

H- H 2 O (1) 

4- 

312.0 Kal. 

Benzene (1) 

+ Y 0, — ► 6 CO, 

+ 3 HaO (1) 

4- 

783.4 ” 

Ethylene C 2 H 4 

+ 3 0. ->-2 CO, 

+ 2 H,0 (1) 

4- 

332 

Ether (€ 2^)20 (1) 

+ 6 0, —>-4CO, 

-f 5 H 2 O (1) 

4- 

651.7 ” 

Methane CH 4 

* 4 " 2 O 2 "" OO 2 

+ 2 HaO (1) 

-f 

210.8 ” 

Methanol CHaOH 

4 * i Oj ' CO 2 

4- 2 HaO (1) 

4- 

170.9 " 

Sucrose C 12 H 22 O 11 (s) 

+ 12 0 , —12 CO, + n H,o (i) 

4- 1350 ” 

T.N.T. 2C7H6(N02)3 (s) 

+ Y 0 , —14 CO, + 5 H,0 (1) + 3 N 

2 4- 1642 


Heats of combustion are of even more general importance and 
interest in that they enable us to determine heats of formation 
which often cannot be determined directly. We have only to 
measure the heats of combustion of factors and products. The 
latter value, subtracted from the former, gives us the required 
heat of formation. This process illustrates the fact that thermo- 
chemical equations may be treated exactly like algebraic equa¬ 
tions and that they remain valid if subjected to the ordinary 
algebraic processes, which are used to eliminate undesired terms 
and to give the desired result. For example, we may transfer 
any term from one side of an equation to the other if we change 
signs. Thus we can write : 

C + O 2 —CO 2 + 94.4 Kal. 
or CO 2 — >- C “h O 2 — 94.4 Kal. 

As an illustration of the use of these equations, let us calculate the 
heat of formation of acetylene: 

2C (S) -f Ha-J-CaHa + ? 

It would be nearly impossible to determine this directly, but we 
can obtain the necessary information from the heats of combustion 
of carbon, hydrogen, and acetylene as given in Tables 40 and 41. 
Since two gram atoms of carbon are involved, we must multiply 
its heat of combustion by 2. 

2 C (s) + 2 Oa —2 COa + 188.8 Kal. 

Ha +^ 02 -^H 20 (1) + 68.4 

CaHa +IQ 2 —»-2COa + HaOd) -f 312.0 

By adding the first and second of these equations and subtracting 
the thirds we obtain ; 
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2C (s) + 20, + H, + iO, - C,H, - f 0,—»- 
2 CO. + 188.8 Kal. + H,0 (1) + 68.4 Kal. - 2 CO, - H,0 (1) - 312.0 Kal. 

We may now cancel out the 0, terms on the left and the CO, and 
H,0 terms on the right, transpose the CjH, term to the right side 
(changing sign), and collect the heat terms. This gives us: 

2 C (s) + H, —C,H, - 54.8 Kal. 

An alternative way to handle thermal equations, which has some 
advantages over the foregoing, is to write down the equations in 
such a way that they may be added and the terms cancelled 
directly. Equations are transposed if necessary so that the de¬ 
sired reactants occur on the left of each and the products on the 
right. In determining the heat of formation of acetylene, we write 
down the same three equations, transposing the third so that the 
CiH, appears on the right, cross out identical terms appearing on 
opposite sides, and add, thus: 

2 C (s) +:3=G?= —+ 188.8 Kal. 

H, 4-:%-^ —+ 68.4 ” 

^CO,_ C,H,312.0 ’’ 

2 C (s) + H, —CjH, - 54.8 ” 

One other illustration of the combination of thermochemical 
equations will show that this is not confined to heats of combustion. 
Thus the heat of the reaction; 

H,S(g) +I,(s)—J-2HI (g) -I-S(s) 

is difficult to measure directly, but is easily calculated by subtract¬ 
ing the heat of formation of H,S from that of HI, thus: 

H, + I, (s) —^ 2 HI (g) -11.8 Kal. 

_ + S (s) —^ H,S (g) + 5.3 ” 

H,S"(g) + I, (8) —^ 2 HI (g) + S (s) - 17.1 ” 

There is only one practical disadvantage in such calculations as 
these. If two large numbers are subtracted, the percentage error in 
the result will be much larger than that in either of the original 
numbers. Thus in the case of acetylene the heat of formation un¬ 
doubtedly is subject to at least three times as great a percentoLge 
error as either of the three heats of combustion which are com¬ 
bined to calculate it. This is even more the case if the heat of 
formation is smaller. 
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Law of Maximum Work (Heat). The fact that most exothermic 
compounds are stable, while most endothermic compounds are 
unstable, led the p;reat French chemist Berthelot ^ to conclude 
(wrongly) that the heat evolved in a reaction is a measure of the 
tendency of the reaction to proceed. This principle he called the law 
of maximum work, although it should have been called the law of 
maximum heai. According to his idea a chemical reaction always 
goes in the direction in which the most heat is evolved. This is often 
enough the case, particularly in systems involving only solids and 
in reactions going to completion, to enable us to predict with a fair 
degree of certainty the course or vigor of a reaction. For in¬ 
stance, by combining the equations for the heat of formation of 
sodium chloride and of magnesium chloride, we predict that so¬ 
dium would displace magnesium from its chloride with liberation 
of heat: 

2 Na (s) + Cb (g) — ^ 2 NaCl (s) + 196.7 Kal. 

Mg (gL —^ MgC b(s)_± 

2 Na (s) -h MgCl, (s] — Mg (s) + 2 NaCl (s) + 43.6 '' 

The reaction actually goes in this direction. When we carry out 
the same calculation for the oxides, we find that magnesium would 
displace sodium with evolution of heat: 

2 Na (s) “b ■ 2 ' O 2 (g) —^ Na20 (s) -j- 99.1 Eal. 

Mg_ _± i 02 (g) —MgO (s)_ -f 145 .7 " 

Mg (s) -f Na^O (s) — Mg(3 + 2 Na ‘-f 46.6 


^ Marcellin Pierre Eugene Berthelot (1827-1907) was one of the outstanding 
French chemists of the nineteenth century. He started to study medicine, but 
under the influence of men like Dumas he turned to t^hernistry. Ho displayed 
such remarkable ability in research that in 1860 he wa.s appointed to a special 
research i)rofe88orship at the College de France, where he was required to lecture 
only once a week. Berthelot first uae?d the word synthetiia for the preparation of 
organic compounds. He devoted ten very fruitful years to the synthesis of whole 
groups of compounds — jmrticularly by pyrogenic reactions, pas.sing substances 
through heated tufx*s. He also named aedykne and studied its preparation, 
its polymerization to l^enzene, and other properties. His contributions to physical 
chemistry are equallv important. W^ith St. Gilles he investigated the rate of for¬ 
mation of esters, made by bringing together alcohols and organic acids. He studied 
the heats of reactions — particularly heats of combustion of substances, in the 
calorimetric bomb he invented. He confirmed the law of Hess and enunciated the 
law of maximum work (heat). At the time of the Franco-Prussian War he studied 
explosives and discovered the nature of explosion waves. When the Suez C'anal 
was opened in 1809, he visited Egyiit, where he Ixjcame interested in the origin of 
alchemy and early chemistry. His bfjoks on The Ongina of Alchemy and Chem- 
xatry tn the Middle Ages are still invaluable to historians of the science. Ho won 
recognition politically as well as scientifically, being elected senator for life in 1881, 
minister of public instruction (1886-1887), and minister of foreign affairs (1896- 
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This also is the direction in which this reaction actually goes, and its 
discovery caused a great deal of surprise in 1886, although it agrees 
with Berthelot^s law of maximum work (heat). 

We now know that the ^‘law” does not always hold — in fact it 
cannot hold in the case of changes of state, an exception which 
Berthelot later recognized, and in the case of equilibrium reactions 
(see Chapter 7) where the reaction will proceed to the same final 
conditions with whichever set of substances we start. In fact 
many (reversible) reactions are known to take place spontaneously 
with absorption of heat. Thus the reaction: 

CiHsOH + H.C 2 H 3 O 2 C2H6.C2Ha02 + H 2 O 

goes two thirds of the way to completion to the right although heat 
is absorbed in this process. 


Summary 

Thermochemistry is a study of the thermal energy changes ac¬ 
companying physical and chemical changes. These may be 
endothermic or exothermic. They are measured in calories (15°, 
20°, or mean), kilogram calories, joules, kilojoules, or British 
thermal units. 

Heats of fusion., evaporation, and sublimation (per g.) vary widely. 
Molecular heats of evaporation obey Trouton^s rule, being pro¬ 
portional to the absolute temperature of evaporation. Similarly, 
molecular heats of fusion are approximately proportional to the 
absolute temperature of fusion. 

Heats of solution and of dilution may be large and are impor¬ 
tant, but they do not show any general regularity. 

Heats of reaction include heats of neutralization, combustion, 
and formation. The last named are conveniently calculated from 
heats of combustion by combining thermochemical equations like 
ordinary algebraic ones. 

Berthelot^s law of maximum work (heat) is a useful, but not 
strictly correct, generalization. 

PROBLEMS AND EXERCISES 

1. Calculate the approximate heat of evaporation per gram of the 
following substances: bromine, Br 2 , b.p. 60® C.; naphthalene, CioHs, b.p. 
218° C. 
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2. Calculate from the data of Table 38 the heats of the following 
reactions: 

(а) CaCl* + 2 H 2 O —CaCla.2 H,0 

( б ) CaCl 2.4 H 2 O + 2 H 2 O —CaCla.e H,0 
(c) CaCh + 6 H 2 O —CaCU.e H 2 O 

3. Calculate from the data in the various tables in this chapter the 
heats of the following reactions: 

(o) The combustion of diamond 

(6) A 1 -f Fe304—AI2O3 -f Fe (the thermit process) 

(c) 4H4-02—^2 H^Ofg) 

(d) C 2 H 2 -f i O 2 —2 CO -f H 2 O (g) 

4. Calculate the heats of formation of the following: 

(a) Ether, (€ 211 . 5)20 

(b) Sucrose, C 12 H 22 O 11 

(c) T.N.T., C7H6(N02)3 

5. Calculate the heats of the following reactions; 

(a) CO 2 H 2 —>-CH. 30 H (the methanol synthesis) 

(b) H 2 O + C —IF + CO (the water gas reaction) 

RECOMMENDED FOR FURTHER READING 

Julius Thomsen, Thermochemistry. TranslahHl from the Danish by 
Katharine Burke. London, Longmans, Orecn & Co.. 1908. 

E, B. Millard, Physical Chemistry for Colleges. New York, McGraw- 
Hill Book Co,, 1926. Chapter VII, Thermochemistry.” 



. CHAPTER 7 

REACTION VELOCITY AND EQUILIBRIUM 

All observant persons know that conditions of temperature 
and pressure profoundly influence the rate at which chemical 
changes take place. This is true of these changes whether they 
occur spontaneously in nature, under exactly controlled conditions 
in the laboratory, or on a large scale in the industries. Indeed, in 
the field of industrial chemistry where the maximum yield of a 
product in a given time is an economic factor of prime importance, 
a study of the influence of conditions is essential to successful opera¬ 
tion. In this chapter we shall study the general subjects of reacMon 
velocity and equilibrium in reacting systems. We shall see how each 
of these responds to an alteration of conditions, including tempera¬ 
ture, pressure (or concentration), and the presence of a catalyst. 

Velocity of Chemical Reactions 

Rapid and Slow Reactions. Certain reactions take place so very 
rapidly that it is quite impossible by ordinary means to determine 
with any exactness the time interval between the beginning of the 
reaction and the end, much less to follow by any method of analysis 
the course of the reaction. Examples of this kind of reaction are 
(1) the formation of water when a mixture of hydrogen and oxygen 
is ignited by an electric spark, (2) the neutralization of an acid 
by a base as shown by the instantaneous change of color in an 
indicator, and (3) the explosion of gunpowder, which is a mixture 
of sulfur, charcoal,, and potassium nitrate. 

The rates of certain other reactions cannot be measured satis¬ 
factorily because secondary effects conceal the actual end of the 
reaction. For example, when acid is added to sodium carbonate 
solution, the reaction is probably very rapid but the continued 
slow escape of carbon dioxide after the reaction is complete pre¬ 
vents the observation of its actual end. Again, when ammonium 
dichromate is heated, it decomposes according to the equation: 

(NH4)2Cr207 —N 2 1 + Cr^Oa + 4 H 2 O 

The reaction gradually spreads through the material from the spot 
initially heated. However, if the dichromate were heated uni- 
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formly to the temperature of decomposition, the reaction would not 
only be rapid; it would be violently explosive. 

On the other hand, there are some inorganic reactions and many 
organic reactions that take place at measurable speed. Two 
such inorganic reactions will be given here by way of illustration. 
(1) When dilute hydrochloric acid is added to sodium thiosulfate 
solution, the reaction takes place according to the equations: 

Na^SsOa + 2 HCl —H^SjOa + 2 NaCl 
H2S2O3—>-HaS03 + S| 

Upon adding the hydrochloric acid, no change is observed for some 
time; then an opalescence develops (due to colloidal sulfur), which 
becomes denser as the reaction goes on. (2) When dilute potas¬ 
sium permanganate solution is added to a solution containing 
more than sufficient oxalic acid to reduce it and containing also 
dilute sulfuric acid, the following reaction takes place: 

2 KMn04 + 5 H 2 C 2 O 4 + 3 H 2 SO 4 —^ 

K2SO4 + 2 MnS04 + 10 CO2 1 + 8 H2O 

Here the deep purple permanganate solution gives place, as the 
reaction proceeds, to the very faintly pink manganous solution. 
The end of the reaction is recognized readily by the final disap¬ 
pearance of purple color. In the realm of organic chemistry slow 
reactions, far from being exceptional, are the rule; most organic 
reactions are provokingly slow and require long standing or heating 
to give a sufficient yield of the product. 

The definition of reaction velocity is very similar to that of veloc¬ 
ity of motion. Velocity of motion is the distance covered in unit 
time and, when uniform, equals distance divided by time. The 
velocity of a chemical reaction is the quantity of substance changed in 
unit time. The quantity of substance is expressed ordinarily in 
gram molecules, and the time in seconds, or minutes; so that the 
rate of change is expressed as gram molecules per second, or per 
minute. 

As will be seen presently, the case is not analogous to uniform 
velocity of motion, for only very rarely is the rate of reaction uni¬ 
form over a considerable time interval. On the contrary, it is 
usually diminishing as the reaction proceeds. Consequently divid¬ 
ing the total quantity change by the total time change would give 
at best only a very rough measure of the rate of reaction. 
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Methods of Measurixig Reaction Rates. The actual determina¬ 
tion of the rate in any given case depends upon the nature of the 
reaction. We cannot discuss such determinations in detail here, 
but we can give an indication of the general mode of attack in a 
few cases. 

The reaction between oxalic acid and potassium permanganate, 
if observed at a temperature at which the reaction was not too 
rapid, might be followed by pipetting out at convenient intervals, 
say every two minutes, a measured volume of the reacting mixture 
and titrating quickly with a standard ferrous sulfate solution. The 
same reaction might be followed in a colorimeter cup. The rate of 
color change as shown by comparison with solutions of known 
strength would then indicate the rate of reduction. The rate might 
also be found from the rate of evolution of carbon dioxide, which 
could be measured. The decomposition of hydrogen peroxide: 

2 H 2 O 2 —>-2H20 + 02| 

could be followed very readily by collecting the evolved oxygen 
in a gas eudiometer, the rate of decomposition being directly 
proportional to the rate of evolution of the gas. 

The rate of reaction between acetic acid and ethanol to form ethyl 
acetate and water: 

CjHaOH -h H.C2H3O2-C2H5.C2H3O2 -f H2O 


may be determined by removing measured volumes of the reacting 
mixture at suitable time intervals and titrating with a standard 
solution of a base. In this case, as the equation indicates, the 
concentration of acid would diminish as the reaction proceeds. 

The reaction between ethyl acetate and sodium hydroxide: 

C2H6.C2H3O2 + NaOH —C2H5OH + Na.C 2 H 302 

may be followed very satisfactorily by measuring the electrical 
conductance of the solution from time to time. As the reaction 
proceeds, the fast moving hydroxyl ion is replaced by the slower 
moving acetate ion, and the conductance consequently decreases. 

Influence of Conditions upon Reaction Velocity. Three factors 
play a leading part in influencing the rate of chemical reactions: 
concentration (or pressure), temperature, and catalysts. 

(1) Influence of concentration upon reaction velocity. This influ¬ 
ence is concisely summarized in a generalization published in 1867 

Mac—12 
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by two Swedish scientists, Guldberg and Waage. Their general¬ 
ization, variously known as the mass law^ law of mass action, and 
law of concentration effect, may be stated thus: The rate of a chemical 
reaction is directly proportional to the mass of each reactant {raised 
to an exponent equal to the number of molecules of the reactant). 

In consequence of this effect the rate 
of a reaction usually diminishes pro¬ 
gressively as the reaction goes on and 
the mass, or concentration, of each re¬ 
actant becomes less. This is not true, 
however, if a catalyst is formed during 
the course of the reaction. In this case 
the reaction is said to be autocatalytic, 
and its velocity increases. Thus, the 
reduction of permanganates by oxalic 
acid is catalyzed by the resulting man¬ 
ganous salt. Also, the rusting of iron 
is catalyzed by the iron rust formed in 
the process. The general effect of 
changing concentration is illustrated by the decomposition of 
hydrogen peroxide in the presence of a catalyst for which data are 
shown in Table 42 and plotted m Figure 33 The concentration 
of hydrogen peroxide is expressed in terms of the number of ml. 
of a standard potassium permanganate solution with which a given 
volume of the hydrogen peroxide solution will react. 

The effect of varying concentration upon reaction rate may be 
demonstrated clearly by the following experiments: If to several 


TABLE 42 

Change of Rate of Reaction with Concentration* 


Time 

(Minutes) 

H2O2 Remaining 
(Ml. KMNO4) 

Ii202 Changed 
(Ml. KMnOO 

Rate of Change 
(Mu KMnOVMin.) 

0 

46.1 

0.0 


6 

37.1 

9.0 

1.80 

10 

29.8 

16.3 

1.46 

20 

19.6 

26.5 

1.02 

30 

12.3 

33.8 

0.73 

50 

6.0 

41.1 

0.37 


* Data from Bell and Gross, Elements of Physical Chemistry, New York, Long¬ 
mans, Green & Co., 1929, p. 264. 



Fig. 33. Change of Reaction 
Rate with Time (Diminishing 
Concentration). 





CONDITIONS AND REACTION VELOCITY 


165 


solutions of equal total volumes but containing various measured 
volumes of a solution of sodium thiosulfate be added equal volumes 
of a solution of dilute hydrochloric acid, the time elapsing before 
the precipitate of sulfur becomes visible will be shorter the greater 
the concentration of the thiosulfate solution. 

Another experiment giving particularly spectacular results is 
based upon the reaction between sulfurous acid and iodic acid.^ 
Two consecutive reactions take place : 

HIO 3 + 3 H 2 BO 3 —HI -f 3 H 2 SO 4 
HIO 3 4- 5 HI —3 I 2 4- 3 ILO 

And if starch also is added to the reacting mixture: 

Iodine 4- starch —blue iodo-.starch 

Apparently the second reaction does not take place to an appre¬ 
ciable extent until the first reaction has gone to completion, i.e., 
until all of the sulfurous acid has been oxidized by the iodic acid. 
The moment this change has been completed and iodine has be¬ 
gun to form by the second reaction, the color of the iodo-starch 
makes its appearance and the solution instantly turns blue. This 
can happen only if the iodic acid is in excess over the amount 
equivalent to the sulfurous acid present. The time elapsing, then, 
between the mixing of the two reacting solutions and the appear¬ 
ance of the blue color is a measure of the rate of the first reaction, 
the oxidation of the sulfurous acid by the iodic acid. By using 
equal amounts of prepared solutions of the two acids and varying 
the quantity of water added, the concentration of each reagent, 
striking results may be obtained. 

The law of concentration effect may readily be put into mathe¬ 
matical form. In a reaction of the type : 


in which from this point of view we are not concerned with the 
products, the rate of the reaction is proportional to the concentra¬ 
tions of A, f.e., 

rate = ifci [A] 

For a reaction of the type: 

A + B—• • 


^ Detailed directions are given on p. 48 of H. S. Van Klooster, Lecture Experi^ 
merits in Physical CAemwfrj/, Now York, The Chemical Publishing Co., 1019. 
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since rate = A;i[A] when [B] is constant 

and rate = A: 2 [B] when [A] is constant 

it follows that: 

rate = A;[A][B] 


when both [A] and [B] may vary. 

We may visualize the process from the following considerations: 
Suppose we choose a small volume of the reacting mixture which 
contains 1 molecule each of A and B (the concentrations are here 
assumed equal). 



p 

(AB) 



b c 

£P 4P 


A'B, A"B 


(A'B', A"B', A'B", A"B") 


Fig. 34. A Kinetic Interpretation of Reaction Velocity. 


In this cavse (Figure 34 a) there will be a certain probability (P) of 
the two molecules colliding and reacting. If now we double the 
concentration of A while keeping that of B constant (Figure 34 b), 
we shall have two A and orie B in our small volume. The probability 
of collision will now be doubled (2P), for either A' or A", com¬ 
bining with B, may form the product AB.^ If we double the con¬ 
centration of B also (Figure 34 c), we shall quadruple the probability 
of collision (4 P), for either A' or A" can combine with B' or B" 
(forming A'B', A"B', A'B", A"B"). For a reaction of a more 
complex type, such as: 


2A + 3B—^ - 

the rate at any given time is given by the equation: 

R = k[A]^ [B]* 

If there are two molecules of a substance indicated by the equa¬ 
tion, its concentration is squared in the reaction rate expression; 

* A' and A'' are both molecules of reactant A, B' and B" molecules of reactant 
B. Different individual molecules are designated, not different substances. 
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if three^ the concentration is cubed. In general, if there are n 
molecules of a reactant involved, its concentration is raised to 
the nth power. 

The constant that appears in any such expression for the rate of 
a reaction is called the velocity constant, for which we use the sym¬ 
bol Kv. The value of this constant depends upon the particular 
reaction and the particular temperature at which it is studied.^ 

The real physical significance of the velocity constant is easily 
seen from an inspection of the rate equation for any particular 
reaction, e,g.: 

R = i^.[A] 

If [A] = 1, JB == Kv. That is, Kv is the rate of the reaction in gram 
molecules per unit time when 1 gram molecule is reacting. This 
same significance attaches to the velocity constant, Kv, regardless 
of the complexity of the reaction. 

(2) Influence of temperature change. If the same substances at 
the same concentrations are allowed to react at different tempera¬ 
tures, the rates are found to be quite different. The change of 
temperature therefore has a marked influence upon the specific 
rate constant, Kv. This may be shown experimentally in the case 
of the reaction between sodium thiosulfate and hydrochloric acid 
and the reduction of potassium permanganate by oxalic acid in 
the presence of sulfuric acid. In both these cases, a higher tem¬ 
perature causes the reaction to take place more rapidly. This is 
true for practically all reactions; in nearly every case the reaction 
is greatly accelerated by rise in temperature. 

Different reactions are affected to a different degree by an 
increase in temperature. Thus, methyl acetate is hydrolyzed by 
sodium hydroxide 1.82 times as rapidly at 35° C. as at 25° C., while 
cane sugar (sucrose) is hydrolyzed by hydrochloric acid 4.13 times 
as rapidly at 35° C. as at 25° C. These figures are given by Rice 
and Ureywho conclude: “These two examples represent the 
normal limits of the variation, and it is only very rarely that a 
homogeneous thermal reaction has a temperature coefficient greater 
than that obtaining in the hydrolysis of cane sugar or less than 
that in the corresponding reaction with methyl acetate.” 

As an average value it is convenient to remember that a rise of 

» We shall see in the next section how Kv changes with temperature. 

* Taylor, A Treatise on Physical Chemistry, II, 970. Second edition. New 
York, f). Van Nostrand Co-, 1931. 
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10° C, in temperature approximately doubles the rate of a chemical 
reaction. Thus the reaction velocity pyramids rapidly as the tem¬ 
perature rises. For example, if the rate at 20° C. is 1 gram mole¬ 
cule per hour and it doubles every 10°, at 100° C. it would be 256 
grams molecules per hour, or 1 gram molecule in 14 seconds. 

Whatever the specific increase in velocity of a particular reaction, 
Svante Arrhenius (1889) found that the change of Kv with tempera¬ 
ture can be expressed very satisfactorily by means of the equation : 



where A and C are constants characteristic of the particular 
reaction, R is the gas constant, and T the absolute temperature. 
This may be tested by plotting the natural logarithm ^ (or the 

common logarithm) of Kv against the 
\ \ reciprocal of the absolute temperature 



(i) 


—This plot should give a straight 


line with a slope 


(I) 


The equation 


( 1 ) H2+I2-2H1 

( 2 ) 2HI = H2-f Iz 

(3) 2N20 = 2N2-f02 

900 700*0 500 400 


300 


holds very well unless the range of tem¬ 
perature is very great. If the temper¬ 
ature range is great and the data very 
accurate, a slight curvature may appear. 
Typical curves for the velocity of three 
reactions are given in Figure 35. The 
values for the rate of decomposition 
and formation of HI are taken from a 
very famous paper by Max Bodenstein,^ 
who studied the rates of many gaseous reactions. The data for 
the decomposition of nitrous oxide are from a paper by Hinshel- 
wood and Burk.'’ These are tabulated in Table 43. 

Arrhenius explained the rapid increase in reaction velocity with 
temperature by assuming that not every molecule of a substance 


''.8 1.0 1.2 1.4 1.6 1.8 

(i/T) X10^ 

Fig. 35. Change of K, with 
Temperature. 


1 The natural, or Napierian, logarithm of a number X is the logarithm of 

to the base e., log«A^, often written In X. The numVxT e, 2.718 . . like the num¬ 
ber T, is an important mathematical constant. Natural logarithms and e occur 
frequently in mathematical expressions relating natural phenomena, including 
reaction rates and electrode potentials. The natural logarithm is related to the 
common logarithm, ?.c., the logarithm to base 10, thus: 

log.X = In A' = 2.303 log.oA 
and logioX *= 0.4343 logeA' 

2 Zeit. phya. Chem., 29, 295 (1899). 

3 Proc. Roy. Soc. (Lond.), 106A, 284 (1924). 
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under particular conditions could enter into a chemical reaction. 
Instead, only certain active molecules were capable of reacting. If 
these are formed endothermically from the ordinary molecules, 
then their number will increase as the temperature is raised (accord¬ 
ing to the principle of Le Chatelier). The constant A in the 
A 

equation In Kv = C — has the dimensions of energy, and 
Hi 

Arrhenius interpreted this as the energy of activation — the energy 
required to form the active from the normal molecule. Arrhenius 
considered the active molecules different chemically from the 
inactive ones. We now consider them different in the energy 
content. Otherwise the ideas of Arrhenius still provide a satis¬ 
factory picture. 

In the case of gaseous reactions, the kinetic theory allows us to 
calculate the change in the number of active molecules (those with 
energy greater than a certain critical value) with temperature. 
We can thus calculate with considerable success the temperature 
coefficient of the rates of certain gaseous reactions. 

When we are dealing with any particular reaction, in the labora¬ 
tory or in the factory, where we want to obtain the maximum 
yield as quickly as possible, we evidently should work at as high 
a temperature as the reactants permit. 


TABLE 43 

Thermal Decomposition of Nitrous Oxide 


T (Abs.) 

1000 

Kv 

(See footnote *) 

Log 10 (Kr X 10») 

1126® 

.890 

11.6 

4.064 

1086® 

.922 

3.76 

3,675 

1053® 

.960 

1.G7 

3.223 

1030® 

.971 

0.871 

2.940 

1001® 

.999 

0.380 

2.680 

967® 

1.034 

0.136 

2.133 

838® i 

1.193 

0.0011 

1 

0.040 


^ Time in seconds, concentration in moles per liter. 


Heat is almost always applied to speed up organic reactions, 
most of which proceed with exasperating slowness. Here we are 
sometimes limited by the low boiling points of many of the common 
organic reagents, We can prevent the loss of these substances by 
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volatilization in two ways. One way is to heat the reacting 
mixture in a flask fitted with a reflux condenser (Figure 36) which 
condenses the vapors of the volatile reactants and 
returns them to the reaction flask. We can thus 
carry out reactions at the boiling point of the react¬ 
ing mixture. Another method is to use an autoclave 
(Figure 37), a stout metal vessel fitted with a lid 
which may be clamped on tight. Such a vessel will 
withstand the high pressures which are generated 
within it and allow the temperature to be raised 
considerably above the boiling point of the reactant. 
The autoclave is usually equipped with a pressure 
gage (G) and safety valve (V). 

(3) The influence of a catalyst upon reaction velocity. 
The presence of a foreign substance may have a very 
great influence upon the rate at which a reaction 
takes place. This effect may easily be demonstrated 
in the following cases: 

(a) If potassium chlorate is heated carefully in 
a small flask until the salt has completely fused but 
is not emitting gas bubbles and a match stick carry¬ 
ing a spark is held above the fused substance, there 
is no evidence of oxygen evolution. If now a pinch of manganese 
dioxide is added, immediately there is a rush of gas, and the glow¬ 
ing match stick bursts into flame. The man¬ 
ganese dioxide may be recovered quantitatively 
from the residue, showing that although it has 
greatly accelerated the decomposition of the 
potassium chlorate it has not been itself chemi¬ 
cally altered. 

(b) Two sets of reagents may be prepared 
for the reduction of potassium permanganate 
by excess oxalic acid in the presence of dilute 
sulfuric acid. These are exactly alike in quan¬ 
tities and concentrations except that a measured 
amount of manganous sulfate solution is mixed 
with the oxalic acid in one set and the same volume of water 
is added instead in the other set. If the two pairs of solutions 
are mixed at the same temperature, e.g,j 50° C., reduction is 
complete in a few seconds in the set to which the manganous salt 


Fig. 36, Reflux 
Condenser. 



Fig. 37. Autoclave. 
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has been added but requires a much longer time in the other. Here 
the manganous salt accelerates the reduction of the permanganate. 
At the end of the experiment all of the manganese is in the form of 
manganous salt so that again the catalyst has undergone no per¬ 
manent chemical alteration. When manganous salt is not added, 
it is formed, of course, as the reaction goes on. As it is formed, it 
catalyzes the reaction, which therefore proceeds at an increoMtig 
rate. This is a case of autocatalysis. 

(c) If a fine coil of platinum wire be warmed slightly and held in 
the mixture of gas and air issuing from an ordinary Bunsen burner, 
it heats up rapidly, finally igniting the gas when it has reached its 
ignition temperature (about 600° C.). In this case and in other 
similar ones, presumably the reaction, e.g., between hydrogen and 
oxygen, is already taking place, though extremely slowly, even at 
room temperature. The two reacting gases are probably adsorbed, 
or condensed, on the surface of the platinum, and the molecules 
thus brought closer together react more rapidly. The heat of 
reaction raises the temperature of the platinum, thus accelerating 
the reaction rate. The temperature rises more and more rapidly 
until the gas ignites. By using platinum sponge the available 
surface is much increased, and the catalytic effect is correspond- 
ingly greater. Gas lighters operating on this principle may be 
purchased. 

We may define a catalyst as a substance which affects the rate 
of a chemical reaction without itself being permanently changed in the 
reojction. It may be changed in physical state, but in chemical 
state it is the same after the reaction as at the beginning. In 
most cases the catalyst increases the speed of the reaction, but in 
certain rare cases it has the opposite effect and retards the reaction. 
A substance which retards a reaction is called a negative catalyst. 

Catalysts are exceedingly important in the chemical industry. 
Many processes could not operate economically without them. We 
may cite here a number of examples, some of which are already 
familiar from our study of elementary chemistry. Finely divided 
nickel acts as a hydrogenation catalyst by means of which hydrogen 
may be added to unsaturated organic substances. Thus liquid, 
unsaturated fats may be converted into higher boiling, saturated 
fats, which are solids at room temperature. This process is very 
important industrially, since it permits the utilization of large 
amounts of cottonseed oil and other vegetable fats. The use of a 
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platinum catalyst in the contact process for sulfuric acid and in the 
Ostwald process for the manufacture of nitric acid from ammonia 
is well known. The production of methanol (methyl alcohol, wood 
alcohol) by the direct combination of carbon monoxide and hydro¬ 
gen was made possible by the discovery of a suitable catalyst. 
This direct synthesis has greatly cheapened the production of this 
very important industrial solvent. The most successful method of 
fixing nitrogen, the Haber process, depends upon the direct union 
of nitrogen and hydrogen to form ammonia. Years of patient 
experimentation were required to develop a catalyst satisfactory 
for the industrial operation of this process. The influence of neg¬ 
ative catalysts, which retard chemical reactions, seems to be due 
to some action upon a positive catalyst ordinarily present which 
renders it wholly or partially inactive. A case in point is the 
use of acetanilide to act as a stabilizer for hydrogen peroxide. It 
probably retards the decomposition of hydrogen peroxide by inter¬ 
fering in some way with the catalytic activity of the glass surface 
with which the hydrogen peroxide is in contact. 

Reversible Reactions and Equilibrium 

Reversible Reactions. We are already acquainted with reac¬ 
tions which under one set of conditions go in one direction but 
under another set go in the reverse direction. For example, con¬ 
centrated sulfuric acid reacts with sodium chloride to produce 
sodium hydrogen sulfate and hydrochloric acid. When the tem¬ 
perature is raised, the sodium hydrogen sulfate reacts with more 
sodium chloride to produce more hydrochloric acid and sodium 
sulfate. This second reaction may be reversed at a lower tempera¬ 
ture ; by adding concentrated hydrochloric acid to sodium sulfate, 
we can form sodium hydrogen sulfate and sodium chloride. 

Another familiar case is the reduction of iron oxide by hydrogen ; 
by altering conditions, hydrogen may be produced by leading 
steam over hot iron. We may use this example to obtain a clearer 
idea of the reasons for such reversibility. When hydrogen is led 
over iron oxide, Fe304, at some selected temperature, say 800® C., 
the following reaction takes place: 

4 H 2 + Fe 304 —Fe + 4 H^O 

the iron oxide being reduced to metallic iron and the steam escaping 
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into the atmosphere. When the steam is led over iron at the same 
temperature, 800® C., the reverse reaction takes place: 

4 H 2 O + m—vFe^ + 4H2 

the iron being oxidized and the hydrogen being led off. In these 
two experiments all conditions are presumably the same except 
those indicated by the italicized words. In this difference lies 
a controlling condition. 

If, now, iron oxide and hydrogen be put in stoichiometric pro¬ 
portions into a closed tube and the tube heated to 800° C. and kept 
at that temperature for some time, we find that the resulting 
mixture contains all four reactants; the reaction has not gone to 
completion. If, instead, we put steam and iron into the tube in 
stoichiometric proportions and maintain the temperature for some 
time at 800° C., we find again that all four reactants are present. 
And, of important significance, the proportions of the quantities of 
reactants present are the same in the two cases. The system has come 
to a condition of equilibrium; if the conditions be maintained con¬ 
stant, no further change will take place in the proportions of the 
reactants. In the case of every reversible reaction which takes 
place at constant temperature in a closed system^ i.e,^ in apparatus 
so designed that no product can escape from the reacting space, a 
similar state of equilibrium will be reached after a sufficient time. 

The Equilibrium Constant. It has been found profitable in 
physical chemistry to consider such equilibria as dynamic rather 
than static, i.e., to consider both the forward and the reverse reac¬ 
tions as still taking place at equal rates after the system has attained 
equilibrium. This is entirely in line with the existing theory of 
reaction mechanism. Those reactions which do not run to virtual 
completion but come to a definite state of equilibrium, we represent 
by an equation with two oppositely pointing arrows, thus: 

4 H, + 3 4 H 2 O 

We are familiar with such reversible reactions as the following: 

2 SO 2 + O 2 ^ 2 SO 3 

N2 + 3H2=;=±:2NH3 
GO "b 2 H 2 CH 3 OH 

N2 + 02=f=^2NO 

H.C^HsOj + C2H5OH C2H5.C2H3O2 + H2O 

ethanol ethyl acetate 
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For discussion purposes consider the reaction: 

A + Br^C + D 


Suppose that we begin with the reactants A and B alone and none 
of the products C and D. The rate of the reaction between A and 
B — the forward reaction — at any time is given by the expression: 

Ri = A:i[A][B] 


Considering the equilibrium from the dynamic point of view, we 
assume that as soon as the forward reaction has started, so that 
some of the products C and D have been fonned, the reaction in 
the reverse direction also begins. The rate of the reverse reaction 
is given by the expression: 

R 2 - ^2[C][D] 

At first the forward reaction is much faster than the reverse reac¬ 
tion. As time goes on, however, the forward reaction runs down, 
due to diminishing concentrations of A and B; and the reverse 
reaction speeds up, due to increasing concentrations of C and D. 
The two rates approach more and more nearly to equality, and 
they finally become equal when equilibrium has been attained. 
At equilibrium, Ri and /?2 become equal, hence: 

HA][B] = Hcm 

Rearranging terms, it follows that: 

LC][D1 
[A][B] k, 


where Kc is the equilibrium constant for the given reaction at the 
given temperature. The subscript c indicates that the equilibrium 
constant is expressed in terms of the concentrations of the factors 
and products. In an exactly similar way we can derive the 
equilibrium constant expressions indicated below for various other 
types of reactions: 

A=±:B 


A + 2B: 

A + 3B: 
Or, in general: 

aA + 6B + • • •: 


:C + D 
:2C 


Kc 


Kc 


Kc = 


^ [B] 

[A] 

^ [C][D1 
[AifBp 
[CP 


[A][Bf 


: cC "p dD "p • • • Kc == 


_ [C UPP- 
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If we are dealing with reactions between gases, we can express 
the equilibrium constant very conveniently in terms of the partial 
pressures of the different gases. This is because the pressure of a 
gas is proportional to its concentration. If the concentration of 
the gas — the quantity in a given volume — is doubled or tripled, 
the pressure will also be doubled or tripled. When we deal with 
the partial pressures of gases, the constant is designated by the 
subscript p. For the general reaction: 

aA + feB -f . . . ::^cC + dD + • • - 
Pa X X • • • 

Although we can use either Kc or Kp in dealing with gaseous 
reactions, the two will be numerically equal only if there is no 
change in volume during the reaction; hence we must specify 
clearly which constant is given in any particular case. Kp is 
a true constant, independent of pressure, only if we are dealing 
with perfect gases^ but it is nearly enough a constant for practical 
purposes when we are dealing with real gases at moderate pressures.^ 


* The relation between the pressure constant, Kp, and the concentration con¬ 
stant, Ke, may be shown more rigorously as follows: The behavior of one mole 
of a perfect gas is expressed by the equation: 

PV = RT 

Since V represents the number of liters occupied by 1 mole of the gas, y must repre¬ 
sent the concentration, C, of the gas in moles per liter: 



This is nearly true for real gases at moderate pressures. Thus for any temperature 
the pressure of the gas is proportional to its concentration, and we may write: 

n xpi^x - ■ ■ 

Notice that the numericxil value of Kp is different from K^ by a factor of (RT) 
raised to some power, unless there are equal volufnes on the two sides of the equation. 
To take a specific illustration, in the Haber process: 

(Nd [Hd’ 

If we put (NHd ' ^^*1 * ~ 


then 


(RT)^ 

(RT) ^ (RT)^ 
PN2 X 


p"nh« 
Pnj X 


X (RT)^ 


(RT)^ 
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In Table 44 are given values for the equilibrium constants for 
several reactions at specified temperatures. 

TABLE 44 


Some Equilibrium Constants 


Reaction 

Equilibrium 
Expression ' 

K 

T. r C.) 

N, + 3 Ha^=i:2 NH, 


4.7 X Kr^ 

700 

N, + 0. :5=±: 2 NO 


01 

3927 



CO, + C 2 CO 

P*CO 

^COj 

1235 

800 

H, + 


50.4 

454 

H.C,H,0, + C,H.OH 

(GiH^.CaHaOd [H,0| 

4.05 

8 

C,H,.C,H,02-t H,0 

(h.c,h,o,iic,h.6hi 


^ In any reaction the concentration of a solid may he re^^ardod as constant, corre¬ 
sponding to its vapor pressure at that temperature. This value is included in A',, 
and does not appear in the expression for K, which contains only the ])artiu! 
pressures of the gases. 


The equilibrium constant is very useful because its value docs 
not depend upon the proportions of reactants taken. Regardless 
of how much or how little of each enters initially into the reaction, 
the equilibrium invariably so adjusts itself that the equilibrium 
constant (K) is the same. This fact is brought out by the data 
given in Table 45 for the reaction,* H 2 + I 2 2 HI. 


TABLE 4r> 


Equilibrium Constant 


[H,1 

[LI 

[HI] 

A^ 

.0268 

.0002 

.0177 

59 

.0099 

,0020 

.0328 

54 

.00321 

.0078 

.0337 

45 

,0017 

.0114 

.0315 

50 

.0003 

.0242 

.0202 


. 


'___ 

Av. 53 


‘ M. Bodenstein, Zeit. phs. Chem., 22 , 16 (1897). 
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This fact makes it possible to calculate the partial pressures (or 
concentrations) of products which will result if we bring together 
certain known concentrations of reactants. The calculations are 
sometimes complicated, but a fairly simple example will illus¬ 
trate the method: 

What will be the final concentration of HI if hydrogen and 
iodine are brought together at 0.01 mole per liter, if Kc - 53? 
According to the equation, H 2 + I 2 2 HI, ^ moles of HI are 
formed from 1 mole of H 2 and 1 mole of I 2 . [H 2 ] == [I 2 ] at all times 

since the two concentrations were equal at the start and the gases 
are used up at the same rate. The concentration of either sub¬ 
stance at any time is equal to the initial concentration minus the 
amount used up in making HI, which is ^ [HI], therefore at any 
time: 

[IL] = [h] = (0.01 ~ i [HI]) 


The final concentration of HI is obtained by substitution in the 
equilibrium expression: 

JHIE 


[Hd [I 


-53 


which gives us 


[HIP 


= 53 


(0.01 - i [HI])2 
or (taking square roots and clearing) [HI] = 7.28 (0.01 — i 
whence [HI] — .0157 mole/1. 


[HI]) 


The equilibrium constant and temperature. Like the velocity 
constant, the equilibrium constant usually changes with temper¬ 
ature, because an increase in temperature increases the rates of 
the forward (fci) and reverse {k^) reactions to a different extent. 
This fact might at first seem to limit the usefulness of the equi¬ 
librium constant values. However, there is the same sort of rela¬ 
tionship between the values of the equilibrium constant and the 
temperature which we found for the rate constant and the temper¬ 
ature. The equation: ^ 

In Ap = constant - ^- 


» This is obtained from the differential equation which van’t Hoff derived thermo¬ 
dynamically: 

gin A p ^ AH 

dT RT^ 


by integration, assumino AH is independent of T. If the heat of reaction changes 
with temperature in a known way, we may integrate the resulting equation, which 
will be more complicated. In general, we can calculate AH by plotting In Kp as 

a function of ^ and taking the derivative at the desired temperature. 
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describes the change of Kp with temperature with considerable 
accuracy, unless the temperature range is too large. In this 
equation, — AF is the heat of reaction, R the gas constant, and 
T the absolute temperature. Obviously, if we know Kp at one 
temperature and /\H, we can calculate Kp at any other tempera¬ 
ture ; or if we know Kp at two temperatures we can use the equa¬ 
tion to calculate its value at any other temperature, and also to 
calculate the heat of the reaction, --AH. The use of the equation 
is illustrated in Figure 38, where we have plotted Bodenstein's 


values of In Kp against 


1 

T 


for the reaction: 


H 2 + I 2 : :2HI 


The Free Energy Change in a Chemical Reaction. As we saw 

in the last chapter, Berthelot advanced the idea that the heat 

of a reaction was a measure of the driv¬ 
ing force of the reaction, t.e., of its 
tendency to proceed. This idea did 
not prove correct. An accurate meas¬ 
ure of the driving force of a chemical 
reaction is, however, given by the so- 
called free energy change — which is the 
maximum work which can be derived 
from a chemical reaction proceeding at 
constant pressure. One very conven¬ 
ient way of calculating the free energy 
change is from the equilibrium con¬ 
stant, Kpy which, as we have seen, is 
a measure of the extent to which a 
reversible reaction goes in either di¬ 
rection. If we are dealing with perfect gases, starting with the 
reactants each at a pressure of one atmosphere and ending with 
the products each at atmospheric pressure, the decrease in the 
free energy of the system during the reaction, —AF, is given by 
the equation: ^ 

- AF = RT\n Kp 



750 700 650 700*A 55p 

’ iA 1:6 LS 

103/T 

Fig. 38. Change of Kp with 
Temperature. 


This may be done graphically by drawing and evaluating the tangent at any 
particular temperature, as is shown by the dotted tangent line at A in Figure 38 
for 650° A. — AH « 4.444 Kal. at 510° G. and — AH * 1.886 Kal. at 290° C. 
were the heats of reaction calculated by Bodenstein. 

1 In case the materials are not perfect gases, we must use a corrected pressure 
(activity) in deriving the constant Kp. 
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A decrease of the free energy of a system during a reaction, 
corresponding to a liberation of energy, indicates a tendency for 
the reaction to take place. The magnitude of the free energy 
decrease is a quarUitative measure of the driving force of the reaction. 
One of the most important results of equilibrium measurements 
is the knowledge of free energy changes which they yield. In 
the following table are given the free energy decreases accompany¬ 
ing a few representative reactions. 

TABLE 46 

Thb Fbee Energy Changes of Certain Reactions at 26® C.‘ 




Reaction 

-AF 

i H, (g) 

+ 1 Cl, (g) 

—^-HCl(g) 

22.69 Kal. 

i H, (g) 

+ i Br, (g) 

—^HBr (g) 

12.54 

* H, (g) 

+ i 0,(g) 

- >-HaO(l) 

66.56 

♦ Ha (g) 

■f S (rhombic) — HaS (g) 

7.84 

C (graphite) 

+ 2 Ha (g) 

—»- CH. (g) 

12.80 

C (graphite) 
i Na 

+ 1 Ha 

— *■ C (diamond) 

—NH. (g) 

- .39 

3.91 

JN, 

-fiOa 

— >- NO (g) 

- 20.85 

i N, 

-fO, 

—»-NO,(g) 

- 11.92 

NHiNOa (solution) 

— >- 2 H,0 (g) + N, + 1 0 , 

63.6 


1 From Lewis and Randall, Thermodynamics, pp. 607, 608. 


Free energy changes, like heat changes, are additive for different 
reactions. Thus we can calculate the free energy changes for a 
large variety of substances, as the following example will illus¬ 
trate. What is the free energy change in the reaction: 

NO + i O, —»- NO, 


From Table 46 we take the free energies of formation of NO 2 and 
NO and write: 

iN.-bO, NO, + 11.92 Kal. 

iN,+iO,—>-NO + 20.85 Kal. 


Subtracting the second equation from the first and rearranging 
terms gives: 

NO+4 0,—»-NO, - 8.93 Kal. 


Since the formation of NO* from NO involves a free energy de¬ 
crease, — AF = 8.93 Cal., we therefore conclude that NO 2 would 
be formed in this reaction at 25° C. Free energy values are ex¬ 
tremely important in indicating the stability or instability of dif¬ 
ferent substances. Those which are formed with a large decrease 

HOC— 13 
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of free energy (AF a large negative value) are stable. Those 
formed with a large increase of free energy are unstable. Thus 
from Table 46 we see that at room temperature water, methane, 
and ammonia are stable, while nitric oxide, nitrogen dioxide, and 
ammonium nitrate (even in solution) are unstable. 

Free energy values indicate whether or not a given reaction 
may take place; i.e., what the conditions would be at equilibrium. 
Unfortunately these values tell us nothing of the rate — the 
length of time required to reach equilibrium. Thus hydrogen and 
chlorine will unite to form hydrogen chloride with a great libera¬ 
tion of energy, but the reaction is negligibly slow at room temper¬ 
ature unless suitably catalyzed. In this particular case a flash of 
light from a magnesium ribbon will cause an explosive combina¬ 
tion. Similarly the diamond is less stable thermodynamically 
than graphite at atmospheric pressure, but the rate of change 
is so slow that a diamond ring may still be considered a safe 
investment. 

Influence of Conditions upon Equilibrium 

In discussing the influence of conditions upon reversible reac¬ 
tions, we must consider two separate results: (a) the influence of 
conditions on the time required to attain equilibrium, and (5) the 
influence of conditions upon the proportions of reactants present 
when equilibrium has been attained. In industrial operation 
both of these have very direct bearing upon the success of a process 
from an economic point of view. The various conditions and their 
effects will be discussed briefly in turn. 

Influence of Conditions upon the Time for Attainment of 
Equilibrium. (1) Influence of a catalyst. A substance which acts 
catalytically upon a given reversible reaction affects equally the 
forward and the reverse reactions. Consequently, the time for 
reaching equilibrium is lessened. This effect, like that of temper¬ 
ature change, is of great industrial interest. 

(2) Influence of temperature change. Since a rise in temperature 
accelerates both the forward and reverse reactions, we can easily 
see that the higher the temperature the shorter will be the time 
required for reaching equilibrium. The magnitude of this effect 
may be judged from the data (Table 47) for the combination of 
nitrogen and oxygen to form nitric oxide as in the arc process for 
nitrogen fixation. 
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TABLE 47 

Timb for the Formation of One Half of the Equilibrium Concentration 

OF Nitric Oxide 


Temperature C A.) 1000 1500 1900 2100 2500 2900 

Time .... 82 yrs. 30 hrs. 2 min. 5 sec. .01 sec. .00004 sec. 

(3) Influence of concentration. Upon this point we have little 
information. Most experimental studies have been confined to 
solutions. Thus E. Cohen and his collaborators found that a 
pressure of 1500 atmospheres decreased the velocity constant for 
the hydrolysis of cane sugar 26 per cent and increased the velocity 
constant for the hydrolysis of ethyl acetate by 37.4 per cent. 
Compared with a change of 10° in temperature, a change of 1000 
atmospheres in pressure therefore seems to have little effect on 
the rates of chemical reactions. 

Influence of Conditions upon Proportions at Equilibrium. 

(1) Influence of catalyst. The presence of a catalyst has no 
influence on the 'proportions present at equilibrium, i.e., on the 
value of the equilibrium constant. It is true that in various 
industrial processes it increases the yield of desired products, 
but this simply means that the catalyst in any given case speeds 
up the reaction concerned so that more of the product is produced 
in a given time or that the yield becomes appreciable at a lower 
temperature than otherwise practicable. Any other result than 
this would be contrary to the laws of thermodynamics and would 
involve the necessity of perpetual motion. 

(2) Influence of temperature. The influence of temperature 
is extremely important. A change of 100° may cause a tenfold 
change in the value of the equilibrium constant, as we have already 
seen (page 177). 

(3) Influence of concentration. An increase in the proportion 
of one reactant in a reversible reaction at equilibrium will bring 
about a change in the amounts of the other reactants. This result 
may be deduced from the equilibrium constant expression cor¬ 
responding to the reaction under consideration. For example, 
in the reaction; 

2 SO 2 + O 2 ^ 2 SOj 

K ISQsP 

' [sodnoa: 


for which 



182 


REACTION VELOCITY AND EQUILIBRIUM 


if the concentration of oxygen be increased, more sulfur trioxide 
will form in order that the value of Kc may remain the same. 
This means that in any equilibrium if the concentration, or pro¬ 
portion, of one of the reactants be increased the equilibrium will 
shift in the opposite direction. 

Instead of increasing the concentration, or partial pressure, of 
one reactant, the pressure on the entire system may be increased. 
The effect of this is to bring about a shift in the equilibrium in 
the direction attended by a decrease in volume. Thus the equi¬ 
librium yield of ammonia in the Haber process at 400® C. is 
increased from 0.4 per cent at 1 atmosphere to 79.8 per cent at 1000 
atmospheres. If a reaction takes place without change in volume 
as in the case of the arc process: 

N2 + O 2 2 NO 


the per cent yield of the product is unaffected by the total 
pressure. 

The Principle of Le Chatelier. A most interesting and useful 
principle which makes possible the prediction of equilibrium 
shifts due to changes in conditions is the principle of Le Chatelier, 
which may be stated thus: If a physicochemical system is in 
equilibrium^ a change in any of the factcrsy such as temperature^ 
pressurcy and concentration^ which determine the conditions of equilih- 
rium will cause the equilibrium to shift in such a way as to nullify 
the effect of this change. This is really a statement in words of the 
principles which were expressed mathematically in the equations; 


Kc 


[C]^ [D]** 
[Al- [B]^ 


In Kp = Constant — 


RT 


din Kp _ AH 
dT ~ R'P 


Upon this basis the effects dealt with in the foregoing discussion 
may be predicted as follows: 

(1) If the reaction is exothermic, e.g,: 

2 Hj + O 2 2 H 2 O + 115.7 Cal. 

the application of heat, i.c., the raising of the temperature from 
outside, would cause the equilibrium to shift in the direction 
that would tend to lower the temperature (nullify the effect of 
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the alteration), and bo the tendency to decompose would be 
greater the higher the temperature. This is stated concisely in 
the second equation above, which in this case becomes: 

In If, = Constant + 

— Constant + 

As T increases In Kp decreases and hence the partial pressure of 
steam is lower and the partial pressures of hydrogen and oxygen 
are higher at high temperatures. This conclusion is borne out by 
the experimental data given in Table 48. 

TABLE 48 

This Effect of TEicPBiuTnRB on the Decomposition of Steam 

Temperature (° C.) 1300 ISOO 170S 31SS 22S7 2300 

HiO deoompoBod 

(percent) . . .0027 .02 .102 1.18 1.77 2.60 

From these data it is obvious that the combination of hydrogen 
and oxygen, explosive at the ignition temperature of about 600® C., 
becomes distinctly less spectacular at high temperatures. 

(2) If the reaction is endothermic it is favored by a rise in 
temperature. A case in point is the combination of nitrogen and 
oxygen in the arc process: 

N, + 0, 2 NO - 43.0 Cal. 

Raising the temperature causes the equilibrium to shift in the 
direction attended by an absorption of heat since this has a tend¬ 
ency to lower the temperature. The data of Table 49 show this 
eflFect. 

TA3LE 49 


The Effect of Temperature on the Combination of N« and 0» ^ 



* Data of Nernst, from Curtis, Fixed Nitrogen^ p. 146. New York, The Chemical 
Catalog Co., 1932. 


(3) An increase in the total pressure (at constant temperature) 
causes the equilibrium to shift in the direction attended by a 
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decrease in volume. According to the principle of Le Chatelier if 
the pressure be increased, the equilibrium will shift in the direction 
which will tend to diminish the pressure, z.e., so that the volume 
occupied by the reacting system will be smaller. This is illus¬ 
trated by the data on page 186 for the Haber process. If there 
is no volume change as the reaction takes place, then there should 
be no shift in the equilibrium. This has been found to be the case. 

Applications to Industrial Processes. It is not difficult to 
realize how these principles may be brought to bear upon numerous 
industrial processes as well as upon those of purely scientific 
interest. Given raw materials, the industrial chemist is con¬ 
cerned primarily with turning out the desired product in suflScient 
amount at smallest cost. Consequently he must work out the 
conditions under which his reaction will give best results — a 
compromise between high yield and rapid production. The 
conditions may be established by the method of “trial and error, 
but usually it is vastly more economical and leads to best results 
when the establishment of conditions is guided by predictions 
based on chemical principles. An apt illustration of the necessity 
in industrial work of an understanding of chemical equilibria and 
the thermodynamic principles we have discussed is given by the 
following quotation from Le Chatelier: ^ 

*Tt is known that in the blast furnace the reduction of iron oxide is 
produced by carbon monoxide according to the reaction: 

Fe 203 + 3 CO —2 Fe + 3 CO2 

but the gas leaving the chimney contains a considerable proportion of 
carbon monoxide, wrhich thus carries away an important quantity of 
unutilized heat. Because this incomplete reaction was thought to be due 
to an insufficiently prolonged contact between carbon monoxide and the 
iron ore, the dimensions of the furnaces have been increased. In Eng¬ 
land they have been made as high as thirty meters. But the proportion 
of carbon monoxide escaping has not diminished, thus demonstrating, 
by an experiment costing several hundred thousand francs, that the 
reduction of iron oxide by carbon monoxide is a limited reaction. Ac¬ 
quaintance with the laws of chemical equilibrium would have permitted 
the same conclusion to be reached more rapidly and far more econom¬ 
ically.^' 

In order to realize the line of attack of the industrial chemist, 
let us put ourselves in his place to work out one such problem, 

^ Quoted from Lewis and Randall, Thermodynamics, Ist ed. New York The 
McGraw-Hill Book Co., p. 3. . « xorit, me 
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the jBbcation of nitrogen by combination with oxygen, subsequent 
oxidation of the nitric oxide to nitrogen peroxide, and absorption 
of this in water or a basic solution to form nitrate. First we study 
the system and find the following facts: The reaction of nitrogen 
with oxygen to form nitric oxide is reversible and is endothermic: 

N 2 + O 2 2 NO - 43.0 Kal. 

Also it is too slow for practical application at temperatures below 
2500® C. The reaction being endothermic, the yield will be in¬ 
creased by a rise in temperature; the higher the temperature the 
better the yield. To form the product at a rate that might make 
the process industrially profitable also would require a high tem¬ 
perature. Since there is no volume change when nitrogen and 
oxygen unite, there can be no advantage in carrying out the proc¬ 
ess under increased pressure. 

To meet these requirements, the oxygen-nitrogen mixture is 
passed through the electric arc, the temperature of which reaches 
about 3500® C., the maximum practically attainable. Under these 
conditions, the yield of nitric oxide would be at a maximum, but 
another effect might diminish the final yield. If the gas mixture 
were allowed to pass through a zone becoming progressively 
cooler, the equilibrium would shift considerably in the exothermic 
direction ; Lc., the nitric oxide would decompose. To avoid this, 
the gas mixture must be cooled as rapidly as possible. This is 
achieved in part by using the flaming arc,'^ the electric arc spread 
out into a thin disk by the application of a magnetic field, so that 
the mixture passes through a thin and sharply defined heating 
zone, beyond which it cools rapidly. 

The next step in the process is to oxidize the nitric oxide to 
nitrogen dioxide: 

2N0 4-02-—>-2N02 

This from our experience in elementar}^ chemistry we know to 
take place spontaneously and rapidly and with noticeable warm¬ 
ing when the two gases come in contact. But what happens at 
room temperature may not happen at higher temperatures. In 
the reversible exothermic process: 

2 NO -h O 2 2 NO 2 + 28.1 Kal. 

an elevated temperature would favor the decomposition of the 
nitrogen dioxide because the decomposition takes place with 
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absorption of heat. Data which show this equilibrium shift are 
given in Table 50. 

TABLE 60 


Decomposition op NOi at Dippbrbnt Temperatures 


Temperature (® C.) 

630 

494 

879 

184 

NOa decomposed (per cent) . 

. 99.0 

66.5 

13.0 

6.0 


Consequently the gas mixture must be cooled very nearly to room 
temperature before even approximately complete oxidation of the 
nitric oxide can be expected. 

More briefly consider, as another example, the Haber process 
for ammonia fixation. The equation indicating the reaction and 
thermal effect involved is: 

Na + 3 Ha 2 NH 3 + 21.9 Kal. 

Since the reaction is exothermic, a rise in temperature would 
cause an equilibrium shift from right to left, t.e., would favor 
the decomposition of ammonia rather than its synthesis. Actually 
the proportion of ammonia in equilibrium at ordinary tempera¬ 
tures is probably very nearly 100 per cent of the theoretical yield; 
and at high temperatures, say 1000° C., the yield is vanishingly 
small; ammonia can be virtually completely decomposed by 
passing it through a tube containing a red-hot wire. A low 
temperature then is advisable. But at low temperatures the reac¬ 
tion is so slow that no detectable combination takes place. By 
the use of a catalyst the reaction may be so speeded up that a fair 
yield may be obtained at moderately low temperatures; a temper¬ 
ature of about 400-500° C. is actually used. This condition must 
necessarily be a compromise between a high 3 rield and a lower 
yield rapidly obtained. 

TABLE 61 

The Effect of Pressure on the Yield of NHi at 400® C. 


Pressure (atm.) 1 10 30 60 100 800 600 1000 

NHa formed (per cent) 0.4 3.8 10.0 15.0 25.8 35.0 50.5 79.8 


But another factor is important here. The formation of am¬ 
monia is accompanied by a 50 per cent decresise in volume. 
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Consequently the equilibrium proportion of ammonia will be 
greater the higher the pressure; the pressure in the Claude modi¬ 
fication of the process is nearly 1000 atmospheres (14,000 lbs. 
per sq. in.). The data of Table 51 indicate the effect of pressure 
increase upon the equilibrium proportions in this system. 

SUMBIARY 

The velocity (rate) of a chemical reaction is the chemical change 
(in moles) per unit time. The rates of chemical reactions may 
be measured by chemical analysis at definite times or by measuring 
any convenient physical property of the system which changes in 
a definite way with the course of the reaction. The rate of a 
chemical reaction is increased by increasing the concentration 
of the reactants, according to the law of mass action. The specific 
rate constant Kr, changes with temperature according to Arrhenius' 

equation In X,, = C — A catalyst usually increases the value 

of K,. 

The extent to which reversible reactions will go depends upon the 
temperature and concentration or partial pressure of the reactants. 
The effects of changing pressure or partial pressure upon an equi¬ 
librium at constant temperature are expressed by means of the 
equilibrium constant Kp, which is proportional to the concentration 
constant Kr. The value of K increases or decreases with tempera¬ 
ture, depending upon whether heat is absorbed or liberated in 

aTJ 

the reaction, according to the equation In Kp = Constant — • 

RT 

All these facts are expressed in the theorem of Le Chatelier. 

The free energy change in a chemical reaction, which may be 
calculated from the equilibrium constant by means of the equa¬ 
tion ~AF = RT In Kpy determines the direction and extent of a 
chemical reaction but not the rate. 

The principles discussed above are very useful in fixing optimum 
conditions for industrial processes. 

PROBLEMS AND EXERCISES 

1. Using the data for the thermal decomposition of NaO (Table 43) 
plot log Av against and calculate: 

(a) K, at 1000^ C. (6) at 500° C. 


(c) K, at 20° C. 
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2. Calculate the partial pressure of Hj and of Ij resulting when HI is 
heated to 454° C. if the final partial pressure of the HI is 1 atmosphere. 

3. Calculate the partial pressure of CO in a mixture of CO and CO 2 
over C at 800° C.: (a) if the total pressure of the mixture is 1 atmosphere; 
(b) if the total pressure is 1000 atmospheres. 

4. The equilibrium constant for the reaction 2 NO 2 Ns 04 has 
the following values: 


T 

Kp 

273.0 

65.0 

291.3 

13.8 

322.9 

1.25 

346.6 

0.296 

372.8 

0.075 


Test the applicability of the equation In Kp ~ Constant — ~~ for these 

Hi 

data by plotting values of log Kp against Calculate : 

(a) the value of Kp at 25° C.; (6) the heat of the reaction. Remem¬ 

ber that In Kp = 2.303 log Kp. 

5. From the data of Table 46 determine the free energy changes in 
the following reactions: 

(1) HCl + r} Rr-> —^ lIBr -f I CL 

(2) 2 NHa + t O 2 —2 NO + 3 H 2 O 

(3) \ IW + i CL —>■ HC:i + i O 2 
In which direction will each reaction proceed ? 

6. Ojnsider the reaction : 

2 SO 2 + O 2 2 SO 3 -f 44.4 Cal. 

(а) What will be the effect upon the time of reaching equilibrium (i) if 
the temperature is raised, (ii) if the total pressure is increased, (iii) if a 
platinum catalyst is introduced into the reacting mixture ? 

(б) What will be the effect upon the equilibrium constant of each change 
mentioned in (a) ? 

(c) What will be the effect upon the percentage of SOz at equilibrium 
of each change mentioned in (a) ? 

7. Steam reacts reversibly with carbon to form water gas^^ in ac¬ 
cordance with the equation: 

H 2 O + C H 2 + CO ~ 31.4 Cal. 

Predict optimum conditions for the manufacture of water gas, and state 
to what extent these conditions are observed in practice. 
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CHAPTER 8 

ARRHENroS’ THEORY OF IONIZATION 

Almost every substance in the inorganic world about us may be 
classed as a salt, an add, or a base. In a general chemistry labora¬ 
tory most of the reagents are solutions of these three classes of 
compounds, which are known as electrolytes because their solutions 
conduct the electric current. Solutions of most organic substances, 
on the other hand, do not conduct the electric current, and organic 
substances are therefore classed as nonelectrolytes. Nearly all the 
reactions used as qualitative and quantitative tests are carried out 
in water solution and are reactions between solutions of electrolytes. 
It is no wonder that the nature of acids, bases, and salts has proved 
one of the most important fields of scientific investigation since 
the beginning of the nineteenth century. 

How do solutions of electrolytes conduct the electric current? 
Why do they differ in so many important respects — chemical and 
physical — from solutions of nonelectrolytes? What picture of 
these solutions can we formulate which will account for their 
properties? What is the essential difference between an electro¬ 
lyte and a nonelectrolyte? These and other questions naturally 
arise; yet at the present time we can answer only a few of them 
completely and quantitatively, despite the surprisingly large 
variety of experimental evidence and theoretical ingenuity which 
has been focused on the problem. In this chapter we shall trace 
the growth of the knowledge of solutions of electrolytes during 
the last century which culminated in Svante Arrhenius’ theory of 
ionization. This theory, the general ideas of which are familiar 
to every student of elementary chemistry, satisfactorily answered 
many of the questions which had arisen and systematized a vast 
array of empirical facts about the reactions of general and analytical 
chemistry. 

Foberunners of Arrhenius 

Three main types of investigation contributed to the knowledge 
of the nature of electrolytic solutions during the first three quarters 
of the last century. These were the study of the dectrieal con¬ 
ductance, cfiemical behavior, and coUigative physical properties of 
such solutions. 
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Electrochemical Investigations. The earliest electrochemical 
investigations go back to the time of Volta, who discovered the 
voUaic pilcy a battery which would change the energy of a chemical 
reaction into electricity. In 1800 Nicholson and Carlisle used the 
voltaic pile to decompose water into hydrogen and oxygen. In 
1807 Sir Humphry Davy carried out even more startling experi¬ 
ments, in which he used the electric current to decompose alkali 
salts and to liberate the free metals which had not previously been 
isolated. These spectacular experiments formed the basis of the 
theories of chemical combination which were advanced by Berzelius 
and others and focused attention upon electrol 3 riic solutions. 

About 1833 Michael Faraday, for thirteen years Davyds assistant 
and later his successor at the Royal Institution in London, made a 
quantitative investigation of the reactions occurring at the elec¬ 
trodes during the passage of the current. He found that the 
quantity of chemical action was proportional to the current and 
that the amount of electricity which would deposit an equivalent 
weight of any substance was the same — 96,500 coulombs, called 
in his honor the faraday. He introduced the terms which we still 
use to designate the parts of the electrolytic circuit: the anode, 
the positive electrode, and the cathode, the negative electrode; the 
anion, the substance appearing at the positive pole, and the cation, 
the substance appearing at the negative pole. 

Faraday did not make any important contribution to our knowl¬ 
edge of the mechanism of conduction in electrolytic solutions. 
Even before his time, however, this question had arisen. When a 
water molecule, for instance, was decomposed into hydrogen and 
oxygen, how could one gas appear at each electrode without one or 
the other diffusing through the solution? In 1805 Grotthuss 
advanced a theory of the passage of electricity through solutions, 
which explained why the products of electrolysis appeared only 
at the electrodes. He assumed that each molecule consisted of a 
positive and a negative end. These were usually distributed at 
random (Figure 39 a). When the current was turned on, the 
positive end of each molecule was swung around toward the 
cathode, and the negative end toward the anode (Figure 396). 
The positive part of the molecule next the cathode was attracted to 
it, neutralized, and set free. The same thing happened to the 
negative part of the molecule nearest the anode (Figure 39 c). 
The free negative part-molecule left at the cathode then combined 
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with the positive part of its nearest neighboring molecule, the 
negative part of which was immediately passed on to the next 
molecule. A similar exchange of partners occurred from the direc¬ 
tion of the anode, causing the formation of a chain of molecules 

with positive ends headed toward the 
anode (Figure 39 d). These were then 
reversed by the attraction of the elec¬ 
trodes for unlike charges (Figure 39 e), 
and the whole process proceeded again 
as before. This is sometimes known 
as the chain theory of electrolysis.** 
One of its prime postulates was that 
the decomposition into part-molecules was 
due to the electric current and did not 
occur until it was applied; also that the 
charged parts existed separately in the 
solution only for the brief time required 
for them to swing from one molecule to 
the next or to the electrodes. According to Grotthuss* picture, 
the ions (to use our present term) would proceed at equal rates 
toward the two electrodes. In the case of a binary electrolyte like 
hydrochloric acid, each ion would therefore carry half the current. 

Some years later, Gmelin, in 1838, and Daniell and Miller, in 
1844, showed that the anion and cation usually traveled with 
different speeds and carried different fractions of the total current. 
Hittorf, in a brilliant series of investigations begun in 1853, first 
obtained accurate data on the relative speeds of the ions, by 
measuring the fraction of the total current carried by each. This 
fraction he called the transport number, n, of the ion. If the ions 
move with equal speed and each carries half the current, n would 
equal 0.5 for each ion. Hittorf found that the transport number 
was not usually 0.5. In dilute solutions of lithium chloride, for 
instance, the lithium ion carries only half as much as the chloride 
ion. The respective transport numbers are 0.33 and 0.67. 

Hittorf*8 work really showed that, since the ions could move 
with different speeds, they must exist separately in dilute solutions 
during most of their transit^ not just for the brief moments assumed 
by Grotthuss. Hittorf did not emphasize this fact, but he did 
stress the conclusion that the current was carried by the solute 
rather than by the solvent, as was believed by many of his con- 
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temporaries. He showed that the electric current was carried by 
the same radicals which took part in chemical reactions of double 
decomposition. He also emphasized the fact that the ease with 
which a substance decomposed into its radicals in solution did not 
correspond with the ease with which it could be decomposed into 
its elements. It had no relation to the instability of the chemical 
compound as measured by its heat of formation. Thus a substance 
like potassium chloride, which is formed from its elements with the 
evolution of a great deal of heat and is chemically very stable, dis¬ 
solves in water to form a highly conducting solution, in which it 
must be largely decomposed into its radicals. 

On the theoretical side Clausius, in 1857, concluded that disso¬ 
ciation in solution could not be caused by the passage of the 
electric current. If this were the case, he argued, a certain definite 
voltage would have to be applied to a solution before it conducted 
any current. Actually, the current was known to be directly 
proportional to the applied voltage, according to Ohm’s law. In 
order to account for these facts, he concluded that when an 
electrolyte was disvsolved in a solvent a small proportion of its 
molecules were immediately broken up into ions as a result of 
collision with the solvent molecules. These ions, which were 
already present in the solution, served to conduct the electric 
current. 

Somewhat later Kohlrausch developed methods of determining 
the conductance of solutions of electrolytes. The conductance of a 
substance is simply the reciprocal of the resistance which it offers 
to the electric current.^ If we want to determine the resistance of a 
piece of metal, we can use direct current with a suitable measuring 
circuit such as a Wheatstone bridge. If we wish to measure 
accurately the resistance of an electrolytic solution, we cannot use 
even a weak direct current because it causes electrode polarization, 
i.e.y a change of the concentration of the solute around the electrode, 
soon followed by actual electrolytic decomposition. Kohlrausch 
introduced the use of alternating current to overcome this diflSculty. 
After long effort, by 1876 he had obtained enough data on the 
conductance of electrolytic solutions to confirm many of the results 
which Hittorf had obtained. He found that, in dilute solutions of 
most salts, the conductance of the salt could be expressed as the 

’ The resistance is meajgured in ohms and the conductance in reciprocal ohms 
(ohm""*) or mhos. Thus a substance which has a resistance of 10,000 ohms would 
have a conductance of 0.0001 mho. 
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sum of the conductance of the individual ions which made it up. 
Prom his work he concluded that when a definite voltage is applied 
to a dilute solution each ion moves with a characteristic velocity, 
or mobilityy apparently independent of the other ions present in the 
solution. The relative velocities which he calculated agreed with 
Hittorf's transport numbers and thus confij*med Hittorf's work from 
an independent experimental approach. 

Chemical Evidence. While the study of electrical conductance 
had thus provided considerable evidence that electrolytes disso¬ 
ciated into ions which carried the electric current, a number of 
chemical facts were discovered which also pointed to the easy 
separation of the radicals of electrolytes in solution. In 1839 Gay- 
Lussac studied reactions between salts in solution. These he found 
were extremely rapid compared, for instance, with reactions be¬ 
tween organic substances or between dry salts. He anticipated the 
theory of ionization when he stated that if solutions of two salts 
were mixed all possible salts were formed by double decomposition. 
In 1850 Williamson concluded that there was a continual change of 
radicals between the molecules of any dissolved electrolyl/e. In 
this way he explained the rapid precipitation of insoluble salts 
such as silver chloride. Williamson’s point of view was thus a 
good deal like that which Clausius had reached from considerations 
of electrical conductance. Clausius developed his idea before he 
knew the conclusions ^ Williamson had reached from chemical evi¬ 
dence, but later he compared his theory with Williamson’s thus: 

‘^Williamson speaks of a perpetual change of hydrogen atoms (between 
hydrogen chloride molecules) whereas for the explanation of the conduc¬ 
tion of electricity, it suffices that at the collision of the molecules now and 
then, and perhaps relatively seldom, an exchange of partial molecules 
(i.e., ions) takes place." 

We see that the hypothesis of Gay-Lussac and Williamson, which 
postulated a perpetual exchange of ions between the molecules, is 
more like our modem conception of solutions of electrolytes. 

CoUigative Properties. The third line of evidence which bears 
upon the nature of solutions of electrolytes is a study of the colliga- 
tive* properties of these solutions. In Chapter 4 we discussed the 
general properties of solutions of nonpolar solutes. Starting in 

* Quoted from Arrhenius’ Theories of Solution, page 106. 

* A coUigative property is one which depends upon the number and not the nature 
of the dissolved particles. 
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1881, Raoult had studied the lowering of the freezing point, eleva¬ 
tion of the boiling point, and lowering of the vapor pressure of 
solutions and found them all proportional to the molecular concetir 
tration of the solute for ^^normaF' substances. Van't HoflF, by a 
brilliant piece of thermodynamic reasoning, had correlated all these 
colligative properties with the facts of osmotic pressure. He had 
shown that the osmotic pressure of one mole of a normal^' solute 
could be expressed by an equation analogous to that of the gas law, 
namely: 

tF = RT 

His conclusions are most effectively presented in his own words: ^ 

^‘The relation we have found admits of an important extension of 
Avogadro^s law, which may now be applied to all solutions if we substitute 
osmotic for gaseous pressure: Equal volumes of solutions at the same 
temperature and the same osmotic pressure contain the same number of 
molecules, namely, that number which is contained at the same gas pres¬ 
sure and temperature in the same volume of a gas. . . . Altogether in- 
de]:)endent of what has been already developed, . . . isotony of solutions 
in the same solvent determines equality of vapor pressure. . . . This is 
nothing but the principle, recently discovered by Raoult, of the constance 
of molecular lowering of vapor pressure. ... If we consider the relations 
developed in what has preceded, we arrive at once at the very simple 
deduction that solutions which contain equal numbers of dissolved mole¬ 
cules in the same volume, and are thus isotonic according to Avogadro^s 
law, have the same freezing point. This was actually discovered by 
Raoult and received its expression in the so-called ‘normal molecular 
freezing point depression^ which is shown by the great majority of dis¬ 
solved substances, . . . The molecular depression thus refers to solutions 
of equal molecular concentrations, assuming proportionality of freezing 
point depression and concentration, which holds good with close approxi¬ 
mation.” 

From the point of view of the dissociation, or ionization, theory 
vanT Hoff^s most important contribution was his study of the 
class of substances which could not be considered ‘^deal solutes.” 

“If we confine our attention to ‘ideal solutions,’ then we have to 
consider a group of phenomena which, in view of the analogy between 
solutions and gases, must be placed in the same class as the so-called 
deviations from Avogadro’s law in the case of gases. For example, just 

1 Quoted from Alembic Club Reprint No. 19, to which we have made previous 
reference. It is well worth reading in this connection as a model of the concise 
and logical development of an important scientific law. 

MGC— 14 



196 


ARRHENIUS^ THEORY OF IONIZATION 


as the pressure of ammonium chloride vapor is greater than that which 
Avogadro’s law predicts, so in several instances the osmotic pressure is 
also abnormally large; and as in the first case it was afterwards shown 
that there is here a decomposition into hydrochloric acid and ammonia, 
so we are led to suspect the same kind of thing in solutions. It must, 
however, be admitted that deviations of this kind in solutions are much 
more numerous and are exhibited by substances whose decomposition in 
the ordinary way could only with difficulty be assumed. In aqueous 
solution this class includes the majority of salts and the sti-ong acids and 
bases, and so the existence of the so-called normal depression of freezing 
point and of vapor pressure was only discovered when Raoult investigated 
organic compounds, which exhibit the normal behavior almost without 
exception. Consequently it may seem daring to have placed Avogadro^s 
law so prominently in the foreground for such solutions, and I should not 
have adopted this course, had not Arrhenius privately written to me 
pointing out the probability that salts and the like are decomposed into 
ions.'’ 

Van't Hoff then stated his equation of state for one mole of any 
dissolved substance in a more general form, applicable to all 
solutions: 

tV = iRT 

For ideal solutes^ i equals 1 and the equation reduces to the form, 
T^V — RT, For acids, bases, and salts i is usually greater than one, 
and its value he determined from Raoult's data on the lowering of 
the freezing points of these solutions. The factor i thus measures 
the departure of a solute from the laws of the ideal solution. It may 
also be interpreted as the effective number of moles of solute. One 
mole of an acid, base, or salt had as great an effect on the colligative 
properties of the solution as i moles of a “perfect solute.'' 

Arrhenius' Theory of Ionization 

By the year 1885 the stage was set for some individual who would 
gather up all the different threads of evidence we have presented 
and weave them into a single unified pattern. That person was 
Svante Arrhenius,^ who was able to interpret the accumulated 

^Svante Arrhenius (1859-1927) is best known for his work on electrolytic 
dissociation. He first presented his ideas for his doctorate at the University of 
Stockholm. His degree was rather grudgingly granted him and he had to look 
abroad for support of his theory. Ostwald’s active assistance and van't Hoff’s 
co-operation gradually won recognition of his ideas. Arrhenius’ genius was then 
evident. He was made professor at the University of Stockholm and two years 
later president of the University. He received many distinctions, including the 
Nobel prize. 
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evidence in the terms of his theory of ionization. He developed the 
qualitative ideas of Williamson and Clausius into a quarditaiive 
theory which could be put to the test of experiment. While van't 
Hoff was making his important discoveries, Arrhenius was also 
investigating electrolytic solutions. The whole development of 
his ideas on the subject he told in an informal and fascinating way 
in his address before the Chicago Section of the American Chemical 
Society in 1911, when he received the first presentation of the 
Willard Gibbs Medal.^ He treated the same subject in more detail 
in his Silliman lectures at Yale University the same year. These 
were published under the title ^'Theories of Solutions,^^ from which 
the three following paragraphs are quoted. 

“In 1883 I investigated the conductivity of electrolytes as depending 
on their concentration and temperature and came to the conclusion (pub¬ 
lished 1884) that their solutions contain two different kinds of molecules, 
of which the one is a nonconductor, the other conducting electricity in 
consequence of properties attributed to it by the hypothesis of Gay-Lussac, 
Williamson, and Clausius. These latter were simply called active mole¬ 
cules. The number of active ones increases with dilution at the expense 
of ti)e inactive molecules and tends to a limit, which is probably first 
reached when all inactive molecules have been transformed into active 
ones. At very high dilutions the additive property of the conductivity 
postulated by Kohlrausch is not only true within certain groups of elec¬ 
trolytes of similar composition but for all electrolytes of whatsoever 
com[X)sition. . . . 

“Wlien this memoir was written (1883) the measurements of Raoult 
on the freezing point of salt solutions had not appeared. Therefore it was 
regarded as too bold to state verbally that the active molecules were 
dissociated into their ions. . . . Soon afterwards Raoult’s aforemen¬ 
tioned measurements were published, and their theory given by van’t Hoff 
(1886). Immediately after that I calculated the coefficient of activity 
from the conductivity figures and the degree of dissociation which was 
necessary to explain the values of i of van^t Hoff, calculated from Raoult's 
data. A very good agreement was found, and then the basis for an open 
declaration of the state of dissociation of electrolytes was found strong 

The study of solutions of electrolytes was not his only work. He is well known 
for his pioneer study of the rates of chemical reactions and his theory of their 

mechanism, from which he derived the equation In v * C ~ (page 168) giving 

the change of reaction rate with the temperature. . , , . xi, j. 

In later years he was interested in astronomy, particularly m the theow Uiat the 
solar system was a result of the collision of ^eat stars. This is descried m his 
book Worlds in the Making, He also believed that life on the earth started from 
living spores pushed by sunbeams or star beams from some other planet. 

* J. Am, Chem. Soc., 34. 363 (1912). 
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enough (1887). The word activity was replaced by the word electrolytic 
dissociation. 

‘‘Immediately after my memoir of 1884 had appeared, Ostwald carried 
out a great number of measurements, showing that the velocity of reaction, 
when different acids exert a catalytic action, is, as my theory demanded, 
nearly proportional to their conductivity, and further that the relative 
strength of weak acids increases with dilution.’' 

The support and militant assistance of Ostwald ^ proved very 
helpful to Arrhenius in winning recognition for his theory against 
the inertia and hostility of many of his contemporaries. His article 
in 1887 was published in Ostwald’s new Zeiischrift fur physikalische 
Chemie, in the same volume of which van’t Hoff’s work on osmotic 
pressure was also given a wider audience. In this article, which 
likewise appears in the Alembic Club Reprint No. 19, Arrhenius 
stressed the abnormal behavior of electrolytes in solution. 

“When a gas shows a similar deviation from Avogadro’s law, the ab¬ 
normality is explained by assuming that the gas is in a state of dissociation. 
A well-known example is afforded by the behavior of chlorine, bromine, 
and iodine at high temperatures, these substances being regarded under 
the given conditions as split up into atoms. 

“The same expedient might be adopted to explain the exceptions to 
van’t Hoff’s law, but so far it has not been used, probably owing to the 
novelty of the subject, the large number of known exceptions, and the 
grave objections, on the chemical side, which might be raised to such an 
explanation. The object of the present communication is to show that 
the hypothesis of dissociation of certain substances in aqueous solution 
is strongly supported by conclusions drawn from their electrical prop¬ 
erties and also that on closer consideration the chemical objections are 
appreciably lessened. 

“For the explanation of electrolytic phenomena we must postulate 
with Clausius that a portion of the molecules of an electrolyte is disso- 

1 Wilhelm Ostwald (1853-1932) was born in Riga. His work on the affinity 
constants of organic acids attracted considerable attention and in 1887 he was 
appointed professor of physical chemistry at Leipzig. Here he instituted the first 
laboratory for instruction in physical chemistry. Students from all over the world 
flocked to Leipzig to study under this inspiring teacher. Among those who worked 
with Ostwald were Ramsay, A. A. Noyes, and T. W. Richards. The results 
obtained in his laboratory appeared in the Zeiischrift fUr physikalische Chemie, 
which he founded. In this journal he also championed his favorite theories, such 
as Arrhenius’ theory of ionization and Ostwald’s own theory of energetics as 
opposed to the kinetic theory. Ostwald also wrote many valuable books on the 
teaching of chemistry and on chemical biography. 

He edited the famous Klassiker der ExcLcten Wissenschaften — reprints of out¬ 
standing scientific articles, with valuable comments and annotations which are 
invalualfle to those interested in the history of science. 

He was awarded the Nobel prize in chemistry in 1909. He enjoyed such a busy 
and full life that no pne was surprised when he named his country home “ Energde. ” 
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ciated into ions which move independently of one another. Since now 
the ‘osmotic pressure^ which a substance dissolved in a liquid exerts on the 
walls of the containing vessel must be attributed, in accordance with 
modern kinetic conceptions, to the impacts of the ultimate particles of 
this substance on the boundary walls in the course of their motion/ we 
must in harmony with this assume that the pressure exerted on the walls 
of the vessel by a molecule dissociated in the above sense will be the same 
as that exerted by its ions in the free state. If then we could calculate 
what proportion of the molecules of an electrolyte had undergone disso¬ 
ciation into ions, we could also calculate by van’t Hoff^s law the value of 
the osmotic pressure.^’ 

Methods of Determining the Degree of Dissociation. Arrhenius 
used two independent methods for finding the degree of dissocicUion 
a, of an electrolyte, i.e., the f raction of the total number of molecules 
of an electrolyte that are dissociated into ions. One depended upon 
conductance measurements; the other upon the colligative proper¬ 
ties of solutions. 

(1) The conductance ratio. When 1 gram equivalent of an elec¬ 
trolyte is dissolved in water and the solution placed in a cell be¬ 
tween electrodes 1 cm. apart, the conductance measured will be 
that of 1 gram equivalent of solute, i.e., it will be the equivalent 
conductance for the given concentration, 
c, denoted by A< . If a series of experi¬ 
ments of this type are carried out, the 
gram equivalent of solute being dissolved 
in larger and larger quantities of water, we 
find that, in general, the equivalent con¬ 
ductance increases as the concentration 
decreases and reaches a maximum value 
as the concentration approaches zero. 

This is illustrated by Figure 40, where 
the equivalent conductance of potassium bromide solutions at 25° C. 
is plotted against the square root of the molar concentration (ikf). 
Arrhenius, following Kohlrausch, assumed that the conductance of 
an individual ion was independent of the concentration and therefore 
that all the change in conductance was due to a change in the 
number of ions present. The maximum conductance is reached 
then when all the molecules are dissociated into ions, and the degree 
of dissociation at any concentration is equal to the conductance 

^ Although the modern explanation of osmotic pressure (p. 105) is not the same 
as that of Arrhenius, this fact does not invalidate his argument. 



Fig. 40. Equivalent Conduct¬ 
ance of KBr in water at 25^ C. 
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at that concentration (Ac) divided by the conductance at zero 
concentration (Ao): 



(2) VanH i. In addition to the conductance ratio 

Arrhenius also developed a method of calculating a from vanT 
Hoff^s i. This factor he interpreted as indicating the dissociation 
in solution. For one mole of a '‘normar’ substance, i equals 1. 
For one mole of a substance which decomposed completely into 
two ions, i equals 2, for the solution contains twice as many 
particles as in the first case. If the same electrolyte is half dis¬ 
sociated, i equals 1.5. In general, if an electrolyte dissociated 
into V ions, Arrhenius showed that: 

f = 1 + (v - l)a 

Arrhenius thus assumed that a charged atom and a neutral particle 
had the same effect and that the total number of particles deter¬ 
mined the properties of the solution. 

Arrhenius compared the values of t, calculated directly from 
Raoult’s determination of the lowering of the freezing point, 
with those calculated from the equation above, where a was 
obtained from the conductance ratio, using wherever possible 
the data of Kohlrausch and Ostwald. In Table 52 are given 
representative values, taken from Arrhenius' own tables. In 
every case the solution contained 10 grams of solute per liter of 
water, so that the molal concentration was different in each case 
but nearly always 0.25 M or less. In these dilute solutions the two 
methods gave values for a which were identical within the limit of 
experimental error of 5 or 10 per cent. Arrhenius stressed this 
quantitative agreement, which he considered conclusive evidence 
of the correctness of his views and which carried such great weight 
as finally to win recognition for his theory. 

The preceding equation may be rearranged and solved for a, 
giving : 


Defined in this way, a is often called the vanH Hoff coefficient 
in order to distinguish it from the conductance ratio. We shall 
speak more of this distinction in later chapters. 
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TABLE 52 

COMPABISON OP i PROM FrBEZINQ PoiNTB AND CONDUCTANCE DaTA 


Concentration =» 10 g. Solute per L. Water 


Substance 

Formula 

« -A 

Ao 

l + (r- Da 

1.86 

Nonconductors 





Methyl alcohol . . . 

CH,OH 

0 

1 

0.94 

Glycerol. 


0 

1 

0.92 

Invert sugar .... 

C6Hl20fl 

0 

1 

1.04 

Cane sugar. 


0 

1 

1.00 

Ethyl ether. 

(CaH&laO 

0 

1 

0.90 

Bases 





Baryta. 

Ba(C)H )2 

0.84 

2.67 

2.69 

Lime. 

Ca(OH )2 

0.80 

2.59 

2.59 

Soda. 

NaOH 

0.88 

1.88 

1.96 

Potash. 

KOH 

0.9.3 

! 1.93 

1.91 

Ammonia. 

NHa 

0.01 

1.01 

1.03 

Acids 





Hydrochloric .... 

HCl 

0.90 

1.90 

1.98 

Nitric. 

HNOa 

0.92 

1.92 

1.94 

Sulfuric. 

H 2 SO 4 

0.60 

2.19 

2.06 

Acetic. 

CHsCOOH 

O.OI 

1.01 

1.03 

Oxalic. 

(C00H)2 

0.25 

; 1.25 

1.49 

Salts 





Potassium chloride . . 

KOI 

0.86 

1.86 

1.82 

Ammonium chloride . 

NH 4 CI 

0.84 

1.84 

1.88 

Ammonium nitrate . 

NH 4 NO, 

0.81 

1.81 

1.73 

Sodium carl^onato . . 

Na2C08 

0.61 

I 2.22 

2.18 

Barium chloride 

Bad 2 

0.77 

2.54 

2.63 


^ K/ = (the molecular depression of the freezing point. Cf. p. 95.). 


Additive Properties of Dilute Solutions. (1) Heats of neutral¬ 
ization. As an additional proof of the existence of ions in solu¬ 
tion, Arrhenius emphasized the fact that many of the properties 
of dilute solutions are of an additive character. The ‘‘numerical 
values of the properties may be regarded as the sum of the 
properties of the parts of the solution, Le., of the solvent and of 
the parts of the dissolved molecules, which in fact coincide with 
the ions.^^ For instance, he pointed out that the heat of neutral¬ 
ization is practically the same for all strong acids and bases in 
dilute solution. This is easily explained if dissociation is assumed 
to be practically complete, for the reaction in every case is simply 
the formation of undissociated water from hydrogen and hydroxyl 
ions according to the equation: 

H^ + OH*“- HaO 
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It makes no appreciable difference what other ions are present 
originally with the hydrogen and the hydroxyl or what salt remains 
in solution after the neutralization. In the case of slightly ionized 
acids or bases, the heat of neutralization may be appreciably dif¬ 
ferent, but this is exactly what we would expect if heat is liberated 
or absorbed during the process of ionization which accompanies the 
neutralization itself.^ These facts are illustrated in Table 53, 
also taken from Arrhenius’ paper. 

TABLE 53 

Heats of Neutralization (in Ka. Cal.) of Some Acids and Bases in 
Dilute Solution 

(From the Data of Thomsen and Berthelot) 










NaOH 

KOH 

NHa 

iCa(OH)2 

|Ba(OH)2 

^ Sr(OH )2 

HCl, HBr\ 
or HI f 

13.7 

13.7 

12.4 

14.0 

13.8 

14.1 

HNOs.... 
Acetic 

13.7 

13.8 

12.5 

13.9 

13.9 

13.9 

H.C 2 H 3 O 2 . 

13.3 

13.3 

12.0 

13.4 

13.4 

13.3 

Formic 

H.CHO 2 . . 
Oxalic 

13.4 

13.4 

11.9 

13.5 

13.5 

13.5 

i (H:.C02)2 . 

14.3 

14.3 

12.7 

— 

— 

— 

iH2S04 . . . 

15.8 

15.7 

14.5 

— 

— 

— 

i H 2 S .... 

3.8 

3.8 

3.1 

3.9 

— 

— 

HCN .... 

1 2.9 

3.0 

1.3 

— 

— 

— 

iC02 . . . . 

10.2 

i 

5.3 



— 


(2) Volume change in neutralization, Arrhenius also pointed 
out that, according to Ostwald’s data given in Table 54, the change 
in volume when a strong acid is neutralized by a strong base is 
always the same, whatever the acid and the base. This fact 
corroborates the evidence of the heats of neutralization in showing 

TABLE 54 


Increase in Volume in ml. on Neutralization of Strong Acids and Bases* 



* For further discussion of this thermal effect, see p. 218. 

2 Arrhenius, Theories of Solution, Yale University Press (1912), p. 182. 
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that the same reaction occurs in all cases, namely, the formation 
of water from its ions. 

(3) Density of dilute solutions. Arrhenius mentioned another 
additive property which Valson had discovered some time before. 
In studying the densities of dilute solutions of many different 
salts, Valson found that each radical causes a characteristic change 
in the density of the solution, a change which is independent of the 
other radical of the compound. This is exactly what the theory 
of ionization would predict, since dissociation is nearly complete in 
such solutions. Every property of a dilute solution which may be 
calculated as the sum of independent values of the postulated ions 
provides additional evidence for the actual existence of these ions. 
Recently we have found that the compressibility^ thermal expansion^ 
and heat capacity j as well as the volume of a dilute solution, can be 
calculated in this way.^ 

(4) Electrical conductance. Of the other additive properties 
which Arrhenius mentioned, we shall discuss only the electrical 
conductance. Kohlrausch, who had determined the conductance 
of many different electrolytes, had shown that the conductance 
of dilute solutions of strong electrolytes could be calculated by 
adding together the conductances of the different ions. In the 
case of weak electrolytes the additivity principle did not hold at 
ordinary concentrations. Arrhenius showed that this was to be 
expected since the degree of ionization of weak electrolytes like 
acetic acid is slight at ordinary concentrations. Only in extremely 
dilute solutions where the ionization is nearly complete could the 
conductance of such solutions be truly additive. 

Summary of the Arrhenius Theory. We may summarize 
Arrhenius' theory of ionization as follows: 

(1) Acids, bases, and salts ionize in solution into the radicals 
which act as units in chemical reactions. 

(2) Ionization approaches completeness in dilute solutions, 
where the properties of the solution may be considered as the sum 
of the properties of independent ions. 

(3) As the concentration is increased, more molecules are formed 
from the ions so that the extent of ionization decreases. This 
extent of ionization can be measured by two independent 
methods. The first of these is based upon the conductance ratio, 
and the second upon the colligative properties of the solution. 

»Gucker, Chem. Rev., 13 , 111 (1933). /. Am. Chem. Soc. 56 , 1017 (1934). 



204 


ARRHENIUS^ THEORY OF IONIZATION 


Subsequent work has completely vindicated the first two 
hypotheses of Arrhenius, but the third requires considerable 
modification. It is approximately correct for shghtly ionized 
electrolytes such as acetic acid but very far from the truth in the 
case of more highly ionized substances like hydrochloric acid. In 
this and the next few chapters we shall take up the conclusions 
which may be drawn from Arrhenius' theory. When we see in what 
respects these do not conform to the results of experiment, we 
will be in a better position to appreciate the necessity of modifying 
Arrhenius' third postulate. 

The Ionization of Electrolytes 

The actual ions which are present in a solution of a particular 
electrolyte may be determined either'from a study of chemical 
reactions in solution or from a study of the products of electr()lysis. 
These two methods are entirely concordant in their results and thus 
confirm Arrhenius' first postulate. For example, suppose we 
want to know what ions are present in a .solution of cupric sulfate. 
A solution of this salt has the green-blue color characteristic of all 
soluble simple cupric salts. Like all of them it deposits copper 
when a piece of zinc or any other active metal is immersed in it and 
precipitates black cupric sulfide when treated with hydrogen sulfide. 
Hence we conclude that one of the ions into which it dissociates 
is the cupric ion. A solution of this salt also shows the reactions 
characteristic of all soluble sulfates, such as causing a precipitation 
of insoluble barium sulfate when a solution of a barium salt is 
added. It gives no indication of the existence of free sulfide ions, 
which would cause a black precipitate with a lead salt and, indeed, 
with the cupric ion itself. 

The results of electrolysis lead to the same conclusion. Copper is 
deposited at the cathode, and .sulfuric acid accumulates around 
the anode, where oxygen is liberated. Hence we conclude that 
the cation is the cupric ion and the anion the sulfate radical. 
Chemical evidence and the quantitative results of electrolysis 
also show that the valence of each radical is 2, so we write the 
cupric ion with two positive charges and the sulfate ion with two 
negative charges and indicate the ionization thus: 

CUSO 4 —Cu++ + 804^- 

Similar experiments show that all acids furnish one or more 
hydrogen ions, H*^, and an anion characteristic of the particular 
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acid, while all bases ionize into hydroxyl ion, OH"”, and the cation 
characteristic of the base. Salts, like the cupric sulfate considered 
before, furnish characteristic cations and anions which may be 
recognized by chemical tests. When we want to determine what 
acid, base, or salt is present, we can carry out separate tests for 
the cation (H*^, metallic ion, or radical) and the anion (OH~, non- 
metallic ion, or radical). The chemical characteristics of the 
electrolyte are the characteristics of the ions. 

Apparent Degree of Ionization (a). We have seen how Arrhenius 
defined what he called the degree of ionization, a, as (he fraction 
of the total number of molecules of the electrolyte dissociated into ions. 
We shall speak of this as the apparent degree of ionization, because, 
as we shall see later, we have good reasons to believe that it does 
not represent, as Arrhenius thought, the actual degree of ionization. 

Calculation of a. The methods of calculating a according to 
Arrhenius may be illustrated by the following examples: 

(1) From the conductance ratio. The limiting value of the 
equivalent conductance of hydrochloric acid at 18° is found to be 
Ao = 380.4 mhos. The value at a concentration of 0.5 M is found 
to be Ao .5 = 326.6. Assuming that the difference in conductance 
is due to a difference in the number of ions and that ionization is 
complete at zero concentration, we can calculate: 


^.6 = 


Ao 


326.6 

380.4 


.859 


This same conclusion may also be expressed by saying that the 
hydrochloric acid is 85.9 per cent ionized. 

(2) From colligative properties. If a 0.4 m solution of barium 
chloride freezes at — 1.90°, what is the degree of ionization of the 
salt? According to our previous findings (cf. page 96) the molal 
depression of the freezing point for a “nonnaT" solute is 1.86° C. 
Now barium chloride ionizes into three ions according to the 
equation: 

BaCU —^ Ba+++ 2 Cl- 

t 

The value of van’t Hoff’s factor i for this salt may be calculated 
(see page 200) from the equation : 

i = 1 + (f - l)a 

Since the number of ions, v, is 3: 

t = 1 + (3 - l)a = 1 + 2a 
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The effective concentration of the salt will be i times its actual 
concentration (0.4). The lowering of the F.P. (1.90®) is equal 
to the effective concentration times the freezing point constant 
for a ^^normaT' solute (1.86°). Hence we may write: 

ATf = 0.4(H-2a)1.86 = 1.90 

Solving this equation gives a = 0.78. The barium chloride there¬ 
fore is, apparently, 78 per cent dissociated. 

Another way of reaching the same conclusion may be outlined 
as follows: The original concentration of salt is 0.4 m. 

[Ba++] — 0.4 am (each ionized molecule yields 1 
[Cl"] = 0.8 am (each ionized molecule yields 2 Cl") 

[BaCb] — 0.4(1 -• a)m (the remaining molecules are unionized) 
[Total] = 0.4(1 +2 a)m 

The molecular depression constant is 1.86° and the actual depres¬ 
sion (AT/) equals the total concentration times the depression 
constant, AT/ = K/rUf therefore: 

Ar/ = 0.4(l + 2a)1.8C = 1.90 

which is the same equation derived above. 

Effect of Dilution and Temperature. According to Arrhenius^ 
ideas, the degree of dissociation of an electrolyte increases with 
dilution and approaches a maximum value (unity) when the 
solution becomes sufficiently dilute. This is what we should 
expect from the fact that once the molecules dissociate there is 
less chance for the ions to recombine in a dilute than in a con¬ 
centrated solution. The results of conductance ratio or van’t 
Hoff^s coefficient calculations show that a does increase in this 
way. 

Temperature might also be expected to change the value of a, 
although this effect is hard to predict and does not turn out to be 
very large for most electrolytes. Still, in order logically to make 
comparisons of the values of a for different substances, we must 
compare them at the same concentration, and we should compare 
them at the same temperature. 

Strong and Weak Electrolytes. If we compare the values of a 
for different types of compounds at the same concentration and 
temperature, we find that they can be divided into two classes 
according to the degree of ionization which they exhibit. Those 
which are highly ionized are called strong electrolytes; those which 
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are slightly ionized^ 1 per cent or less in 0.1 iV solution, are known 
as weak electrolytes. Of course there are always borderline cases 
so that this division is not an absolute one, but it is very convenient. 

A comparison of values of a shows the widest variation among 
the cudds and the bases and much less difference among the salts. 
This is brought out clearly in Table 55. Practically all salts are 
strong electrolytes. Notable exceptions are the salts of mercury 
and cadmium, particularly the cyanides of these metals. The 
values of a are consistently lower as we go from uni-univalent 
(abbreviated 1 - 1 ) salts like KCl and NaNOa to those of higher 
valence types like Na 2 S 04 , CUSO 4 , and LaCL. 

Acids and bases show a wider variation. The inorganic ones like 
HCI, HNO 3 , NaOH, and KOH are typical strong electrolytes. 
The polybasic acids are progressively less strong, and the same is 
true to a lesser extent of the diacid bases. A few inorganic acids, 
like H 2 S, HsP 04 , H 2 CO 3 , and many organic ones, like H.C 2 H 3 O 2 , 
are classed as weak electrolytes. The same is true of ammonia and 
of many organic bases with which the student so far has not had 
experience. 

TABLE 55 

The Apparent Deqrbe of Ionization in 0.1 AT Solutions at 25° C.* 
Solute 


1- 1 Salts {e.g., KCl).84 

2 - 1 and 1-2 salts {e.g., BaCh or K 2 SO 4 ). .73 

3- 1 and 1-3 salts K 3 Fo(CN )6 or LaCL).65 

2-2 salts {e.g., MgSO*. CUSO 4 ). .40 


KOH. NaOH.90 

Ba(OH )2 .80 

NH4OH.01 


HCI. HNO 3 . HCIO 4 , etc.90 

HjS04, H 4 Fe(CN)f. (first HO.90 

H 3 PO 4 . H 2 SO 3 , HSOa' . . . CdBra.2O-.40 

HOAc, HC 2 O 4 ", HSOr . . . HrCL.01--.02 

H 2 S, HsCOa, H 2 PO 4 ".001-.002 

HS-. HPO 4 —, HASOr~.( 1 - 2 ) X !()-« 


1 From A. A. Noyes, Qimliiative Chemical Analysis, p. 180. By permission of 
The Macmillan Company, publishers. 

The values of a are calculated from the conductance ratio, corrected for the 
viscosity of the solution. 

The polybasic acids are particularly interesting because they 
ionize in definite steps. Thus phosphoric acid ionizes in three 
stages; 
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H 8 PO 4 + H 2 PO 4 ” (primary) 

H 2 PO 4 - H ^ 4- HP 04 “ “ (secondary) 
HP 04 --:^H+ + PO 4 — (tertiary) 

With all other acids the successive stages of ionization of hydro¬ 
gen ions become less and less. The secondary stage of ionization 
of dibasic acids is always very much weaker than the primary. 
This fact often is important in analytical work since it explains 
why certain insoluble salts, like calcium phosphate, are dissolved 
by strong inorganic acids. 

Thus when hydrochloric acid solution is added to calcium phos¬ 
phate, the latter is dissolved. Here the equilibrium is set up: 

Ca3(P04)2 3 + 2 PO 4 —’ 

The phosphate ion takes on hydrogen ions: 

PO4-- - + 2 H2PO4- 

The second reaction takes place to so great an extent, thereby 
largely removing PO4 , that the first goes nearly to completion. 

Factors Which Influence Ionization. The preceding discussion 
might raise the question: What factors govern ionization and 
determine whether a particular compound is a strong or a weak 
electrolyte? While we cannot answer this question completely 
and quantitatively, we can state certain definite conclusions as to 
the factors involved and the way they operate. 

(1) The nature of the compound. As we have seen, there is con¬ 
siderable difference between the polar and nonpolar types of com¬ 
pounds. These two types of compounds, according to our modern 
ideas of valence, are formed in different ways. The polar com¬ 
pound is formed by the transfer of an electron from a metallic 
atom to a nonmetallic one, thus: 

Na-f Ci: —Na+:Cj:- 

The nonpolar compound is formed by the sharing of electrons 
between two atoms or groups, neither of which is preponderantly 
electro-positive or negative, thus: 

H 

C -f4H- —H:C:H 

H 
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The same type of bond undoubtedly occurs also in such substances 
as water (H:0:H), hydrogen sulfide (H:S:H), organic acids, and 

even hydrogen chloride (H:C1:). We should naturally expect 
a polar substance to ionize more readily than a nonpolar one, so 
that, in the first place, the amount of ionization depends upon 
the nature of the solute. Experimental evidence shows that nearly 
all crystalline salts exist as ions in the crystal lattice. Thus, in the 
formation of sodium chloride the sodium has given up its valence 
electron to the chlorine and the crystal lattice consists of sodium 
and chlorine ions which in this case are equally spaced. There 
is no evidence for the existence of sodium chloride molecules in the 
crystal. When such a crystal is melted, it conducts the electric 
current readily. This is evidently due to the fact that the ions 
are free to move when the crystal is melted. We should expect 
then that such a substance would dissolve as sodium ions and 
chloride ions and not as sodium chloride molecules, in other words, 
that the salt would be almost completely ionized in solution. 
Our study of solutions confirms this opinion. Practically all 
salts are almost completely ionized in water solution. 

(2) The nature of the solvent also affects ionization to a very 
marked degree. Certain substances, like hydrogen chloride, do 
not, in the pure state, resemble salts. They are inherently much 
less polar. Thus the hydrogen chloride molecule volatilizes at a 
low temperature, while salts are all hard to volatilize. A study 
of the change of the dielectric constant of gaseous hydrogen chloride 
with temperature shows that the electrons are held somewhat 
nearer to the chlorine than to the hydrogen, so that the gaseous 
molecule is slightly polar; but it shows no tendency to decom¬ 
pose into hydrogen ions and chloride ions. Dry liquid hydrogen 
chloride is not a conductor of electricity. However, the presence 
of even a trace of moisture will make the substance conducting. 
In dilute solution in water we have every evidence for nearly 
complete dissociation. Here then the ionization is due to the 
influence of the solvent in which hydrogen chloride is dissolved. 
This fact is further emphasized by the difference in the properties 
of solutions of hydrogen chloride in water and in other solvents 
such as benzene. In these other solvents the conductance is 
very much less, and there is practically no ionization. 

The extent of ionization of any particular substance depends, 
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therefore, to a large extent upon the nature of the solvent. Otie 
factor is undoubtedly the chemical reaction between the solvent 
and the solute. The energy of solvation (in water, hydration) is 
sometimes very large and tends to drag the solute into solution. 
Another important effect of the solvent is that it weakens the 
electrical force of attraction between the ions which are immersed 
in it and thus assists ionization. This effect is measured quanti¬ 
tatively by the dielectric constant (D) of the solvent. The dielectric 
constant determines the force with which two electrical charges will 
attract or repel each other when they are immersed in the particular 
medium. Coulomb found many years ago that the force with 
which two gilt pith balls attracted each other was proportional 
to the product of the charges and inversely proportional to the 
square of the distance between them. Faraday showed that 
the force depended also upon the nature of the medium between 
the charges. These relationships are combined in the equation 
known as Coulomb^s law, namely: 

Dr^ 






F represents the force between two charges of magnitude q and 
which are separated by a distance r in a medium of dielectric 
constant D. The force between two charges 
qq' inversely proportional to the dielectric 

VJy r 2 ty constant of the medium if other things are 
the same. The dielectric constant of a 
vacuum and of air is unity, while that of 
benzene is 2 and that of water is 78.6 at 
25®. If we consider two ions the same dis- 
tance apart in air and in water, we see that 
the force between them will be only 0.0127 
times as great in water as in air (Figure 41). 

Hence, as J. J. Thomson pointed out in 1893 and W. Nernst 
in 1894, if other things are equal, substances which possess a high 
dielectric constant should be good ionizing media. Nernst ^ cites 
the facts given in Table 56 to show that this rule is at least quali¬ 
tatively correct. 

Many others have studied the dissociation of electrolytes in 

* From Nernst, Theoretical Chemistry^ 6th edition. By permission of the Mac¬ 
millan CJompany, publishers. 


Fig. 41* Coulomb’s Law. 
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TABLE 56 

The Relation between the Dielectric Constant and the Ionizing 
Power of Different Media 


Solvent 

Dielectric 

Constants 

Electrolytic Dissociation of Solute 

Low vacuum 

1.0 

None at normal temperature 

Beuzene . 

2.3 

Extremely small but measurable conductivity in¬ 
dicates a trace of dissociation 

Ether , . . 

4.1 

Noticeable conductivity of the dissolved electrolyte 

Alcohol . 

25 

Moderately strong dissociation 

Formic acid 

62 

Strong dissociation of dissolv^ed salts 

Water . . 

80 

Very strong dissociation 

Prussic acid 

96 

Very strong dissociation 


different solvents to test the Thomson-Nemst rule. Walden ^ 
studied a single solute, tetraethylammonium iodide, in fifty 
different solvents with dielectric constants ranging from 8 to 80. 
He found that the change in ionization was indeed striking, 
as is shown in Figure 42, where we have i.or — 

plotted his most complete series of ^ ^ * 

measurements. The abscissa represent s ^ ^ ‘ 
the dielectric constant of the medium, $ .6 - L* 
and the ordinate represent s the apparent 1 r 
degree of dissociation, a, in a one- « ^ / 

thousandth molar solution. Tlie results .2 - 
show a qualitative agreement with the / 

0 » V -1 - 1 - I I t 

Thomson-Nernst rule, but the scatter- 0 20 40 60 so 100 

. i. Dielectric Constant D 

mg of the points shows that other pjg 43 . change of a with c for 

factors — besides the value of the di- Tetraethylan^omum iodide at 
electric const ant — influence the degree 

of ionization of a substance in different solvents. One of these is 
doubtless the amount of solvation of the solute. The way in which 
it influences dissociation can best be understood when we con¬ 
sider the effect of the size of the ions upon the energy required to 
separate them. 

(3) Ion size and dissociation. Another factor which influences 
the ionization of an electrolyte is the mean ionic diameter of the 
ions or, more exactly, the closest distance to which the positive 
and negative ions can approach. This distance is designated 
by a in the accompanying figure (Fig. 43). Now if we assume 

1 Walden. Z. physik. Chem., *6, 103 (1903); HM., 64, 129 (1906). 

MOC— 16 
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that the charge of the ion is located at its center, we can show 
from Coulomb's law that the energy ^ required to separate com¬ 
pletely two charges q and g' from an initial distance a is: 


Hence, other things being equal, the dissociation energy is inversely 
proportional to the distance a between the centers of the ions. 
Salts with large ions will therefore tend to be more completely 
ionized than those with small ions. 

If an ion is hydrated in solution and sur¬ 
rounded by a firmly held shell of the solvent, 
the distance a may be appreciably larger 
than the ionic radius in the crystal lattice, 
although it is usually of the same order of 
magnitude, 10“'^ to cm. The difference 
in the effective ionic radius due to different 
Fig. 43. The Effect of Ion solvation in the various solvents may account 
for many of the differences in apparent 
degree of ionization in different solvents of nearly the same dielec¬ 
tric constant, which as we have pointed out are shown in Figure 42. 

Within the last few years Kraus and Fuoss ^ have carried out an 
experimental and theoretical study of the effect of the dielectric 
constant of the solvent and the size of the ions of the solute 
upon its ionization. While we cannot describe here their experi¬ 
mental methods and their theoretical treatment, we shall state 
some of the conclusions which they reached. The molecules 
of any liquid are in continual motion due to the thermal energy 
they possess. When the solvent molecules collide with the 
molecules of a dissolved electrolyte, they may cause them to 
dissociate into ions, provided the energy of dissociation is not 
too great in comparison with the thermal energy, which has the 
value RTj where R is the gas constant and T the absolute temper- 



‘ Energy = force X distance. In moving one charge from 

qq'dr 


to r -f dr, the 




energy = 


Dr^ • 


If we move the charge from distance i 


a to r = 00 , the energy 


1 ) 


' I wl 


hich upon integration 


gives the equation above. 

* Kraus and Fuoss, J. Am. Chem. Soc., 65, 21 (1933) : 65, 470 (19.3,3) ; 65, 1019 
(1933); 66 , 2387 (1933). A number of later articles have continued this investiga¬ 
tion. 
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ature. If the dielectric constant of the solvent is low and the 
ionic diameter of the ions is small, the energy of dissociation will 
be large, and collisions of the solvent molecules at ordinary tem¬ 
perature will cause but little ionization. Under these circum¬ 
stances the solute will be a weak electrolyte. On the other hand, 
if the dielectric constant of the solvent is large and the ions of the 
solute are also large, the energy of dissociation will be small, and 
the collisions of the solvent molecules will cause a large amount 
of dissociation. The electrolyte under these conditions will be 
highly ionized in solution. By studying a single electrolyte 
in a series of solvents with varying dielectric constants, it is possible 
to study the effect of changing dielectric constant alone, provided 
the solvation of the electrolyte does not change greatly. As a 
solvent, Kraus and Fuoss used mixtures of water, with a dielectric 
constant of 78.6, and dioxane, with a dielectric constant of 2.2. 
Different mixtures gave values of the dielectric constant vary¬ 
ing between these limits. As a solute they used tetraisoamyl- 
ammonium nitrate, which they found behaved like a strong 
electrolyte in the solutions of high dielectric constant and like a 
weak electrolyte in solutions of low 



When the dielectric constant is 2.4, the 

energy of dissociation is large, 20,000 calories. When the dielectric 
constant becomes as large as 4^3.6, the energy of dissociation becomes 
equal to the thermal energy of the solvent molecules, 596 calories 
at 25^. In such a solution, the solute is nearly completely ionized; 
for, once the ions are formed, the thermal motion of the solvent 
molecules is enough to prevent their recombination to any great 
extent. We shall return to this question in Chapter 16 dealing 
with ^'Modern Theories of Electrolytes.’^ 
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Summary 

Three lines of investigation developed the ideas of the nature of 
electrolytes which Arrhenius welded into his theory of ionization. 

(а) Electrical conductance was studied after the pioneer work of 
Nicholson and Carlisle and of Davy on electrolysis. Faraday 
discovered the laws governing the amount of electrode reaction and 
developed our present nomenclature of electrolysis. Grotthuss 
advanced the chain theory of the mechanism of electrolysis. Hit- 
torf showed that ions moved with unequal speeds. Clausius 
concluded that ionization could not he caused by the current. 
Kohlrausch studied the conductance of electrolytes and showed 
that ionic mobilities were independent in dilute solutions. 

(б) Chemical eindence. Gay-Lussac concluded that radicals 
of electrolytes were easily separated in solution because reactions 
were so rapid. Williamson postulated a continual exchange of 
radicals in solution. 

(c) Colligative 'properties. All ^^normaL^ substances (non¬ 
electrolytes) show regularity in the lowering of the vapor pressure 
and freezing point, and in the elevation of the boiling point and in 
osmotic pressure of their solutions, which were cf)rrelated by van’t 
Hoff. Electrolytes showed abnormally great effects (^ > 1). 

Arrhenius explained all the facts stated above by means of his 

theory of ionization which involves a calculation of a from -- 

Ao 

and i. He stressed the additive nature of the properties of dilute 
solution, which indicate the existence of independent ions. 
These properties include heat and volume change on neutraliza¬ 
tion, density, and conductance. 

The ions formed in solution may be determined from chemical 
or electrolytic studies. 

Nearly all salts and inorganic acids and bases are strong elec¬ 
trolytes. The value of a decreases with increasing charge of the 
ions. Many organic acids and bases are weak electrolytes. 
Arrhenius^ theory fits these weak electrolytes best. 

Solvents with high dielectric constants are good ionizing media 
because they decrease the force of attraction between the ions. 
Salts with large ions are the most completely ionized, because less 
energy is required in ionizing them than in ionizing salts with 
small ions. 
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PROBLEMS AND EXERCISES 

1. Under the three heads included in the summary, make a chart 
showing the development of the knowledge of electrolytic solutions up to 
the enunciation of Arrhenius’ theory. The chart should include dates, 
names of workers, and their contributions. 

2 . Prove the correctness of the equation i = !+(*' — l)a (a) for 
NaCl; (b) for La 2 (S 04 ) 3 ; (c) for the general case of a salt yielding v ions. 
Solve this equation for a and thus obtain the definition of the van’t Hoff 
coefficient. 

3. Some equivalent ionic conductances, in mhos, at zero concentration 
and 18® C. are given below: 

= 315.2 K+ = r>4.2 i Ca+^ = 51 

OH- == 173.8 Cl- - 65.2 i SOr" = 68 

The equivalent conductances, in mhos, of the following salts at the con¬ 
centrations named are: 

KCl (1 N) = 98.1 i CaCU (0.25 M) = 74.8 

i K 2 SO 4 (0.1 M) = 87.8 HCl (10 M) = 64.3 

KOH (1 N) - 184 i H 2 SO 4 (0.1 N) = 232.9 

Calculate a from the conductance ratio for each electrolyte listed. The 
Ao values are obtained by adding the ionic conductances. 

4. Solutions of the following electrolytes freeze at the temperatures 
indicated. Calculate i and a for each of these. 

HCI (0.2 m), - 0.708® HNO 3 (.7 w), - 2.46® 

Pb(N03)2 (1.0 m), - 2.435® MgS04 (1.4 m), - 3.01® 

NH 3 ( 0.6 m), - 1 . 2 ® FeCls (1.0 m), - 8.18® 
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CHAPTER 9 

REACTIONS ACCORDING TO THE IONIC THEORY 

Ionic Reactions. The use of the concepts and symbols of the 
ionic theory vastly simplifies the writing of equations for reactions 
taking place in aqueous solution. We may write these as reactions 
between ions. In most cases these ionic equations serve to give a 
clearer idea of the nature of a reaction and of its actual mechanism 
than molecular equations do. 

Once the ionization theory had been established with reasonable 
certainty, several reasons led to the presentation of reactions in 
solution as ionic rather than molecular. First, Arrhenius’ con¬ 
clusions indicated that the reacting system was composed pre¬ 
dominatingly of ions rather than molecules in the solution. 
Second, most reactions of inorganic solutes in a(}ueous solutions 
were known to be extremely rapid, whereas reactions involving 
nonpolar solutes were generally slow. Third, substances belonging 
to a given type (acid, base, or salt) showed chemical reactivities in 
proportion to the conductances of their solutions. Finally, similar 
reactions gave approximately equal thermal effects. 

Water has long been recognized as a powerful catalyst in pro¬ 
moting inorganic reactions. Dry chlorine does not bleach organic 
coloring matter, nor does it attack Dutch metal; if moisture be 
added, both reactions proceed vigorously. Dry hydrogen chloride 
will not act on sodium, nor will it react when mixed with carefully 
dried ammonia. Sodium bicarbonate (baking soda) will remain 
for a long time mixed with such acidic substances as sodium 
bitartrate, aluminum sulfate, or sodium dihydrogen phosphate, 
without any deterioration of the mixture as a baking powder, 
provided the materials are kept dry. The addition of water is 
attended by a brisk evolution of carbon dioxide. Dry iron does 
not rust even in contact with pure oxygen. Mercuric chloride 
may be mixed in a mortar with potassium iodide without notice¬ 
able reaction, but the addition of even a drop of water results 
in the formation of the bright red precipitate of mercuric iodide. 
The explanation now generally accepted is that the “catalytic” 
effect of moisture in these and in similar cases is due to its ionizing 
effect on the reactants. 
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In the great majority of cases, then, we accept the dictum that 
reactions involving polar substances in aqueous solution are 
reaction between iom” The statement applies to ordinary 
laboratory tests. When silver nitrate is added to a solution, the 
production of a white precipitate insoluble in nitric acid is not a 
test for the presence of chlorine; it is a test for the presence of 
chloride ion. Silver nitrate added to potassium chlorate solution 
produces no such precipitate. Likewise, lead acetate does not 
always form a black precipitate in a solution of a salt containing 
sulfur. Sulfate and sulfite give no such precipitate; it is produced 
only when sulfide is present. 

In this chapter we shall apply the ionic theory to interpret 
various types of reactions taking place in solution. Of course we 
must know the chemical facts — the reactants and products of a 
reaction — in order to write an ionic equation, just as we must 
know the facts in order to write a molecular equation. The ionic 
equation then allows us to express these facts concisely and in 
a way which often indicates the probable mechanism of the 
reaction. Reactions of the more familiar types will receive only 
brief treatment; others, less familiar, will be considered in more 
detail. 

Neutralization. When hydrochloric acid is neutralized with 
sodium hydroxide we write the molecular equation for the reaction 
thus: 

NaOH + HCl —NaCl + H^O 

In terms of ions, since sodium hydroxide, hydrochloric acid, and 
sodium chloride are all strongly ionized, we write: 

Na+ + OH" + + Cl~ —Na+ + Cl" + H^O 

The water is ionized only to a very slight extent, so we write for 
it. the molecidar formula. Now when a substance appears on both 
sides of an equation, it is customary to assume that it takes no 
part in the reaction and so it may be omitted. Hence the equa¬ 
tion simplifies to: 

IP + OH - —^ HaO 

If some other acid and some other base be taken, say sulfuric acid 
and potassium hydroxide, we write: 

2 KOH + H,S04 —^ K2SO4 + 2 H2O 
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Rewriting to show the ionization of the polar compounds present 
and again canceling terms that appear on both sides of the equa¬ 
tion, we have: 

2H+ + 20H-—>-2HjO 

or putting it into its simplest form: 

H+ + OH-—j-HaO 

The actual reaction is apparently the same as in the former instance. 

The correctness of the conclusion to be drawn from these two 
illustrations is clearly demonstrated by the thermal effects of 
neutralization. The experimental data show that in dilute solution 
the heat effect of neutralization is nearly independent of the acid 
or base used, provided they are strong, and therefore indicate 
that the reaction is the same in all cases, viz.: 

H+ + OH-—^H20 + 13.65 Kal. 

As we have already mentioned in Chapter 8, Arrhenius, in 
1887, called attention to the fact that the heats of neutralization 
of strong acids with strong bases were all approximately the same, 
about 13.7 Kal. (See Table 53, page 202.) He used this fact to 
support his contention that the reactions in all such neutralizations 
are the same, merely the union of one gram equivalent of hydrogen 
ion from the acid with one gram equivalent of hydroxyl ion from 
the base to form one mole of water. The divergence from the value 
13.7 Kal., in the case of a weak electrolyte, like acetic acid, which 
gave the value 13.3 Kal., was ascribcnl to the ionization beang 
only partial; neutralization was accomplished while considerable 
unionized solute still remained in the solution. 

Modem research carried out with greater precision has served 
to substantiate Arrhenius^ idea and to make its verity more cer¬ 
tain. Richards and his co-workers have detennined very accu¬ 
rately the heats of neutralization of various acids and bases at 
different concentrations. In the case of strong acids and strong 
bases they have found that the heats of neutralization, although 
not equal at the higher concentrations, diminish and converge as 
the concentration becomes less and as the heat of dilution becomes 
smaller. On the contrary, in the case of the weak electrolyte, 
acetic acid, the heat of neutralization increasc'.s as the concentra¬ 
tion becomes less. The most striking result of this important 
series of investigations was that when the curves for the heats of 
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neutralization of strong acids with strong bases, on the one hand, 
and that for the heat of neutralization of acetic acid with a strong 
base, on the other, were extrapolated i4.i 
to the zero concentration axis, they 
became coincident at a point corre¬ 
sponding to a heat of neutralization of 
13.65 Kal. This must mean that the 
heat of rieutralization of 1 gram equiva¬ 
lent of hydrogen ion with 1 gram 
equivalent of hydroxyl ion, i.e., the heat 
of formation of 1 mole of water from 
its ions in very dilute solution, 

13.65 Kal., and so we may write : 

+ OH- —IW + 13.65 Kal. 

(Sec Table 57 and Plgure 45.) 

Displacement Reactions. (1) Displacement of metal hy metal. 
When a sheet of aluminum is immersed in cupric sulfate solution, 
copper is deposited and aluminum passes into solution. Similarly, 
copper will displace silver from silver nitrate solution, zinc will 
displace lead, and so on. In each case, the anion makes no dif¬ 
ference^ provided the salt is soluble. These facts are expressed 
by the ionic equations: 

2 A1 + 3 Cu+ + —3 Cu 1 + 2 A1+++ 

Cii + 2 Ag-^ —>■ 2 Ag \ + Cu‘^ + 

Zn + Pb^ + —>- Pb>f + Za-^+ 


0.1 0.2 03 0.4 0.5 0.6 
M (Cone, of resulting salt) 

Fig. 45. Heats of Neutralizatioii 
at Different Concentrations. 


TABLE 57 

Heats of Neutralization at Various Concentrations of Reactants ' 


M()le8 Water 
PER Mole oi' 
Reagent 

Muleb Water 
PER Mole of 
Product 

Heats of Neutralization (20®-Kal.) 

NaOH + HCl 

NaOH 4- 
HNOj 

NaOH + 
H.CiH,02 

25 4- 25 

51 

14.260 Kal. 

14.034 Kal. 

- Kal. 

50 + 50 

101 

14.026 

13.902 

13.390 

100 -f 100 

201 

13.924 

13.851 

13.473 

20 () -h 200 

401 

13.854 

13.804 

13.524 

4(X) 4- 4{)() 

801 

13.794 

13.769 

13.563 

800 -f 800 ' 

1601 

— 

— 

13.566 

00 -}- CO 

00 

13.05^ 

IS.65^ 

\ 

IS.as* 


> Richards and Hall, J. Am. Chem. Soc.. 61, 731 (1929); Richards and Mair. 
ibid., 61, 737 (1929); Richards and CJucker, tbid., 51, 712 (1929). 

* Values extrapolated to infinite dilution. 
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In such displacements the metal immersed in the solution of a 
salt of a less active metal assumes the charge initially carried 
by the metal ion in solution. More precisely, the atom of one 
metal loses electrons to the ion of the other. The former becomes 
ionic and the latter atomic. Copper, for example, loses two elec¬ 
trons per atom which are taken up by two silver ions. The copper 
atoms become cupric ions, and the silver ions thereby become 
silver atoms and deposit. 

(2) Displacement of hydrogen by metals. When a metal reacts 
with an acid, evolving hydrogen, the reaction, according to the 
ionization theory, is merely one between the atoms of the metal 
and hydrogen ions. When, for example, zinc reacts with any 
acid, displacing hydrogen, we may write the reaction ionically: 

^ + 2 H+ —H 2 -f + Zn*'' + 

Similarly, when aluminum reacts with an acid we have: 

2Al + 6H+—J-3H2I + 2AD++ 

In such cases we assume that the metal atoms have lost electrons 
which the hydrogen ions have taken on to form hydrogen atoms. 
Pairs of these atoms then unite to form hydrogen molecules. 

(3) Displacement of nonmeial by nonmetal. Chlorine solution 
added to a solution of any bromide, iodide, or sulfide liberates 
bromine, iodine, or sulfur, as the case may be; bromine, likewise, 
sets free iodine or sulfur; iodine solution added to the solution 
of a sulfide becomes decolorized and precipitates sulfur. Ionic 
equations for some such effects are: 

CI 2 + 2 I”—^-I2 + 2C1- 
Br^ + S——+ 2Br- 
I 2 + VS--—)-sj + 2T- 

Thermal data for a series of reactions like those between chlorine 
and various iodides corroborate the ionic formulation. Richards 
calculated the following results from a series of reactions (carried 
on in dilute solutions in all cases to avoid complicating heats of 
dilution). 

CI 2 + 2 HI —2 HCl + I 2 + 52.10 Kal. 

CI 2 + 2 KI —2 KCl + I 2 -1- 52.10 Kal. 

Here, as in the case of neutralization, and in other similar cases, 
the equality in heat effects indicates identity of reactions, viz.: 

CI 2 + 2 I- —^ 2 Cl- + I 2 + 52.10 Kal. 
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Metaihetical (Double Displacement) Reactions. (1) Metor 
theticol reaction with formation of a precipitate. Examples of such 
reactions are the precipitation of silver chloride when a silver 
salt solution reacts with a chloride, of silver chromate when a 
silver salt reacts with a chromate, or of barium sulfate when a 
barium salt reacts with a sulfate. The ionic equations are: 

Ag-^ + Cl-—^AgCl| 

Ba+ + SO 4 - - —BaS 04 >1^ 

2 Ag+ + Cr04" - —^ Ag2CrQ4 1 

( 2 ) Metathetical reaction with formation of a gas. As an illustra¬ 
tion of this we may take the action of hydrochloric acid on 
sodium carbonate : 

2 HCl + NaaCOs —>• 2 NaCl + H 2 O + CO 2 + 

Here we have: 

2 + 2 Cl” + 2 Na-^ + CO 3 ' ” —2 Na*^ + 2 Cl~ + H 2 CO 3 

followed by: 

H 2 CO 3 —>-H 20 + CO 2 I 

But, as we should expect from this formulation, any strong acid 
will react with any soluble carbonate, thus: 

2 H+ + COs— —>■ H 2 CO 3 —H 2 O + CO 2 + 

(3) Reaction forming neither a precipitate nor a gas. When in the 
laboratory we add a dilute solution of barium chloride to one of 
sodium nitrate and obtain no precipitate, we note as the result, 
‘'No reaction.'' In all probability the result noted is literally 
true. Rewriting the equation : 

Bad, + 2 NaNOa-^- Ba(N 03)2 + 2 NaCl 

in ionic form we have : 

Ba+ + + 2 Cl- + 2 Na+ + 2 NO 3 - Ba^+ + 2 Cl" + 2 Na+ + 2 NOs” 

After canceling out terms appearing on both sides, reagents that 
are not changed in the reaction, we have nothing left. This 
conclusion as to the nature of the reaction, or lack of it, in such 
cases is substantiated by the thermal effect. If no precipitate, 
no gas, and no water or other weakly ionized substance is produced 
in the reaction, there is no appreciable heat effect; mixing dilute 
solutions at the same temperatures is attended by practically no 
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temperature change. This was at one time formulated as the 
law of thermal neutrality. A reaction that takes place with no 
thermal effect is rare indeed; certainly in most cases we may say 
that if there is no heat effect there is no reaction. 

Reactions of the three foregoing general types are ordinary 
reactions; they are familiar from frequent performance in the ele¬ 
mentary laboratory and in qualitative analysis. Other types 
which are to be discussed, although occasionally encountered in 
elementary work, are much less famihar and require more detailed 
treatment. Learning them may involve learning the facts as well 
as something of the mechanism. These other types are: hydrolysis 
of saUSy amphoterism, complex ion formaiiony oxidation-reduction 
reactionSy and certain miscellaneous solution effects that are classed 
under the common-ion effect and formation of weak electrolytes. 

Hydrolysis of Salts. If we add various solid salts to distilled 
water and test the resulting solutions with litmus or some other 
acid-base indicator,^ we find that some of them are acidic, others 
neutral, and others basic. Some such effects are listed in Table 58: 


TABLE 58 
Hydrolysis of Salts 


Acidic Reaction 

Neutral Reaction 

Basic Reaction 

HgCL 

KNO3 

KCN 

CuS04 

NaCl 

Na2C03 

ZnS04 

Na2S04 

NaC2H302 

NH4CI 

KI 

NasPOi 


We see that those salts which give neutral solutions are made from 
a strong acid and a strong base, those that give acidic solutions 
from a strong acid and a weak base, and those that give basic solu¬ 
tions from a weak acid and a strong base. This is the key to the 
explanation. For these effects the ionic theory affords a simple 
and satisfactory explanation. Let us consider from this stand¬ 
point a case showing each effect. 

Cupric nitrate solution is distinctly acidic. The salt is strongly 
ionized. Water, although a very weak electrolyte, is ionized 
to a slight extent (see page 267) as indicated by the different 
lengths of the arrows in the equation: 

H 2 O H+ + OH- 

^ The “ B. D. H. universal indicator ” gives very satisfactory results. 
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Consequently, we have as our complete system the following 
ionic equilibrium diagram involving two equilibrium equations: 

Cu(N 03)2 —^ Cu++ + 2 NO,- 

+ 

2 HtO 2 OH- + 2 H+ 

I 

Cu(OH)2 

As this diagram indicates, the cupric ion unites to some extent 
with the hydroxyl ion to form the weakly ionized cupric hydroxide. 
The result of this is that the solution instead of containing equal 
numbers of hydrogen and hydroxyl ions in a given volume as does 
pure water now contains fewer hydroxyl than hydrogen, the excess 
hydrogen ions accounting, obviously, for the acidic reaction. 

Potii^ssiurn cyanide solution reacts strongly basic. The salt is 
assumed to be almost completely ionized in solution, and so we 
have the equilibria: 

KCN—K-^ + CN- 
-f 

H^O OH- + 

^1 

HCN 

The hydrox>d ion concentration is changed but slightly, if at all, 
by the presence of potassium ions since potassium hydroxide is a 
strong base. Hydrocyanic acid, on the contrary, is an extremely 
weak acid, very slightly ionized. There is a strong tendency for 
the molecular hydrocyanic acid to form, as the longer arrow shows; 
this removes hydrogen ion from the solution, leaving an excess of 
hydroxyl ions, which give the basic reaction. 

A salt made from a strong acid and a strong base, like sodium 
chloride, gives a neutral reaction; and this is indicated by the 
equilibria: 

NaCl—^-Na^ + Cl- 
H2O OH- + H+ 

Neither the sodium nor the chloride ions react to any extent with 
the hydroxjd or hydrogen ions since both sodium hydroxide and 
hydrochloric acid are strong electrolytes. No excess of either 
H-^' or OH“ remains in solution, i.e., the solution is neutral. 
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If a salt is formed from a weak acid and a weak base, its solu¬ 
tion may react acid, basic, or neutral, depending upon the rela¬ 
tive strengths of the acid and base concerned. In a solution of 
ammonium acetate, for example, the equilibria below are probably 
set up. As the long arrows indicate, there is considerable ammo¬ 
nium hydroxide and acetic acid present even though the solution 
is very nearly neutral. In other words, hydrogen and hydroxyl ion 
have disappeared from the solution in amounts so nearly equal 
that there is not sufficient excess of either one to affect the indi¬ 
cator 

NH 4 .C 2 H 3 O, — NH.+ + CjHaOr 

+ + 

HaO OH- + H+ 

1 I 

NH 4 OH H.C 2 H 3 O 2 

It is worth noting in this same connection that the heat of neutral¬ 
ization of ammonium hydroxide with acetic acid is about 12.0 KaL, 
considerably less than that evolved upon the formation of 1 mole 
of water from its ions. Ammonium carbonate solution and 
ammonium sulfide solution are distinctly hade since ammonium 
hydroxide is stronger as a base than carbonic acid or hydrogen 
sulfide is as an acid. 

Trisodium phosphate, Na 3 P 04 , gives a strongly basic solution ; 
disodium acid phosphate, Na 2 HP 04 , gives a solution that is also 
distinctly basic; the third salt of phosphoric acid, sodium dihydro¬ 
gen phosphate, gives, as should be expected, an acidic solution. 
Sodium carbonate gives a strongly basic solution; sodium bicar¬ 
bonate, or acid carbonate, in solution is not acidic but weakly 
basic. 

The hydrolysis of salts of bismuth and antimony calls for special 
treatment. When water is added to a salt of either metal, the 
corresponding oxysalt is produced as a fine white precipitate, and 
a solution is obtained with a strongly acid reaction. Here, as in 
other cases, the ionization theory serves to interpret the facts and 
explain how the reactions may take place. We must assume that 
the ionization of the salt, c.g., bismuth chloride, is nearly com¬ 
plete, thus furnishing a large concentration of bismuth ions. These 
unite with the hydroxyl ions furnished by the water and with 
chloride to form the basic salt Bi(OH) 2 Cl. This salt loses water 
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to foma the oxysalt, bismuthyl chloride, BiOCL These steps are 
represented by the following ionic equations : 

Bids—^-Bi^++ + 3C1“ 

H20-^H+ + 0H- 

Bi+++ + Cl- + 2 OH"::^ Bi(OH)-Cl =^ BiOCl | + H*0 

As we can see from the foregoing discussions, hydrolysis of a salt 
is a double decomposition reaction with the ions of water. Since 
the ionization of water increases as the temperature is raised, we 
should expect hydrolysis to be greater at high temperatures. More¬ 
over, since we can represent the hydrolysis of a salt (MX) by the 
molecular equation : 

MX + H 2 O MOH + HX 

and since the concentrations of the products of hydrolysis decrease 
as more water is added, we should expect that hydrolysis would be 
favored by dilution. Both temperature rise and dilution have the 
expected effects, as may be shown by the following experiments: 
When a concentrated ferric nitrate solution is heated to boiling, 
the color darkens, but no precipitate appears. When some of the 
same ferric nitrate solution, cold, is diluted with a lot of water, a 
precipitate may form but only slowly. If the same ferric nitrate 
solution is, however, heated and diluted with hot water, a heavy, 
light-brown precipitate forms at once. In this case neither heat 
alone nor dilution alone had much effect, but heat and dilution to¬ 
gether greatly increased the extent of the hydrolysis. The pre¬ 
cipitate is not ferric hydroxide but a basic ferric nitrate. The 
hydrolysis reaction is similar to that for bismuth chloride. 

Another simple experiment shows that even a salt of a strong acid 
and a strong base, e.g., sodium chloride, hydrolyzes under certain 
conditions. Sodium chloride is fused in a crucible, and water is 
added drop by drop for 2 or 3 minutes, care being taken to keep 
the liquid salt at a temperature somewhat above the melting point 
of sodium chloride, 804° C. When the residue is cooled and dis¬ 
solved in water, the solution is basic enough to turn phenolphthalein 
indicator red. Here the salt has hydrolyzed because the small 
amount of hydrogen chloride formed has escaped as a gas; this leaves 
in the residue sodium hydroxide, which is not volatile, and the OH” 
from which accounts for the basic reaction. Thus we have: 
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NaCl—^Na+ 
HjO-^OH- 


Amphoterism. A type of reaction encountered rather frequently 
in analytical chemistry depends upon the property known as am- 
photerism, the ability of a hydroxide to function either as an acid or 
€L8 a base, i.e., to yield in solution both hydroxyl and hydrogen ions. 
Certain familiar effects are explainable on the basis of this property. 
Thus the addition of a small amount of sodium hydroxide solution 
to the solution of a zinc salt produces a precipitate of the nearly 
insoluble zinc hydroxide, which disappears either upon the addition 
of more sodium hydroxide or upon the addition of an acid. This 
dual character of zinc hydroxide of dissolving in base or in acid is 
due to the fact that zinc hydroxide is markedly amphoteric. In ac¬ 
cordance with the ionization theory we postulate the existence in 
the solution of the equilibria: 

Zn+-^ 4- 2 OH- =;?r^ Zn(OH )2 -f HZnOr 

We must not suppose that the zinc hydroxide ionizes in both ways 
to an equally great extent. Ionization as a base probably exceeds 
ionization as an acid. But the solution probably contains, never¬ 
theless, both OH*“ and due to these two ionizations. This is not 
so paradoxical as it might seem at first thought, for we know that 
water yields both and OH". In this sense water may be classed 
as amphoteric. In all cases, however, the relative concentrations 
of H+ and OH" cannot exceed at 25® those required by the 
relationship explained on page 266: 

[Hi[OHi - Ku, = 10-^4 

In the case of zinc hydroxide, and in other cases of amphoterism, 
making the solution strongly alkaline favors the ionization of the 
hydroxide as an acid, i.e., drives the equilibrium to the right 
This is both because the H"^ is removed to a large extent to form 
water: 

+ 0R-z^}i,0 

and because the left-hand equilibrium is repressed by the increased 
concentration of the OH", If, on the contrary, the solution is made 
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strongly acid, the basic ionization of the Zn(OH )2 is favored, t.e., 
the equilibrium is shifted to the left. This is due both to the re¬ 
moval of the OH“ to form water and to the repression of the acidic 
ionization due to high H+ concentration. 

In qualitative analysis and occasionally also in quantitative 
analysis we meet with examples of amphoterism like the following: 

When concentrated sodium hydroxide solution, first in very 
small amounts and then in excess, is added to separate solutions of 
zinc sulfate, lead nitrate, stannous chloride, and cupric sulfate, 
the hydroxide in each case precipitates. The hydroxides of zinc, 
lead, and tin that were first formed readily dissolve; the light blue 
precipitate of cupric hydroxide dissolves to some extent to a dark, 
purple-blue solution. In the case of the lead solution, the lead ions 
unite with hydroxyl: 

Pb+ + + 2 OH- —]^(pH)21 

and the following equilibria are thereupon set up: 

Pb+ + + 2 OH- Pb(OH )2 H + -f HPbOr 

Excess base favors acidic ionization, shifting the equilibrium to the 
right hand side. If the excess be sufficiently great, the precipi¬ 
tate entirely disappears. The IIPb02"” (plumbite) corresponds 
to the acid (hydroxide) Il 2 Pb 02 , plumbous acid, and to the 
salt, NaHPb02, sodium plumbite. This acid is thought to be 

O 

plumbo-formic acid, H.Pb^ 

OH 

The hydroxides of zinc, tin, and copper probably form ions of 
the same form as the HPb 02 '', viz., HZn 02 ~ (zincate), HSnO^'’ 
(stannite), corresponding to NaHSn02, sodium stannite, a power- 
^ful reducing agent, and possibly HCu 02 ’‘. 

When concentrated sodium hydroxide solution is added, first in 
small amounts and then in excess, to solutions of salts of the tri- 
valent metals, aluminum, chromium, antimony (antimonous), and 
arsenic (arsenious), a precipitate first forms except in the case of 
arsenic. This precipitate redissolves in excess reagent. It is 
probable that in all four cases the final product is a univalent 
ion of the form MO 2 "". Its mode of formation may be represented 
thus: 

+ 3 OH-—>- A1(0H) 3| 


Mac— 16 
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The aluminum hydroxide sets up the equilibria: 

A 1 +++ + 3 OH- Al(OH) ,-^ H+ + A 1 ( 0 H), 0 - 

ILh-AIO,- + H .0 

Basic ionization will be favored by addition of an acid, and hence 
hydrochloric acid will dissolve the hydroxide. Acidic ionization 
will be favored by the addition of a base, and hence the precipitate 
will be dissolved by sodium hydroxide. The ion AlOa" (metalumi- 
nate) corresponds to the metaluminic' acid, HAIO2, which has not 
been isolated, and to the salt, NaAlOa, sodium mctaluminate, 
which is present in the residue when the solution is evaporated. 
Similarly, chromic salts yield chromite ion, Cr02“, corresponding 
to sodium chromite, NaCr02; antimony salts yield antimonite 
ion, Sb02~, corresponding to sodium antimonite, NaSb02; and 
arsenious chloride yields arsenite ion, As02“, corresponding to 
sodium arsenite, NaAs02. 

When sodium hydroxide solution is added to a solution of stannic 
chloride, a precipitate appears, which di.ssolves with excess reagent. 
Here we may assume the reaction: 

Sn+ + + + + 4 OH- —Sn(OH)4| 


and the stannic hydroxide so formed sets up the equilibria: 

Sn+ + + + + 4 OH- Sn(OH) 4 ID + SntOHljO- 

LL HSnOa- + H 2 O 

The stannate ion, SnOa , corresponds to the salt Na2Sn03, sodium 
stannate. The corresponding acid, IhSnOs, stannic acid, as well 
as the parent hydroxide, Sn(OH)4, has not been isolated as such 
but only as a substance of indefinite composition represented by 
Sn02.a:H20. No stable plumbic salts are known but acidic proper¬ 
ties are exhibited by the dioxide. When lead dioxide is warmed 
with concentrated sodium hydroxide solution, it goes into solution, 
possibly forming the plumbate ion, HTbOj-, corresponding to the 
salt sodium plumbate, NaHPbOa. The reaction may be repre¬ 
sented : 

Pb0 2 -i- OH- HPbOr 

1 The ortho acid would be HsAlOg, from which the least hydrated (hence meta- 
acid) HAlOj is formed by dehydration. 
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The pentavalent hydroxides of arsenic, antimony, and bismuth 
are unstable, as is well known, losing water of constitution. The 
first two are predominantly acidic and in basic solution yield as 
ions As 04 and Sb 04 . In the presence of excess strong acid 
they yield the ions As"^-^*^++ and in concentrations suffi¬ 

cient to precipitate the corresponding sulfides with hydrogen 
sulfide. 

Amphoterism and the Periodic Table. The first system for the 
classification of the elements which the student probably met in the 
early weeks of the elementary course in chemistry was based upon 
the acid-forming or base-forming properties of their oxides. We 
have already discussed this classification in Chapter 1 (pages 5 and 
6 ). An element of which the oxide reacts with water to give a base is 
metallic; one of which the oxide reacts with water to give an acid 
is nonmetallic; one of which the oxide reacts with either a base or 
an acid to form a salt and water is metalloidal. In Mendel^eff^s 
periodic table the strongly metallic elements are found in the groups 
on the left; the strongly nonmetaUic in the groups on the right. The 
metallic character of the elements in a particular group increases 
as we go down (towards the heavier members), while the non¬ 
metallic character increases as we go u'p. The metalloidal elements 
occur in the middle groups. Among these are antimony, arsenic, 
zinc, lead, and tin, the hydroxides of which, as we have seen, are 
most conspicuously amphoteric. Hence we see that amphoterism 
of the hydroxides is an illustration of the metalloidal character of 
the elements concerned. W^e may say that an amphoteric hy¬ 
droxide is the hydroxide of a metalloidal element. Its distinguishing 
characteristic is that it yields both hydrogen and hydroxyl ions in 
solution. 

Just as it is difficult to say exactly where in our list of elements 
metallic properties end and nonmetallic properties begin to appear, 
so is it difficult to place exact limitations upon the existence of 
amphoterism. It is possible that even strong acids, like nitric and 
sulfuric, yield a very low concentration of hydroxyl ions at the same 
time as the very high concentration of hydrogen ions. There is 
reason to believe that the OH group exists as such in the molecules 
of these acids, at least when they are dissolved in organic, non¬ 
ionizing, solvents. Thus, sulfonyl chloride, SO2CI2, and nitryl 
chloride, CINO2, are formed when carefully dried sulfuric and 
nitric acids respectively are treated with phosphorus pentachloride 
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or phosphorus trichloride, two powerful reagents much used in 
organic chemistry to test for the OH group. These compounds 
may be formulated thus; 


O OH 


0 
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V 
/ \ 


OH 
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N—OH 



0 Cl 

\ / 
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Z' \ 


O Cl 
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N--C 1 



Two elements, zinc and aluminum, react readily with a strong 
solution of sodium or potassium hydroxide liberating hydrogen. 
The mechanism of the reaction is somewhat obscure, but it must be 
bound up in some manner with the markedly amphoteric character 
of the hydroxides of the zinc and aluminum. It is possible that the 
zinc, for example, first displaces hydrogen from the ionization of the 
water: 

^ + 2H'^—>-Zn++ + H2| 

and that as rapidly as the Zn"^ is formed it is removed by the excess 
OH"", thus : 

Zn++ -f 2 OH- —>• Zn(OH )2 —>• H+ + HZnOr 

thus permitting the evolution of hydrogen to take place continu¬ 
ously. In the absence of a strong base the zinc or aluminum 
hydroxide may prevent continuous action by the formation of an 
insoluble protective coating on the metal. 

Complex Ion Formation. Under this heading we shall treat 
compounds and reactions which figure prominently in qualitative 
and quantitative analytical procedure and in other branches of 
chemistry. From the ensuing discussion we shall see that certain 
reactions, hitherto regarded as peculiar and quite set apart from 
the ordinary reactions of analytical chemistry and with no apparent 
resemblances among themselves, actually have much in common. 
The ionic method of representation permits us to classify them 
and enables us to acquire easily a comprehensive view of this im¬ 
portant section of inorganic chemistry. 

The various effects to be studied here may be classified as the 
formation of ( 1 ) complex cations from a cation and (a) ammonia, 
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( 6 ) a substituted ammonia, or (c) water; ( 2 ) complex anions from 
a salt and (a) cyanide, ( 6 ) thiocyanate, (c) halide, or (d) sulfide; 
( 3 ) complex ions or compounds from a cation and an organic anion: 
(a) ferri-oxalate ion, (b) Fehling^s solution, (c) biuret complex, 
(d) nickel dimethylglyoxime. 

Axmnonia Complexes. When fairly concentrated ammonium 
hydroxide solution is added in small amounts to a solution of cupric 
sulfate, a light blue precipitate of cupric hydroxide comes down. 
With excess of the reagent the Ught blue precipitate gives place to 
a purple blue solution. Very dilute ammonium hydroxide gives 
with silver nitrate solution a brownish precipitate, easily dissolved 
by excess of the reagent to form a colorless solution. Similar 
effects — a precipitate dissolved by excess of ammonium hydroxide 
solution — are obtained with salts of cadmium, zinc, and nickel; 
cobalt salts might be included, but the complexes first formed 
undergo oxidation to produce “cobaltammines^' — very stable 
complexes of Co**”'""*’. If dilute nitric acid be carefully added to 
the solution containing excess ammonium hydroxide, the effects in 
each case (except that of cobalt) will be reversed; in the case of 
copper the light blue cupric hydroxide will be reprecipitated and 
will then redissolve in excess acid. 

To represent such changes in terms of the ionization theory, we 
assume the presence in the ammonium hydroxide solution not only 
of ammonium hydroxide and its ions but of dissolved ammonia also. 
This fact has been reasonably well established. It may be con¬ 
firmed by holding a bottle of ammonium hydroxide solution 
(carefully!) under one's nose. Consequently we may assume the 
equiUbria : 

NHj + H 2 O NH 4 OH :±=^ NH 4 -^ + OH- 

As the relative lengths of the arrows indicate, the concentration of 
ammonia is probably considerably greater than that of ammonium 
hydroxide. The ammonium hydroxide is fairly highly ionized, but 
is present to such a slight extent that the hydroxyl ion concen¬ 
tration is relatively low. In dilute solutions the concentration of 
dissolved ammonia is probably much less, relatively, than in con¬ 
centrated solutions. 

In recent years a very different view as to the mechanism of the 
reaction of ammonia with water has gained credence. According to 
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this the ammonia does not react with molecular water but directly 
with from the water. Thus: 

H20'^H+ + 0H- 

and NH 8 + H+=^NH 4 + 

Consequently the ammonium ion may be regarded as an ammonia 
complex and may be written H(NH3)+. 

When ammonium hydroxide solution in small amounts or in low 
concentration is added, for example, to cupric sulfate solution, the 
concentration of OH- probably predominates over that of NHa, 
and consequently the main reaction is the formation of cupric 
hydroxide. With excess ^ concentrated reagent the high concen¬ 
tration of ammonia converts almost all the cupric ion into the 
cupri-ammonia complex ion with the consequent disappearance of 
the precipitate. These effects are represented ionically as follows: 

+ 2 0H":^Cu(0H)2| 

+ I.. 

4NH3 j 

I i 

Cu(Nl-l3)4+ + 

The high concentration of ammonia brings about the shifts in the 
equilibria indicated by the dotted arrow, thus accounting for 
the disappearance of the precipitate and the almost complete 
removal of cupric ions. That the cupric ions are not entirely 
removed is easily shown by the addition of hydrogen sulfide; 
cupric sulfide is at once precipitated : 

Cu++ + S——>-CuS| 

The addition of strong acid to the cupri-ammonia solution results 
in the removal of OH~, the further ionization of the ammonium 
hydroxide with a consequent decrease in ammonia concentration 
and the disappearance of the color of the complex ion. Cupri- 
ammonia sulfate, Cu(NH 3)4S04, is obtained readily from the 
solution containing the complex ion, as a dark blue crystalline 
substance. 

In the case of the argentammonia complex ion two ammonia 
molecules are combined with the silver ion, Ag(NHa) 2 +. In 
general the number of ammonia molecules combined vnth the metal ion 

• Exce»8 of a reagent will be indicated in equilibria by the uee of bold face type. 
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is tvrice the valence of the latter. The valence of the complex is the 
same as that of the original ion. Thus we have: 

Ag^ _^Ag(NHa)2+ 

Cu-^ —^Cu(NH3)2+ 

Cu-^-^—>-C u(NH3)4++ 

Zn++ —Zn(NH3)4‘^‘^ 

Ni^-+ —Ni(NH3)4''+ and Ni(NH8)6++ 

These are by no means the only ammonia complexes; they are 
among the most common and the most readily recognizable ones. 
Other cations such as Ca"^ probably form complexes of the same 
sort. Evidence for this in the case of calcium is the fact that when 
calcined calcium chloride is used in the attempt to dry ammonia 
gas the gas is absorbed to form CaCE.S NH3. Ammonia complexes 
formed from the ions of cobalt, iridium, palladium, rhodium, and 
platinum also arc well known. 

Substituted Ammonia Complexes. One or more of the hydrogen 
atoms of ammonia may be substituted by organic groups, such as 
ethyl, C2H5, to form amines^ like ethylamine, C2H5NH2. The 
amines retain to a large extent the characteristics of ammonia and 
like ammonia form complexes with metal cations. If, for example, 
ethylamine solution is added to a solution of cupric sulfate, the light 
blue cupric hydroxide is precipitated and with excess ethylamine is 
redissolved to a deep blue solution, the complex, Cu(C2H5.NH2)4'‘’‘^, 
probably bcang formed. 

Water Complexes. A salt hydrate may be regarded as belonging 
to the class of complexes. The type of valence operative between 
w^ater and sodium sulfate in the decahydrate is almost certainly 
the same as that which holds the ammonia in the cupri-ammonia 
complex. It is possible that if our analytical reactions were 
carried out in an environment of some other solvent instead of water 
the formation of aquo complexes would take place in a manner 
similar to the known formation of ammonia complexes in aqueous 
solutions. 

A particularly interesting aquo complex that many chemists 
believe to be formed has the composition represented by H(H20)+ 
or the oxonium ion. It is thought that this is formed when 

hydrogen ion, is set free by the ionization of an acid: 

HC 1 —^H+ + C 1 - 
H+ + H 20 qF^H(H 20 )+ or 
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This is analogous to the reaction; 

H+ + NH8=?r^NH4^ 

One argument in favor of this view is that (which represents 
merely a proton) is so extremely small compared to any other ion 
that it would show enormously greater speed than other ions 
when solutions are electrolyzed. It would also be expected to show 
far greater chemical activity than the hydrogen from acids actually 
does exhibit. 

Cyanide Complexes. When concentrated potassium cyanide 
solution is added in small amount to a solution of silver nitrate or 
zinc nitrate, a white precipitate of the cyanide is produced: 

Ag-^ + CN" AgCN I 

+ 2 CN~ Zn(GW _2 + 

When the reagent is added in excess, each of the precipitates dis¬ 
solves, an effect represented by the equations: 

AgCN -f CN- Ag(CN) 2 - 

Zn(CN )2 + 2 CN- Zn(CN) 4 — 

The argenticyanide complex ion, Ag(CN)2'", corresponds to the salt 
KAg(CN); the zincicyanide complex ion, Zn(CN)4'"” to the salt 
K2Zn(CN)4. In these two cases, it will be noted, the total number 
of cyanide ions combining with the metal ion to form the complex 
is twice the valence of the metal ion; this is generally, although not 
always, the case. The cyanide complex ions are for the most part 
quite stable, and by the use of a large excess of potassium cyanide 


TABLE 59 

Cyanides and Cyanide Complexes 


Ion 

Cyanide 

Complex 

Ag;J; 

ArCN 

Ag(CN)r 

Cu-^ 

CuCN 

Cu(CN)3-'' 

Au"^ 

AuCN 

Au(CN)2- 

Cd-^^ 

Cd(CN)i 

Cd(CN)4— 

Pt++ 

Pt(CN)2 

Pt(CN)4— 

Zn++ 

Zn(CN)2 

Zn(CN)4— 

Pb++ 

Pb(CN)2 

Pb(CN)4~~ 

Co++ 

Co(CN)2 

Co(CN)«- 

Ni++ 

Ni(CN)2 

Ni(CN)4-" 

Fe++ 

Fe(CN )2 

(^o(CN)3 

Fe(CN), 

Fo(CN)r 

Co++ + 

C()(CN)r-“ 

Fe+++ 

Fe(CN)r — 
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the metal ion concentrations may be made extremely low so that 
only the most sensitive test will show their presence. The dis¬ 
solving of silver chloride by cyanide solution is due to the formation 
of the argenticyanide complex ion. Some of the cyanides and 
cyanide complexes and the metal ions from which they are formed 
are shown in Table 59 . 

The complex iron cyanides, potassium ferrocyanide, K4Fe(CN)6, 
and potassium ferricyanide, K3Fe(CN)6, are well known. In the 
solution of the salt corresponding to any of these complex cyanides, 
we may assume that equilibria are set up as indicated below. In 
general, the complexes are fairly stable so that the cyanide con¬ 
centration is not high. This accounts, in part, for the relatively 
low toxicity of the complex cyanides compared with the cyanides. 

K4Fe(CN)6 —4 K+ + Fe(CN)fl- 

L_ 

*-Fe++ + 6 CN- 

The reaction of cupric salts with cyanide solutions does not fol¬ 
low tile usual course. When potassium cyanide solution is added 
to cupric sulfate, a yellow precipitate at first appears, rapidly 
becoming lighter in color; with excess cyanide this dissolves to form 
a colorless solution. The complex cyanide then present is not the 
ct/prtcyanide but the cwprecyanide; spontaneous reduction of the 
cupric to cuprous ion has taken place, with evolution of cyanogen. 
We may represent these changes thus: 

Cu-^-f 2 CN~ —^ Cu(CN )2I 

2Cii(CN) 2 —>- 2CuCN + C 2 N 2 + 

CuCN + 2 CN“ Cu(CN)3— 

The complex Cu(CN)3— corresponds to the salt potassium cupro- 
cyanide, K 2 Cu(CN) 3 . 

In every one of these cases of cyanide complex formation, the 
metal has become a part of the anion. This may be shown readily 
by electrolyzing the solution. The amount of metal, e.^., silver, 
increases around the anode^ thus proving that the ion containing 
the silver must carry a negative charge. Nevertheless, cyanide 
solutions are much used in electroplating, as we shall see in the 
section on electrochemiwStry. Why are these solutions used if the 
metal is tied up in the ion that moves towards the anode? We 
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must remember that in such solutions we are dealing with mobile 
equilibria. Most of the metal is tied up as complex ion but not all. 
Always there will be a slight concentration of the metal cation 
in equilibrium with the complex. The low concentration so estab¬ 
lished is an asset in electroplating, for from such a solution the 
metal comes down on the cathode in an evenly distributed layer. 
From a solution of a simple salt of the metal, in which the concen¬ 
tration is relatively high, the metal deposits in crystalline form 
usually quite unsuitable for plating. For this reason silver, gold, 
and nickel are usually deposited from cyanide solution. 

Ferrithiocyanate Complex. The production of a blood-red 
solution when potassium thiocyanate is added to a solution con¬ 
taining ferric ion has long been used as a test in qualitative analysis. 
That the red color is due to unionized ferric thiocyanate, as has 
been supposed, is probably not correct. Recently it has been 
shown* that the colored substance is probably the complex ion, 
Fe(SCN )6 . One important point in evidence of this is that 
upon electrolysis the red substance moves towards the anode; 
were it ferric thiocyanate, it would not migrate toward either 
electrode. We may represent the formation of this complex by 
the equations: 

Fe+ + + + 3 SCN-=^i±= Fe(SCN)s 

+ 

3 SON- 

I 

Fe(SCX)6 — 

Halide Complexes. These form noticeably in only a few cases, 
but they are important analytically. When silver is determined 
quantitatively by precipitation as chloride, an excess of the pre¬ 
cipitant, sodium chloride, must be added in order to make the 
precipitation of the silver as nearly complete as possible. Excess 
chloride would be expected to drive the equilibrium: 

Ag+ + Cl-=?r^Aja| 

to the right, i.e., precipitate the silver more completely as silver 
chloride. If this were the only reaction involved, a large excess of 
sodium chloride would be used, but there is a practical limit to the 

' H. I. Schlesinger and H. B. Van Valkenburgh, J. Am. Chcm. Soc., 68, 1212 
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desirable excess of chloride ion. A large excess of sodium chloride 
actually dissolves the silver chloride. Concentrated hydrochloric 
acid or any concentrated solution of a polar chloride also dissolves 
it. The effect is probably due to the reaction of the silver chloride 
with chloride ion to form the complex argentichloride ion; 

Ag+ + Cl- AgCH - 

+ 

NaCl—>-Na+ + CL 

AgCh- 

The complex ion corresponds to the salt, potassium argentichloride, 
KAgCU. 

Similarly cuprous chloride dissolves in concentrated hydrochloric 
acid, forming the complex CuCU", a reagent used in gas analysis 
for the absorption of carbon monoxide. Lead nitrate with concen¬ 
trated hydrochloric acid gives a white precipitate of lead chloride, 
soluble in excess acid with the formation of the complex PbCU""”. 
The same salt with potassium iodide gives the bright yellow pre¬ 
cipitate of lead iodide; this dissolves in excess iodide to form the 
complex Pbl 4 . 

When potassium iodide is added to mercuric chloride solution, the 
bright red mercuric iodide is precipitated. With excess iodide the 
precipitate readily dissolves to a colorless solution. 

Hgl. l (red) 

+ 

2 1- + 2K+ 

I 

Hgl4~“ (colorless) 

The mercuri-iodide complex ion corresponds to the salt potassium 
rnercuri-iodide, K2Hgl4, much used in analytical work, both quali¬ 
tative and quantitative, for the detection and determination of 
small amounts of ammonia or ammonium salt, with which it gives 
a brown solution. The reagent is known as Nessler^s solution. 
The formation of chloroplatinic acid, HsPtCle, much used for elec¬ 
troplating platinum electrodes with platinum black, and chlor- 
auric acid, HAuCU, from the corresponding chlorides, PtCU and 
AuCU, and the formation of other similar compounds is probably 
this same type of reaction. 


Hg++ + 2 I-- 

2KI- 
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Sulfide Complexes. Few reactions are more mystifying to the 
beginner in qualitative analysis than those taking place between 
the ammonium sulfide reagent and the sulfides of the tin group of 
cations. The effects referred to do not depend upon the action of 
the reagent as a simple solvent but involve complex ion formation. 
When ammonium sulfide solution is added to solutions containing 
cations of the tin group, precipitates are produced as follows: 

arsenious sulfide AS2S3 (yellow) 
arsenic sulfide AS2S5 (yellow) 
antimonous sulfide Sb2S3 (orange) 
antimonic sulfide Sb2S6 (orange) 
stannous sulfide SnS (brown) 
stannic sulfide 8082 (yellow) 

The addition of excess of the sulfide dissolves each of these except 
the stannous sulfide. The case of arsenious ion is typical. The 
‘^colorless’' ammonium sulfide added in small amount to an 
arsenious salt solution reacts thus: 

2 As+ + + + 3 8— 

When the sulfide ion is added in excess, and the concentration is 
relatively high, the precipitate dissolves due to the conversion of 
the arsenious sulfide into the thioarsenite ion. 

AS2S3 + S-“ 2 A8S2- 

In order to dissolve stannous sulfide, yellow ammonium sulfide 
must be used. This reagent is prepared by treating the ordinary 
ammonium sulfide, (NH4)2S, solution with sulfur; the solution 
turns reddish yellow as the sulfur dissolves. This change may be 
explained as the formation of a complex sulfide ion: 

S-- + (a:-l)S=:^=±:S,— 

corresponding to the salt ammonium polysulfide, (NH4)aSx. 
8ince x is unknown and probably varies in the same solution from 
2 to 5 or more, many prefer to regard the reagent as ammonium 
disulfide, (NH4)2S2, and consider that the equilibrium exists: 

S2 X S -f* S 

the free sulfur remaining in colloidal solution. The dissolving of 
the various sulfides by this reagent may be ascribed to the sulfide 
ion, S~ ~; but the ions of lower valence are oxidized by the sulfur 
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to their higher valence. In the case of stannous salts, the stan¬ 
nous ion is first oxidized by the sulfur in the ammonium polysulfide 
reagent: 

Sn++ + S—>-Sn++ + + + S'— 

which then reacts with sulfide to precipitate stannic sulfide: 

This product combines with excess sulfide ion to form the thio- 
stannate ion: 

S nS2 -f" S S11S3 

Similarly, when the ammonium polysulfide solution is used, arse- 
nious ion is oxidized to arsenic ion: 

+ S—+ S“” 

and the antiraonous ion to antimonic ion: 

+ S —+ + + S-- 

which react with excess sulfide to form the complex ions. 

Mercuric sulfide, the least soluble of the copper-tin group, is 
not included in the tin group when the separation is made with 
ammonium sulfide. However, it also forms a soluble complex if 
the sulfide ion concentration is made large erumgh. It is dissolved 
hy fairly concentrated sodium sulfide: 

HgS + S—::^HgSr- 

probably because sodium sulfide is less hydrolyzed than ammonium 
sulfide and so yields a much higher concentration of sulfide ions 
than does ammonium sulfide. 

All of these complex sulfides, or sulfide-complex ions, are decom¬ 
posed by the addition of strong acid and reprecipitate the corre¬ 
sponding sulfide. On the basis of ionic equilibria the reason for 
this effect is readily understood. When, for example, stannic sul¬ 
fide has been dissolved by ammonium sulfide to form the thiostan- 
nate ion, there exist in the solution the equilibria: 

H2S^2H+ + 
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In the alkaline ammonium sulfide solution the concentration of 
hydrogen ion is very low so that very little hydrogen sulfide is 
present; but when the solution is acidified and the concentration of 
hydrogen ion is greatly increased, the top equilibrium is shifted 
strongly to the left, largely removing sulfide ion from the solution, 
and the equilibrium between S , SnS2 , and SnSa is consequently 
shifted upward, precipitating the stannic sulfide. 

The various sulfide ion complexes that may form readily with sul¬ 
fide and polysulfide reagent are summarized in Table 60 . 


TABLE 60 

Sulfide Ion Complexes 


Cation 

With Sulfide 

(S“") i 

With Polysulfide 
(Sr-=^=±:S -HS— ) 

. 

AsSr 

AsS4- 

\ tj+ + -f 4- + 

AaS4 

AsSr— 

. 

SbSj- 


. 

sbsr— 

SbSr~~ 

Sn++. 

— 

SnSa—' 

. 

SnSj— 

SnSr“ 

. 

HgSa— 

i 

HgS2-“ 


Metallo-Organic Complexes. The formation of complex ions 
or molecules, by the interaction of metallic cations and organic 
anions is not uncommon. We shall treat here only a few such 
reactions which are of special importance in analytical chemistry. 

Feni-Oxalate Complex. In preparing a general unknown for 
qualitative analysis the directions call for the roasting of the mate¬ 
rial before applying systematic separations and tests for the cations. 
Why is roasting necessary? Because oxalic acid and oxalates, 
citric acid and citrates, and various other organic acids and their 
salts may ‘Hie up'^ metal cations and render their detection by 
ordinary methods uncertain. Roasting the sample destroys these 
organic substances by decomposing them or burning them off in 
the air. 

The effect of such organic acids is shown by a simple experiment. 
When a solution of oxalic acid or any soluble oxalate is added to 
ferric chloride solution, the yellow color of the latter gives place to 
a light green. With this solution potassium thiocyanate gives no 
visible reaction. The expected blood-red color of the ferrithio- 
cyanate complex does not appear because there is no longer any 
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appreciable concentration of ferric ions in the solution. Potassium 
oxalate, K:Cj04, ionizes thus: 

COOK COO- 

I +2K+ 

COOK COO- 

The oxalate ion reacts with the ferric ion, forming the ferri-oxalate 

complex ion: 

ooc.coo- 

coo-_^ / 

Fe+++ + 3 1 Fe—OOC.COO - 

COO- \ 

ooc.coo- 

This ferri-oxalate complex is fairly stable, the equilibrium lying 
to the right as the arrow indicates, and the ferric ion is removed 
from the solution to such an extent that no appreciable amount of 
red ferrithiocyanate forms. 

In this connection we may recall that salts of sorrel, potassium 
oxalate, and lemon juice, which is about 6 per cent citric acid, are 
used to remove stains of iron rust or spots of ink from clothing. 
The removal of such stains involves the formation of these ferric 
complexes and hence the dissolving of the iron compound. 

Fehling’s Solution. This solution is a reagent used for the detec¬ 
tion and quantitative determination of ^‘reducing sugars” and 
certain other types of organic compounds. It finds extremely 
important application in clinical medicine in urine analysis for the 
diagnosis and control of diabetes, which is characterized by the 
presence of glucose in the urine. Several other solutions of similar 
nature are used for the same purpose. 

Fehling^s solution is made by mixing solutions of sodium potas¬ 
sium tartrate (Rochelle salts) and cupric sulfate, with enough 
sodium or potassium hydroxide to make the solution strongly 
alkaline. In application the reducing sugar changes the cupric ion 
to cuprous ion, and red cuprous oxide is precipitated on warming. 
Only the cupri-complexes such as that present in Fehling^s solution 
will behave in this way. The sodium potassium tartrate ionizes 
thus: 

KOOC.CHOH K+ + -OOC.CHOH 


NaOOC.CHOH 


Na*^ +-OOC.CHOH 


( 1 ) 
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As with most salts the equilibrium lies strongly to the right. The 
tartrate ion probably ionizes further but, as the shorter arrow in¬ 
dicates, only to a very slight extent, thus: 


-OOC.CHOH 

-OOC.CHOH 


-OOC.CHO- 


+ 2 H + 


( 2 ) 


-OOC.CHO 


and the latter anion reacts to a slight extent with the cupric 
ion forming the cupritartrate complex: 


-OOC.CHO- 

-f Cu++ 

-occ.cho- 


-OOC.CHO 

-OOC.CHO 


\ 

Cu 

/ 


(3) 


Now when the solution is made strongly alkaline by the addition 
of potassium or sodium hydroxide, the high concentration of OH“ 
largely brings about the removal of H'*'. In consequence of this, 
equilibrium (2) is shifted strongly to the right, and practically all 
the cupric ion is converted into the cupritartrate complex shown in 
( 3 ). This complex, like most cupri-coraplexes, is purple-blue in 
color. It is, apparently, the active agent in Fehling’s solution. 

Benedict’s solution is another reagent u.sed in urine analysis. 
In preparing it, a citrate is used in place of the tartrate of Fehling's 
solution. The active agent is a cupricitrate complex similar to 
the cupritartrate in Fehling’s solution. 

Biuret Reagent. The biuret reaction depends upon the forma¬ 
tion of an organic cupri-complex with biuret and certain other 
organic compounds containing nitrogen. When urea is heated, it 
loses ammonia and forms biuret: 

2 NHj.CO.NHj—NHj.CO.NH.CO.NH, + NH»4 

This substance has no evident resemblance to an acid but it prob¬ 
ably ionizes slightly as such. 

NHj.CO NH,.CO 

\ \ 

NH-^ N--1-H + 

NH,.CO^ NHj.CO'^ 

biuret ion 


In the presence of a strong base, like potassium hydroxide, the 
hydrogen ion so produced is largely removed to form water, and the 
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biuret ion concentration is correspondingly increased. When a 
dilute solution of a cupric salt is added and the solution is heated, 
this ion forms with the cupric ion the purple cupribiuret complex, 
for which we may write the reaction : 


NHj.CO OC.NH, 

\ / 

N- + Cu++ + -N 

/ \ 

NH,.CO OC.NHs 


NH,.CO OC.NHj 

\ / 

N—Cu—N 

/ \ 

NHj.CO OC.NHj 


Other compounds of nitrogen which contain the same -CO.NH- 
group similarly react, in strongly alkaline solutions, with cupric 
ions to form compounds ranging in color from purple to red. This 
reaction is, therefore, used frequently to test for the presence of this 
group in proteins. 

Nickel Dimethylglyoxime. This is not a complex ion, but, like 
cupribiuret, a complex molecule; it is included here because of its 
close resemblance to the above-mentioned complexes and because 
of its importance in analytical chemistry. When dimethyl¬ 
glyoxime solution is added to the solution of a nickel salt to which 
sufficient ammonia has been added to render it distinctly basic, 
the red, highly insoluble, nickel dimethylglyoxime is precipitated. 
In the solution of the reagent the following equilibrium may be 
assumed: 

CH3.C : NOH CHj.C : NOH 

I I +H + 

CHa.C : NOH CH,.C : NO" 


The ammonium hydroxide removes the hydrogen ion and so favors 
the acidic ionization. With this ion, nickel ion, Ni++, reacts nearly 
quantitatively because of the insolubility of the product, thus: 

CHj.C : NOH HON : C.CHj 

[ -f-Ni++-i- I 

CH,.C : NO- -ON : C.CH, 

CH,.C : NOH HON : C.CH, 

I I (red) 

CH,.C : NO—Ni—ON : C.CH, ' - 

nickel dimethylglyoxime 


MQC— 17 
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Oxidation-Reductioii Reactions. Many oxidation-reduction re¬ 
actions are met in analytical chemistry, some of those in quantita¬ 
tive analysis being particularly important. An understanding of 
such reactions and the ability to write equations to represent them 
are matters of primary concern, but their seemingly infinite variety 
and the diflSculty in balancing their equations have long been a 
source of trouble to the student. In some cases, too, it has not been 
easy to determine just what has been oxidized and what reduced 
and exactly the nature of the driving force behind reactions of this 
kind. The concepts of the ionization theory and of the transfer 
of electrons gives a clearer understanding of the mechanism in¬ 
volved in oxidation-reduction reactions and also allows an easier 
and more concise representation of such reactions. We must again 
emphasize the fact that, in all cases, the experimental facts must 
be known before we can logically apply the theory by way of ex¬ 
planation. We shall limit our discussion of the topic to oxidation- 
reduction reactions in aqueous solution, with which we are primarily 
concerned in analytical and physical chemistry. In order to 
master the principles involved, we shall discuss a few reactions in 
some detail. The same principles then may be utilized in dealing 
with other possibly less familiar reactions. 

Defimtions of Oxidation and Reduction. The first definition 
offered for oxidation was the taking on of oxygen or the loss of hydro- 
geUj reduction being the reverse of this process. Although this 
concept is still applied, particularly in dealing with the oxidation 
and reduction of organic compounds, it is too restricted to be 
generally useful in inorganic chemistry. Oxidation may entail, 
for example, the taking on of chlorine, or bromine, or sulfur; reduc¬ 
tion, their removal. A more comprehensive definition of oxida¬ 
tion can be based upon the change of valence of an element. 
Oxidation is the process by which an element undergoes an increase 
in positive valeme or a decrease in negative valence. Reduction 
is the reverse of this process. But what is valence? We now 
consider polar valence as the number of excess charges, either posi¬ 
tive or negative, on the atom or ion concerned. Excess positive 
charges representing electrons lost by the atom imply positive 
valence; excess negative charges representing electrons gained by 
the atom cause negative valence. We may then define oxidation 
and reduction still more precisely with reference to transference of 
electrons. Oxidation may be defined as the process of removing 
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electrons from an atom or ion; reduction^ the process of adding 
electrons to an atom or ion. On this basis we may also define 
oxidizing agent and reducing agent. An oxidizing agent is a siib- 
stance containing an atom or an ion that tends to take on electrons; 
a reducing agent is a substance containing an atom or an ion that 
tends to lose electrons. These definitions will be applied in the 
discussions of specific cases that follow: 

(1) When potassium thiocyanate solution is added to ferric 
chloride solution, red ferrithiocyanate ion forms. If stannous 
chloride solution is added, the color disappears because the iron 
is reduced and ferrous thiocyanate is colorless. We represent 
the change by the molecular equation: 

SnCh -h 2 FeCh —^ SnCh + 2 FeCU 

The valence of the tin has changed from + 2 to + 4, that of the 
iron from + 3 to + 2; the tin has been oxidized and the iron reduced. 
But all of these salts are ionized, and so we write: 

+ 2 Cl- -f 2 Fe-^ + + + G CF — 

Sn++++ + 4 Cl- + 2 Fe++ + 4 CF 

which, after canceling the terms appearing on both sides, becomes: 

SrF-^ + 2Fe+ + +—+ 2Fe+ + 

Here, it is obvious, two electrons have transferred from the stan¬ 
nous ion to two ferric ions, thus diminishing the number of positive 
charges on the iron from 3 to 2. 

(2) Potassium thiocyanate added to a freshly made solution of 
ferrous sulfate gives a colorless solution. When we add bromine 
water, the deep red of ferrithiocyanate instantly develops. By 
what equation should this be represented ? Some would write: 

2 FeS04 + Bro —^ 2 FeBr.S04 

Others might prefer: 

6 FeS 04 + 3 Br, —Fe 2 (S 04)3 + 2 FeBrs 

The ionic method of representing reactions greatly simplifies the 
situation and in addition is probably correct. Since the sulfate, 
SO 4 , is unchanged in the reaction, it may be omitted and the 

equation becomes : 

2 Fe++ + Br 2 —2 + 2 Br- 
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The two bromine atoms have gained 1 electron each from a ferrous 
ion, the former becoming bromide ions and the latter ferric ion. 

(3) When we add dilute potassium permanganate to ferrous sul¬ 
fate solution acidified with dilute sulfuric acid, the purple color of 
the permanganate is immediately discharged. The molecular equa¬ 
tion for this reaction is: 

2 KMn04 + 10 FeS04 + 8 H 2 SO 4 — 

K 3 SO 4 + 2 MnS 04 + 5 Fe2(S04)3 + 8 H 2 O 

This equation might seem complicated and difficult to balance. 
Let us see how the ionic formulation emphasizes the basic changes 
and eliminates confusing nonessentials. We know that the per¬ 
manganate is reduced, the ferrous iron is oxidized, and the acidity 
becomes less due to the formation of neutral water. The sulfate, 
S 04 ““, and the potassium, K"^, are unchanged in the reaction and 
need not be included. Hence, as a skeleton equation we write : 

Mn04“ + Fe'*’'^ + H-^-—+ Fe+'^^ + H2O 

The valence of the manganese has been changed from + 7 to + 2 so 
that each heptavalent manganese, Mn'*“^, has acquired 5 electrons 
and these have been taken from 5 ferrous ions, Fe*^'*’. As the 
completed equation we may write then: 

Mn04" + 5 Fe^-^ + 8 H+ —+ 5 Fo-^^+ -f 4 HjO 

In nearly every case in which the oxidizing ion contains oxygen, the 
latter appears on the right-hand side of the equation as H 2 O, 

(4) ^t^en hydrogen sulfide is added to an iodine solution, the 
color of the iodine disappears and sulfur is precipitated. Written 
as an ionic equation: 

S—+ I 2 —^2I~4-Sf 

(5) When potassium dichromate solution is added to ferrous 
sulfate solution acidified with hydrochloric acid, the solution be¬ 
comes green due to the presence of chromic salt. To write a 
molecular equation for this reaction involving ferrous sulfate and 
hydrochloric acid is not an easy matter, especially if the products 
are to be regarded as partly ferric sulfate and partly ferric chloride 
instead of a mixed chloride-sulfate. To write an ionic equation is 
relatively easy since chloride ion and sulfate ion take no part in 
the reaction. As a skeleton equation we may write: 

Cr207— + Fe+-^ + H +—>^2 + Fe^-^^ + H,0 
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The valence of the chromium in the dichromate ion may be found 
thus: Seven oxygen atoms, each with a valence of — 2, give a total 
of —14, from which we must subtract the —2 on the ion as a whole, 
giving a total of —12 balanced by the two chromium atoms, each of 
which then is exerting a valence of + 6. When one hexavalent 
chromium atom changes to a trivalent chromic ion, it takes on 3 
electrons.^ The 6 electrons for the two hexavalent chromiums are 
supplied by six ferrous ions. So we write as a balanced equation: 

Ct^Oi + 6 Fe++ + 14 ^ 2 Cr + + + + 6 Fe+-^+ + 7 H^O 

(6) When hot oxalic acid solution containing dilute sulfuric 

acid is treated with potassium permanganate, the color of the 
latter rapidly disappears. The oxalate ion is oxidized to CO 2 
and the permanganate reduced to The skeleton ionic 

equation for this reaction is: 

MnOr + C2O4"- + + CO2+ + H2O 

Each heptavalent manganese atom acquires 5 electrons which come 
from the oxalate ions, each of which loses 2 electrons in changing 
to CO 2 . Consequently we may write as our final equation: 

2Mn04~ + 5C204-~+ 16 H+—>-2Mn+++ lOCOa^ +8H2O 

(7) An oxidation-reduction reaction of special interest, both 
because of its important analytical application and because it 
involves an interaction of an element with high valence with the 
same element with low valence to produce an intermediate valence, 
is the interaction of permanganate and manganous salt. When 
potassium permanganate solution is added to manganous sulfate 
solution with zinc hydroxide added to control the acidity, the 
manganese from both compounds is quantitatively precipitated 
as manganese dioxide. Upon this effect one method for the 
quantitative determination of manganese depends. The oxidizing 
agent here is, of course, the permanganate ion, Mn 04 “; the reduc- 

1 When we are dealing with the reduction of a simple ion, like ferric, 
we may speak unequivocally of an electron gained by the ion. The case is more 
complex when we are dealing with the reduction of an ion like permanganate, 
MnOr, containing two or more elements. The valence bonds within the perman¬ 
ganate ion are almost certainly nonpolar, t.e., due to shared electrons. To picturtt 
the manganese in this ion as having actually lost 7 electrons, Mn■^^ and each 
oxygen as having gained 2 electrons, O , probably is not in accord with the 
facts. The assumption, then, that the MnOr is composed of Mn"*^ joined with 
4 0—, must be regarded as one made mainly for convenience in balancing equa¬ 
tions. Compare page 412. 
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ing agent is the manganous ion, Mn^"^. As a preliminary skeleton 
equation we may write: 

MnOr + —>■ 2 Mn 02 f 

This is balanced gravimetrically but not electrically; an ionic 
equation must balance with respect to both weight and charge. 
Since, in the absence of a substance like zinc hydroxide to control 
the acidity, the solution becomes acid when the reaction takes 
place, we see that hydroxyl ions from the water must enter into 
the reaction, and therefore we write: 

MnOr + Mn+-^ + OH- — ^MnO, | + H + 

Balancing this we obtain: 

2 MnOr + 3 Mn++ + 2 OH- —^ 5 Mn02 >f> + 2 H + 

Common Ion Effect. The course of many chemical reactions 
is profoundly influenced by the addition of an electrolyte, one ion 
of which is already present in the reacting system. Thus the 
addition of an excess of a soluble chloride will reduce the solubility 
of silver chloride, the addition of an ammonium salt will reduce 
the basicity of ammonium hydroxide, and the addition of an 
acetate will reduce the acidity of acetic acid. These different 
reactions and many others find a satisfactory explanation on the 
basis of the ionic theory. We can illustrate this by a few specific 
examples; 

(1) A few drops of methyl orange added to a dilute acetic acid 
solution gives the pink color characteristic of an acid solution. 
When sodium acetate made neutral by the addition of acetic 
acid solution is added, the pink color changes to the orange 
of a neutral solution. The sodium acetate solution, itself neutral, 
has neutralized the acetic acid solution. We may explain this 
effect as follows: The acetic acid is weakly ionized, but the sodium 
acetate is highly ionized and furnishes a high concentration of 
acetate ion (OAc~). This common ion represses the ionization 
of the acetic acid and reduces the hydrogen ion concentration so 
that it no longer gives an acid reaction with methyl orange. 

Acidity decreased 

H.CiHaO, H+ + I CJIjO,- 

jCaHsOa" 
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( 2 ) When phenolphthalein indicator is added to dilute am¬ 
monium hydroxide solution until it is distinctly red, the addition 
of neutral ammonium chloride solution will cause the color to fade 
or even to disappear entirely. In this case the high concentration 
of NH 4 ’^ due to the added ammonium chloride represses the ion¬ 
ization of the ammonium hydroxide to such an extent that the 
concentration of OH~ is insufficient to produce the alkaline effect 
with phenolphthalein. 

Alkalinity decreased 


NH 4 OH ■ 


: OH- + : NH 4 +! 


(3) Ammonium hydroxide added to magnesium sulfate solu¬ 
tion precipitates white magnesium hydroxide. If now we add 
a neutral and fairly concentrated ammonium chloride solution, the 
precipitate readily disappears. Before the addition of the am¬ 
monium chloride the ammonium hydroxide furnished enough OH” 
ions to precipitate the Mg(OH) 2 , as indicated in the equations: 


NH 40 H- 




t 

Precipitate 

+ i 

dissolved 

2 0H-i + 

' 72 NHi+; 

>11 i 

; NH 4 +; 


Mg(QH), | 

The addition of ammonium chloride, a strong electrolyte, greatly 
increases the concentration of the ammonium ion, NH 4 +. This 
sets back the ionization of the ammonium hydroxide thus re¬ 
moving OH”; and this in turn causes the lower equilibrium to shift 
upward and the magnesium hydroxide to disappear, as the dotted 
arrow indicates. 

(4) As a final example, let us consider the effect of hydrogen 
ion concentration on the solubility of a sulfide. The effect in¬ 
volved here is of great importance in understanding the procedure 
of qualitative analysis. It will be treated quantitatively in the 
next chapter. If we pass hydrogen sulfide into a solution of a 
cadmium salt, yellow cadmium sulfide precipitates. If now we add 
concentrated hydrochloric acid, the precipitate dissolves. During 
the precipitation, we have in the solution the equilibria repre- 
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sented by the equations below. Despite the slight ionization of 
hydrogen sulfide it furnishes enough sulfide ions to form with the 
cadmium ions a precipitate of cadmium sulfide. When hydro¬ 
chloric acid is added, the high concentration shifts the upper 
equilibrium strongly to the left and the consequent removal of 
S displaces the lower equilibrium upward, causing the precipitate 
to disappear. 

Cd++f 


+ 

Precipitate 

dissolved 

HjS-S-- 

If 

+ 

2 H+i 
H+1 


CdSj 


Weak Electrolyte Effect. Some reactions, with which the stu¬ 
dent is familiar from qualitative analytical procedure, will serve 
to illustrate this effect. 

( 1 ) When neutral ammonium chloride solution is added to 
a dilute sodium hydroxide solution containing phenolphthalein 
indicator, the red color of the indicator fades out. The NH 4 '^ 
combines largely with the OH~ from the sodium hydroxide to 
form the weakly ionized ammonium hydroxide. The solution in 
consequence becomes too weakly basic to color the phenolphthal¬ 
ein. Thus a strongly basic solution may be nearly neutralized by 
the addition of a salt of a weak base. 


NaOH- 


Na+ + OH- 

+ 

NHi^ 


Alkalinity 

decreased 


F I 

NH 4 OH 


(2) If to dilute hydrochloric acid we add first methyl orange 
and then neutral sodium acetate solution, the pink color of the 
indicator in acid solution changes to the orange of the neutral 
solution. Thus a strongly acid solution may be made nearly 
neutral by the addition of a solution of a salt of a weak acid. 
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HCl 


Cl- + H+ 


+ ! 

CjHsO*- i 

’ i 

H.C,H,0, 


Acidity 

decreased 


We often take advantage of this effect in qualitative analysis; 
for instance, in one method of detecting cadmium ion. Potassium 
ferrocyanide, added to a solution containing precipitates 

white cadmium ferrocyanide, Cd 2 Fe(CN) 6 . If the test solution is 
strongly acid, the potassium ferrocyanide itself gives a white pre¬ 
cipitate of ferrocyanic acid, H 4 Fe(CN) 6 , which might be mistaken 
for the cadmium ferrocyanide. The addition of sodium acetate to 
the cadmium solution reduces the acidity enough to prevent 
the precipitation of ferrocyanic acid. The production of a white 
precipitate with ferrocyanide then satisfactorily indicates the 
presence of cadmium. 

(3) A lead nitrate solution added to a solution of sodium sulfate 
causes the precipitation of white lead sulfate. The equilibrium 
which exists may be represented by the first equation in the equi¬ 
librium diagram below. The addition of ammonium or sodium 
acetate solution causes the precipitate to disappear. When excess 
acetate ion is added, the lead ion combines largely with it to form 
the weakly ionized lead acetate. This diminishes the concentration 
of Pb++ and shifts the upper equilibrium so strongly to the right 
that the solid lead sulfate is entirely dissolved. 

PbS0 4>f"^ SO4" + Pb++ ; 

Precipitate 1 

dissolved 2 CaHsOa ' 

! ^ 

r 1 

Pb(C,H,02)4 


Conditions under Which Reactions in Solution Go to Completion. 

Since this chapter has dealt with ionic equilibria and has em¬ 
phasized their importance, it would be well to consider under 
what conditions such reactions may go to completion. Theoreti- 
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cally, all reactions are controlled by the principles underlying 
the law of mass action, according to which no reaction vnll go 
entirely to completion in a closed system. The fact remains that 
many reactions go virtually to completion. The conditions under 
which this may occur we may summarize under four headings. 

(1) A gas is evolved. When zinc is put into sulfuric acid solu¬ 
tion hydrogen is evolved, and if this be allowed to escape from the 
reacting system no equilibrium can be reached. The equation 
written with a single arrow correctly represents the facts: 

^ + 2H-**—+ H 2 I 

But if the reaction takes place in a closed cylinder so that the 
gas cannot escape and remains under great pressure, we should 
have to represent the condition of affairs by a double arrow : 

Zn -f- 2 H -f- H 2 

But the decrease in free energy when zinc displaces hydrogen, as 
measured by the tendency for the zinc atom to acquire electrons 
from the hydrogen ion, is so great (AF = —35.0 Kal.) that the 
reaction goes almost completely to the right. 

(2) A precipitate is produced. The formation of a precipitate 
also will cause a reaction to proceed almost to completion in the 
direction of the formation of the ‘^insoluble” substance. No 
substance is entirely insoluble. As we shall see later, we can 
measure the solubility even of such salts as silver chloride, barium 
sulfate, and magnesium ammonium phosphate. Consequently, 
although we write such reactions as: 

Ag*'- + Cl~ —>■ AgCl I 

with a single arrow, we do so with the reservation that although 
the reaction is nearly complete it is not quite complete and may 
even be reversed under suitable conditions. 

(3) A slightly ionized substance is formed. Any reaction in 
which a slightly ionized substance is formed will be virtually 
complete. This is true, for instance, when water is formed from 
the interaction of hydrogen and hydroxyl ions, for example, in 
the neutralization of sodium hydroxide with hydrochloric acid: 

H+ + 0H-'--^H20 

This holds true also for such reactions as that between rather 
weak acids and bases, like acetic acid and ammonium hydroxide. 
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The reaction between the H+ and the OH~ is virtually complete 
although the ionization of the acid and base may not be. But even 
water is slightly ionized, and the incompleteness of the combina¬ 
tion of its ions often proves of importance, as we have seen in the 
case of hydrolysis. 

(4) Oxidaiion-reduction reactions. Many of these go so nearly 
to completion that they may be used for the quantitative deter¬ 
mination of oxidizable or reducible constituents. This is true, 
for example, of the reaction: 

MnOr + 5 -f 8 H+ —Mn++ + 5 Fe+++ + 4 HiO 
and of the reaction: 

CL + 2I-—^2Cl- + l2 

(5) One reagent is greatly in excess. As an example of this, 
we may consider the neutralization of acetic acid solution by the 
addition of a neutral acetate solution. We may assume the 
reaction to be the combination of hydrogen ion with acetate ion 
to form acetic acid: 

+ CaHsOa- —>* B.C^HsO^ 

In a solution about 1 A', approximately 0.5 per cent of the acid 
is ionized; the hydrogen ion concentration is quite high enough 
to change most indicators to the acid color. By the addition 
of excess neutral sodium acetate solution, the solution is made 
practically neutral, that is, the above equilibrium is displaced 
almost completely to the right, with the formation of acetic acid 
molecules. 

Summary 

Most reactions between electrolytes occur only in solution; 
hence they are predominantly ionic and are best represented by 
ionic equations. Such equations represent the significant facts 
without introducing the other radicals, which do not influence 
the reaction. Their use is illustrated for neutralization, dis¬ 
placement, and metathetical reactions. 

The hydrolysis of salts is satisfactorily explained on the basis 
of the ionic equilibria involved and is visualized by means of 
ionic equilibrium equations. In every case the weak acid or weak 
base is formed by interaction between the corresponding ion of 
the salt and the hydrogen ion or the hydroxyl ion of water. The 
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removal of leaves the solution hasicj while the removal of OH" 
leaves it acidic. Even a salt of a strong acid and a strong base, 
e.g.f NaCl, may be hydrolyzed at high temperature if one product, 
here HCl, is volatile. 

The hydroxides of amphoteric substances dissolve in either acids 
or bases; they therefore behave as weak bases and weak acids, 
yielding low concentrations of both hydroxyl and hydrogen ions. 
Those metalloidal elements found in the middle of the periodic 
table yield amphoteric hydroxides. 

Many important reactions depend upon the formation of 
complex ionSy such as: complex cations from a cation and ammonia, 
a substituted ammonia, or water; complex anions from an anion 
and a cyanide, a halide, or a sulfide ion; complex ions or molecules 
from a cation and an organic anion, e.g.y ferri-oxalate anion, Feh- 
ling^s solution, biuret complex, and nickel dimethylglyoxime. 

Oxidation and reduction are most conveniently defined in terms 
of loss or gain of electrons. Oxidation-reduction reactions in solu¬ 
tion are most clearly expressed and most easily balanced when 
written in ionic form, as the examples show. 

The presence of a common ion will often displace an ionic equi¬ 
librium in such a way as to decrease the solubility of a precipitate 
or the ionization of a weak acid or base. 

A salt of a weak acid will practically neutralize a strong acid by 
the formation of the weak acid. A salt of a weak basc^ will simi¬ 
larly reduce the basicity of a strong base. 

Most chemical reactions in solution are equilibria which go nearly 
to completion only when a gas is evolved; when a precipitate or 
a slightly ionized product, e.g.y water, is formed; when strong 
oxidizing and reducing reagents react; or when the concentration 
of one reactant is made very great. 

PROBLEMS AND EXERCISES 

[Consult your elementary text or some standard reference book on 
qualitative analysis for any chemical information necessary in answering 
the following exercises.] 

1, Will solutions of the following salts give an acid or basic reaction? 
Explain each answer by means of a suitable ionic equilibrium diagram. 

(a) ZnCh (6) NaHCOs 

2. Explain, by means of suitable ionic equilibrium equations, why 
Cr(OH)8 dissolves in hydrochloric acid; in potassium hydroxide. 
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3. Write balanced ionic equations for the following oxidation-reduction 
reactions, all in solution: 

(a) mercuric chloride with stannous chloride 

(b) iron dipped in cupric sulfate 

(c) potassium dichromate with potassium iodide in the presence of 
hydrochloric acid 

(d) potassium permanganate with concentrated hydrochloric acid 
(c) iodine with sodium thiosulfate 

(/) cupric sulfate with potassium iodide solution (cuprous iodide being 
precipitated) 

(g) potassium chromate with ferrous sulfate in the presence of dilute 
hydrochloric acid 

(h) sodium sulfite with potassium permanganate and dilute sulfuric 
acid 

4. Show by ionic equations how the following may be made: 

(а) potassium ferrocyanide (c) cupric ferrocyanide 

(б) potassium ferricyanide 

5. Represent by ionic equilibria: 

(a) zinc sulfate treated with excess sodium hydroxide 
(h) cadmium nitrate with excess ammonia solution 
(c) potassium cyanide and cupric sulfate 

6. Represent by ionic equilibria the hydrolysis of bismuth nitrate, 
bismuth oxynitrate precipitating. 

7. Write equations for the reactions: 

(a) bromine water with sodium sulfite solution 

(b) stannous chloride with potassium dichromate in HCl solution 

8. How would you dr?y ammonia gas? Explain why certain other 
frequently used drying agents are unsuitable for this purpose. 

9. Show by ionic equations how silver chloride is dissolved by: 

(a) ammonia solution (6) potassium cyanide solution 

10. What is the equivalent weight of potassium permanganate: 

(a) as a metathetical reagent 

(6) as an oxidizing agent in sulfuric acid solution 

(c) as an oxidizing agent in neutral solution 

11. What is the equivalent weight of potassium chromate: 

(o) as a metathetical reagent in the precipitation of lead chromate 

(b) as an oxidizing agent in acid solution 

12. Calculate the equivalent weights of: 

(а) sodium thiosulfate as reagent with iodine 

(б) cupric sulfate as reagent with potassium iodide 

13. Represent by ionic equations the reactions that take place when: 

(а) ferrous sulfide is treated with dilute hydrochloric acid 

(б) an ammonium salt is warmed with sodium hydroxide solution 
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CHAPTER 10 


QUANTITATIVE APPLICATIONS OF THE 
IONIZATION THEORY 

In the foregoing chapter we have seen how successfully the 
ionic theory may be appUed in explaining qualitatively many 
different types of reaction. We shall now extend these ideas to 
quantitative apphcations. 

One of the fundamental postulates of Arrhenius’ theory of 
ionization was that in a solution of an electrolyte there is an equi¬ 
librium between the molecular and the ionic forms of the electro¬ 
lyte. Such a system should obey the same laws of chemical 
equilibrium which we have already developed in Chapter 7. 
Indeed, this was one of the first tests of the new theory which 
van’t Hoff suggested when discussing the problem with Arrhenius. 

Ionization Constants 

The Ionization Constant. Any chemical system in equilibrium 
at a definite temperature is characterized by an equilibrium con¬ 
stant Kc. In the particular case where an equilibrium between 
the molecular and ionized electrolyte is assumed, the corresponding 
constant is known as the ionization constant, A,-. Thus if we 
have a solution of a weak monobasic acid, which we shall desig¬ 
nate by HA, the HA molecules are assumed to be in equilibrium 
with H"*' and A“ ions, according to the equation: 

HA ^ H+ -f A- 

For this equilibrium the ionization constant is given by the 
expression; 

^ [ H^1[A-] 

[HA] 

The concentrations of molecules and of ions are expressed in 
moles or gram ions ‘ per liter of solution. In order to evaluate Ki, 

> A gram ion is the formula weight of tihe ion in grams* In the case of a simple 
ion, it is equal to the ^am atomic weight of the element composing the ion. Thus, 
a gram ion of sulfide ion is 32.06 g. In the case of a more complex ion, it is equal 
to the sum of the »am atomic weights of the elements making up the ion. The 
gram ion of phosphate ion is 95.02 g. — the sum of the gram atomic weights of 
phosphorus (31.02) and four oxygens (4 X 16.00). 
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we need to know the values of the three concentration terms. 
These are usually found by making up a solution with a known 
total concentration of acid, and determining the degree of ioniza¬ 
tion, a, by means of the conductance ratio or through the van’t 
Hoff factor, from the depression of the freezing point or from 
any other colligative property. 

Calculation of Ionic and Molecular Concentrations and 
If we make up a solution of acetic acid which contains 0.5 mole 
of acid per liter of solution, we find that in this solution a equals 
.006 or 6 X 10“®. This means that 0.6 per cent of the acetic acid 
molecules are in the form of tons and the rest are in the form 
of molecules. Since each molecule yields one H"^ and one OAc", 
we know that: 

[H+] = [OAc-]= 0.006 X 0.5 
[HOAc] = (l - 0.006) X 0.5 

The value of the constant: 


^ (0.006 X 0 .5 ) X (0 .0 06 X 0.5 ) 
' 0.994 X a5 


1.8 X 10-^ 


In general, if we make up a solution of c moles of a monobasic 
acid, HA, per liter and find the value of a at that concentration, 
then: 

[H^] = [A-] = ac 
[HA] -(1 ~a)c 

and Ki = 

(1 — a)C 1 ~ a 


This equation is known as Ostwald's dilution law after Wilhelm 
Ostwald, who first derived this expression connecting the degree 
of ionization, a, with the concentration, c, of the electrolyte or 
with its reciprocal the dilutiony V. 

In the case of weak acids or weak bases in all but the most 
dilute solutions, ct is very much less than unity, so that we can 
neglect the a in the denominator of the equation above and write 
as an approximate equation: 

Ki = a^c 

In the case of the acetic acid solution considered above, this 
approximate equation leads to the same value of Ki which we 
obtained before, namely: 

Ki =(0.006)2 X 0.5 = 1.8 X 10“' 
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Applications of the Ionization Constant, AT,*. The ionization 
constant is very useful because it gives us, very concisely, a 
great deal of information about the electrolyte. It enables us 
to calculate the degree of ionization at any particular concen¬ 
tration and also to compare the strengths of different acids or 


Calculation of a and Ionic Concentrations. If we know the 
value of Ki, we may calculate the value of a by reversing the pro¬ 
cedure which we employed in calculating Ki on the preceding 
page. To illustrate this, let us calculate the value of a for acetic 
acid in a 0.1 M solution. Here we have: 


[H^KOAcJ ^ jr 
[HOAc] 


1.8 X 10-® 


[H*^] = [OAc~] = aC — 0.1 a 
[HOAc] -(1 - a)c = 0.1(1 - a) 

( 0,1 a)'^ 


= 1.8 X 10 ^ (See footnote.') 


0 . 1(1 - a) 

Rearranging the terms gives: 

0.1 + 1.8 X 10-^ a ~ 1.8 X 10-^ = 0 

Now an equation of the form ax^ + + c == 0 may be solved by 


means of the quadratic formula x 


_ — h ± Vb- — 4c ac 


2 a 


1.8 X 10-^ -f V3.24 X 10-^" ■+•'7.2 X IQ-^ 
0.2 


= 0.0133 


A simpler solution is obtained if we remember that for a weak 
acid in moderate concentration a is much less than 1, so that 

= 1.8 X 10-' reduces to = 1.8 X 10"^ and 

0 . 1(1 *— a ) 0.1 

a = 1.8 X 10-* = 1.34 X 10-2 0.0134. (See footnote.*) 

This is less than 1 per cent greater than the answer obtained by 
the first method. Since Ki is only given to two significant figures, 
the two answers agree exactly for our purposes, and the simpler 
method is evidently much preferable. It should be used wherever 


' Wo could obtain this result directly by substituting in Ostwald’s dilution law 
ofic 

equation, Ki 


I — a 

* The same result may be obtained by solving Ki * 
Mac—18 


a*c for a. 
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possible. Of course, in this case the value of the ion concentra¬ 
tions can be calculated directly from the value of a. Thus: 

[H+] =[OAci = ac = 0.013 X 0.1 - 0.0013 M 


In general, the hydrogen ion concentration is calculated directly 

from Kx — without first calculating a. Since we have 

[HA] 

no other ions except those of the weak acid, the concentrations 
of the hydrogen and the negative ion must be equal, i.e .: 

m = [A-] 


If the total acid concentration, as before, is designated by c, 
the undissociated acid concentration will be: 


[HA] = c - [Hi 

Substituting these values in Ki ~ gi\^es the general 

[HA] 

equation for the hydrogen ion concentration, namely: 

[Hi*^ - Kiic - [Hi) 

This equation may be solved for the hydrogen ion concentration 
by the general method used Ixiore, but for weak acids in all 
but the most dilute solutions the ionization is so small that [H"^ ] 
is negligible in comparison with c and we may use a simplified 
equation, namely: 

[Hi -VA\c 

The Quantitative Effect of a Common Ion. In the last chapter 
we showed in a qualitative way how the ionization of a w^eak 
electrolyte was repressed by the addition of a ccmmion ion. The 
quantitative application of these ideas may be made by means 
of the ionization constants. We have already found that in a 
solution 0.1 M in acetic acid the hydrogen ion concentration: 

[Hi = 0.0013 M 

What would be the hydrogen ion concentration in a solution 
0.1 Af in acetic acid and also 0.1 M in sodium acetate? The 
latter being a salt would be almost completely ionized, so that we 
may write for the concentration of acetate ion i( furnishes: 

[OAci - 0.1 M 

This may be considered as the total acetate ion concentration 
in the solution, since that furnished by the acid is negligible in 
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comparison. As before, the ionization of the acid is so small 
that the concentration of the molecular acetic acid is practically 
equal to the total acid concentration, or: 

[HO Ac] = 0.1 M 


Substituting these values in the equation defining the ionization 
constant, namely; 


j. ^ [H+][OAci 
■ [HOAc] 


= 1.8 X 10-^ 


and solving for the hydrogen ion concentration gives: 

[II-*] = 1.8 X lO-*' X = 1.8 X 10-5 M 


This calcultition shows that the addition of the common ion from 
the salt has reduced the hydrogen ion concentration to one seven¬ 
tieth of its former value. If the salt concentration had been 
greater, the hydrogen ion concentration would have been reduced 
correspondingly further. 

The Ionization of Polybasic Acids. The calculations outlined 
above may be applied to any weak monobasic acid, like acetic 
acid, or to any weak monacid base, like ammonium hydroxide. 
Polybasic acids and bases are somewhat more complicated and 
deserve special discussion. In general, polybasic acids ionize 
in steps, and the successive hydrogen ions are held more and more 
firmly so that each ionizes to a smaller extent than the preceding 
one. In that case if the primary ionization is sufficiently weak, 
the acid will have a number of ionization constants, one charac¬ 
teristic of each step in the ionization. P^or instance, carbonic acid 
ionizes in two steps : 

U:C(h^z;;z 11“^ -f TICO.r (primary) 

HCO.v ^ -f (secondary) 


The primary ionization constant is: 

[H.CO3] 


The secondary ionization constant is: 

.. ^ [IL'llCOs-] 
[Hear] 

The total or over-all ionization constant is: 

^ [H-inco^] 

^ [H2C03! 
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This may easily be shown (by multiplying together the first two 
constants) to be: 

K = Ki X Ki 

This is true in general of any ionization by steps. If we know 
the individual ionization constants, we can calculate the total 
constant as above. 

We have collected in Table 61 the ionization constants for a 
number of representative weak acids and bases, which will be 
found useful for reference. 


TABLE 61 

Ionization Constants for Some Acids and Bases at Boom Temperature ^ 


Acid or Base 

Formula 

Ionization C’onstant 

Hypochlorous acid . . . 


HOCl 

6.7 

X 

10-10 

Hydrocyanic acid . . . 


HCxN 

1.32 

X 

10~» 

Hydrofluoric acid . . . 


HF 

6.9 

X 

1()”4 

Nitrous acid. 


HNO 2 

4.6 

X 

l()-4 

Carbonic acid .... 

(Ki) 

H 2 COS 

4.54 

X 

10-7 


{KA 

HCOr 

5.61 

X 

lO-JJ 

Hydrogen sulfide . . . 

(Ki) 

11 s 

9.1 

X 

l()-8 

(A'2) 

HS- 

1.0 

X 

Kn-'i 

Phosphoric acid .... 

(Ki) 

li3P04 

1 

X 

10-2 

(KA 

H 2 PO 4 - 

2.0 

X 

10-7 


(K,) 

HP04"’" 

3.6 

X 

10-13 

Arsenic acid. 

(Ki) 

HaAsOj 

5 

X 

10-3 


(K 2 ) 

H 2 A.SO 4 - 

4 

X 

10-b 


(A 3 ) 

HAs04"“” 

() 

X 

10"1'1 

Formic acid. 

H(CH02) 

2.1 

X 

10-4 

Acetic acid. 


HfCallaOs) 

LSI 

X 

10“'' 

Phenol. 


H(C6H50) 

1.3 

X 

10-10 

Benzoic acid. 


H(C«H5.C02) 

5.7 

X 

10“4 

Oxalic acid. 

(AO 

H2(C204) 

' 3.S 

X 

10-2 


(AO 

IKCiOO- 

.3 

X 

10-f' 

Tartaric acid. 

(AO 

H2(C4H406) 

9.7 

X 

Hr* 


(A2) 

H(C4ll40fi)- 

9 

X 

10-*i 

Citric acid. 

(AO 

H3(C«H507) 

S 

X 

10-4 

Lactic acid. 


HCCalLOa) 

1.36 

X 

10-4 

Ammonium hydroxide 


NH4OH 

LSI 

X 

10-;, 

Methylamine hydroxide . 


(CIL3)NH30H 

4 

X 

10 4 

Dimethylarnine hydroxide 


(0H3)2NH20H 

5 

X 

10~4 

Ethylamine hydroxide 


(C2H0NH3OH 

5.6 

X 

10"4 

Aniline hydroxide . . . 


(C«H6)NH30H 

4.() 

X 

10-1(1 


1 Data from International Critical Tables, VI, pp. 250 et seq.; Lewis Randall, 
Thermodynamics; Landolt-Bornst/ein, Tabellen. Data for carbonic acid from 
Macinnes & Belcher, J. Am. Chem. Soc,, 66, 2630 (1933). 


When we are dealing with a polybasic acid, the hydrogen ion 
concentration is usually very different from the concentration 
of the polyvalent negative ion. For instance, in a solution of 
carbonic acid the hydrogen ion concentration, and also the bicar- 
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bonate ion concentration, is much greater than that of the carbon¬ 
ate ion. If we want to calculate the hydrogen ion concentration 
in a solution of carbonic acid, we need only consider the primary 
ionization, since the secondary ionization is negligible in compari¬ 
son with the primary. In other words, we need only consider 
the equilibrium: 

HsCO,, ^ H+ + HCOi- Ki = tHJHg Qd 

[1121^03] 

The case is exactly like that of acetic acid. The secondary 
ionization is negligible in comparison with the primary, so that 
for all practical purposes we may write: 

[H^] = [HCOai 

As before, [H 2 CO 3 ] = c, the total acid concentration, hence: 

[H+] ^VkTc 

The carbonate ion concentration is of course very much smaller, 
for it depends upon the secondary ionization. The secondary 
constant is: 

[HCO 3 -] 


Rearranging the above equation shows that the carbonate ion 
concentration is: 


[C03-i 


A2[HC03-] 

[H^l 


Since, as we have already seen, the hydrogen ion concentration 
is almost exactly equal to the bicarbonate ion concentration, 
we find that: 

[CO 3 —] = K 2 


Thus, in any solution of a dibasic acid, the concentration of 
the anion is numerically equal to the secondary ionization constant. 
This is true whatever the concentration of the acid, for we have 
placed no restriction on the acid concentration in the foregoing 
considerations. 

Acid Salts of Weak Polybasic Acids. One other equilibrium 
is important enough to warrant separate treatment. That is 
the equilibrium involving an acid salt of a weak polybasic acid. 
When we dissolve an acid salt in water, we have the following 
equilibria: 
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BHA—^ B++HA- 
HA--^H+ + A“-“ 
HA- + H+^^H2A 


We shall consider the ionization according to the first equation 
complete. The second and third equilibria are characterized by 
the equilibrium constants: 


and 


[H^][A -] 

[HA-J 


= A2 


[H2AI 


If the acid salt ion had been simply a monobasic acid, the 
and A which it furnished in the second equilibrium would have 
been equal. However, some of the IH resulting from this ion¬ 
ization is used up in forming the acid according to the third 
equilibrium. The total concentration of A~“ is equal to the con¬ 
centration of hydrogen ion plus that of the acid: 

[A-] = [Hi + [ILAI 


Substituting into this equation the values of [A ] and [H 2 A] re¬ 
spectively from the two preceding equations and setting [IIA“] = e, 
the total acid salt concentration, gives, after rearrangement of 
terms, the desired equation for the hydrogen ion concentration: 


[H^ 






At moderate salt concentrations, if the first ionization constant 
is small compared with c (1 per cent or less), it may be disregarded 
and we have the very simple relationship : 

[H+l = = vA 


where K is the total ionization constant of the acid. Notice 
that in this case, unlike the others mentioned above, the [H'^] is 
independent of concentrationj as long as c ^ 100 Ki. 

To take a numerical example, if we want to calculate the 
hydrogen ion concentration in 0.05 M NaHCOs, for which Ki = 
4.54 X 10~^ and K 2 = 5.61 X 10~^h we can safely use the approxi¬ 
mate equation, since Ki equals 0.001 per cent of c, hence : 
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Ionization Constants and the Strengths of Acids and Bases. 

The values of the ionization constants also give us a quantitative 
measure of the strength of an acid or base — by which we mean 
the extent to which it ionizes. Thus if we have any monobasic acid 
HA with an ionization constant iCi, the value of the hydrogen 
ion concentration at the total acid concentration c is given with 
sufficient accuracy (page 260) by the approximate equation: 

[H+1 

Comparing two such acids at the same concentration, we see that: 

{m2 

Thus, if K\ = 10“'* and K^. = 10~^ the first acid is ten times as 
strong as the second. 

We cannot compare the strength of two acids of different basicity 
thus simply without considering the way in which each ionizes, 
but in any case the ionization constant is a quantitative measure 
of the acid strength. 

The relative strengths of two different bases of the same type 
may be compared by means of their ionization constants in exactly 
the same way as those of acids are compared. 

The Limitations of Ionization Constants. All of the ionization 
constants tabulated above have been those of weak electrolytes. 
For this type of substance the value of Ki does not change a 
great deal even over a wide range of concentration, and the theories 
we have outlined above hold quite satisfactorily. As a specific 
illustration we give the values of Ki for acetic acid at 25® collected 
in Table 62. Although there is a gradual increase in the con¬ 
stant at progressively higher concentrations, the maximum change 
amounts to only 4 per cent when the concentration changes two 
thousandfold. 

The case of any strong electrolyte is very different. The con¬ 
stant” calculated for such a substance may vary a hundredfold 
over the same concentration range, as the data for potassium 
chloride in Table 62 indicate. In such a case there must be 
something fundamentally wrong with Arrhenius^ theory. We 
now believe that strong electrolytes are practically completely 
ionized at all concentrations, and that the apparent decrease in 
ionic concentrations in more concentrated solutions is due to 
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other factors which we shall discuss more fully in Chapter 16. 
At this time, however, we must stress the fact that strong electro¬ 
lytes do behave anomalously and that we cannot predict their 
behavior by means of the ionization constant or Ostwald's dilu¬ 
tion law. This does not at all detract from the great usefulness of 
the ionization constant in giving us quantitative information 
about the behavior of weak electrolytes. 

TABLE 62 


Ionization “Constants” for IVeak and Strong Electrolytes i 


Electrolyte 

Molarity 

0.0001 

0.001 

0.005 

0.01 

0.10 

0.23 

H.C2m02 (25°) 
KCl (18°) . . 

106 X Ki = 

1.778 

0.0154 

1.797 

0.0485 

1.820 

0.1084 

1.832 

0.1542 

1.846 
0.58 

1 

; 1.814 
0.91 


1 The values of Ki listed in this table are calculated by means of the equation 

Ki — , The necessary values of a are determined from the conductance 

1 —a 

ratio. The constants for acetic acid are taken from Macinnes and Shedlovsky, J. 
Am. Ckem. Soc., 64 , 1435 (1932), and those for potassium chloride are chiefly from 
Taylor, Treatise on Physical Chemistry^ I, 657. Courtesy of D. Van Nostraiid 
Company, Inc. 

Equilibria in Water; pH 

The Ion Product of Water. One weak electrol 3 d^e present in 
every aqueous solution is water. We have already seen that the 
ionization of water, although very small, is still great enough to 
account for hydrolysis and other reactions. The primary ion¬ 
ization occurs according to the equation : 

H 2 O -h OH- 

Doubtless there is also, although to a much smaller extent, the 
secondary ionization: 

0H-^r5=0-~ + H+ 

This secondary ionization is so extremely small that for most 
purposes it may be ignored. The primary ionization constant 
is given by the expression : 

K = 12 Will 
IH.0] 

Since [H 2 O] is nearly constant in solutions of salts in water as a 
solvent we may write : 

[HifOHi - Ki X [H 2 O] - A",. 

where Kw is the important ion product constant for water. 
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formed one mole of H+. In every case which we shall consider, 
the [H+] formed by the hydrolysis is so much larger than that in 
pure water that we may write: 

[BOH] = (H+1 

Substituting this value for [BOH] in Kh = ^ = gives: 

Kb [B"*"] 

[H+]2 = 11-^ = [B+jX* 

Ab 

or [H+] = = V'[B+]K* 

Now if the degree of hydrolysis is smally little of the will be 
tied up as the hydroxide, BOH, and so the concentration of B“^ 
will be very nearly equal to the concentration of the original 
salt, which we shall call c. Hence the equation may be written 
simply: 



This equation can be stated very conveniently in logarithmic form, 
introducing pH. Taking the logarithm of each side and changing 
signs throughout gives: 

- log [H-^] = - I log c - ^ log Kw + i log Kb 

Now — log [H^] = pH. Similarly the values — log Kw and 
— log Kb are often designated respectively by pKu> and pKt. The 
equation then becomes: 

pH = ^ pKw - i pKb - i log c 

In case the salt is largely hydrolyzed^ the [B+] will be considerably 
less than the original salt concentration (c). In fact, it will be 
equal to the original concentration minus the amount of base 
formed, or: 

[B-^] = c - [BOH] = c - [H-^j 

Substituting this value of [B'^'j in [H“*"] = V[B"^] Kh gives the more 
general equation: 

[H^p = (c - [m)KH 


This equation may be solved by the general quadratic formula 
and gives the solution: 


[H^l = 


VKh^ + 4 KhC 


Kb 

2 


2 
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If Kh is very much smaller than c, this reduces to the special 
equation which we derived above: 


[H-^] 



We may define the degree of hydrolysis (x) as the fraction of the 
total salt which is hydrolyzed: 


[BOH] ^ [Hi 
c c 


Hence, in the case of the salt of a weak base and strong acid such 
as we have been considering, if the hydrolysis is sufficiently 

small for the equation, [H+] == VKhc == to hold, we may 

^ Kb 

write: 


X = 



Notice that the degree of hydrolysis becomes greater as the con¬ 
centration becomes less. It is inversely proportional to the square 
root of the concentration, 

A numerical example will make these principles clearer. Cal¬ 
culate the hydrolysis constant, pH, and degree of hydrolysis of 
NH 4 CI in a .001 M solution. In this case, Kb = 1.81 X 10~'^ 
(Table 61, page 262). 


Kh 



Kb 


i.sFx 10“^ 


5.5 X lo-'o 


[H+] = X 10-^^ - 7.4 X 10-' M 


pH = 7 - 

x = LH^3 


log 7.4 = 7 - 0.87 = 6.13 
= 7^ X Jp-’ 

Tool 


= 7.4 X 10-< 


The salt is 0.074 per cent hydrolyzed. 

Salt of a Weak Acid and a Strong Base. By means of reason¬ 
ing exactly analogous to that which we have used above, we can 
show that in this case the equilibrium equation is: 

A- -h H,0 =?=i= HA + OH- 


The other equations are similar except that Ka takes the place of 
Kb and [OH~] takes the place of [H+], thus: 


[OH-] = 



= VcKh 
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whence 

and 



pH = i vKro + i pKa + i log c 


Finally, the degree of hydrolysis: 



Here, as before, the degree of hydrolysis is inversely proportional to 
the square root of the salt concentration (c). The student should 
verify all these equations by working out the complete derivations. 

To illustrate this case, let us calculate the pH in a 0.1 ilf solution 
of Na 2 C 03 . For this salt, Ka is the constant for the secondary 
ionization of H 2 CO 3 since we are dealing with the equilibrium: 


CO 3 — + H 2 O HCO 3 - + OH- 
- 5.61 X 10-11 
pKa = 11 - 0.75 = 10.25 
pH - 7 + 5.13 - 0.5 - 11.63 

This shows that the solution is strongly alkaline. In this solution, 
the degree of hydrolysis is approximately : 


X 


MKaC \ 5 . 6 l X 10-12 


= 4.2 X 10-2 


The solution is therefore 5.2 per cent hydrolyzed. 

Salt of a Weak Acid and a Weak Base. These salts are often 
very completely hydrolyzed, although the solution will remain 
nearly neutral if the acid and base are equally weak. The equilib¬ 
rium equation is: 

-h A- + HsO :?=i= HA + BOH 
for which the hydrolysis constant is: 

tHA][BOH] ^ rr ^ K„ 

-[FltAi " 


If the acid and base are of equal strength, [HA] = [BOH], and if 
the salt is completely ionized (and only slightly hydrolyzed). 


[B+] = [A-] = c. 


[HA] = [BOH] = c 



In this case, the degree of hydrolysis: 



Mac —19 
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turas out to be independent of concentration. In this respect the 
salt of a weak acid and a weak base differs from the first two types 
we have considered, where the degree of hydrolysis varies inversely 
as the square root of the concentration c. 

If we want to calculate the hydrolysis of such a salt as ethylamine 
formate, using the last equation above we find: 

The Solubility of Salts and the Solubility Product 

Frequently in qualitative and quantitative analysis, the success 
of a procedure depends upon the completeness with which a cer¬ 
tain salt is precipitated. Thus if we are testing for the presence 
of silver, the sensitivity of the test depends upon the insolubility 
of the silver chloride which is precipitated. If we are analyzing 
a solution quantitatively for sulfate, we must precipitate the barium 
sulfate as completely as possible. If we add an electrolyte to an 
aqueous solution of a nonelectrolyte, we usually find that the 
solubility of the latter is decreased. This ^'salting out^' effect is 
extensively used by organic chemists to precipitate a product from 
aqueous solution in order to obtain it in the pure state. The salt¬ 
ing out^’ effect is quite specific, its magnitude depending upon the 
particular electrolyte added. In general, nonelectrolytes similarly 
decrease the solubility of electrolytes to a degree roughly propor¬ 
tional to their concentration. Thus salts like BaCL may be pre¬ 
cipitated from an aqueous solution by adding considerable ethyl 
alcohol. In certain cases, however, the solubility of one solute 
may be considerably increased by the addition of a second. Thus 
salts of aromatic acids, such as benzoic acid, are more soluble in a 
solution of ether in water than in pure water. In these cases also 
the effect is quite specific. The Arrhenius theory of ionization 
gives us no information as to the effects of the addition of non¬ 
electrolytes to a solution of an electrolyte. It does, however, give 
us valuable information on the effects of adding to a saturated 
solution of a slightly soluble salt, a second salt with a common 
ion. We shall take up this case in more detail, because of its 
applicability in many branches of chemistry. 

Derivation of the Solubility Product. W. Nernst, in 1889, was 
the first to work out the quantitative applications of the Arrhenius 
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theory to the case of slightly soluble salts, and to calculate the 
theoretical reduction of the solubility caused by the addition of a 
salt with a common ion. We shall take up his derivation as a 
matter of historical interest, although we now know that the 
Arrhenius theory cannot fully explain the effect of one salt upon 
the solubihty of another. If we dissolve a slightly soluble salt, 
BA, in water, the Arrhenius theory postulates the following 
equilibria: 

BA (solid) BA (dissolved) B+ + A* 


The ionization constant for the dissolved salt would be: 


[BA] 


= Ki 


Now if we assume that in the saturated solution of the salt at the 
particular temperature of the experiment the concentration of the 
undissociated salt, [BA], is constant: 

[Bi[A-] = K^IBA] = K. 


where K, is called the solubility product, or ion product constant, 
if «represents the product of the concentrations of the ions in a saturated 
solution of the salt. According to the ^ 

theory which we have outlined above, the ^ 
solubility product for any salt should be O 

a constant, regardless of the other salts 
which may be present, provided only 
the temperature is constant. Its useful¬ 
ness, as we shall see, lies in the fact that 
by means of it we can calculate the solu¬ 
bility of the salt in the presence of the 
common ions furnished by another salt. 

Before we take up the applications of the 
solubility product, we shall find it interest¬ 
ing to see how we can derive the equation above from a kinetic 
picture of the salt in equilibrium with its saturated solution. 

A Kinetic Interpretation of the Solubility Product. Imagine a 
crystal of a slightly soluble salt in a saturated solution being so 
magnified that we could see on the surface of the crystal the 
individual particles. The surface of the crystal would consist of 
the ions of the salt arranged in an orderly lattice. Some of these 



Fig. 46. Equilibrium in a 
Saturated Salt Solution. 
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ions at any particular moment would be dissolving from the 
crystal, while other ions from the solution would be settling upon 
the crystal lattice in other places. If the solution is saturated with 
respect to the salt, the number of ions leaving the crystal in any 
time will be exactly the same as the number precipitating upon the 
lattice. We can easily formulate these conditions mathematically 
as follows; The number of the ions leaving the surface of the 
crystal will be proportional to the area, aB+, of the crystal face 
covered by the ions, while the number of 6“^ ions returning to 
the surface of the crystal will be proportional to the concentration 
of B^" ions in the solution and to the portion of the surface upon 
which they can deposit, which is proportional to the area covered 
by A“ ions. At equilibrium these two numbers will be equal, and 
we may write: 

kiaB+ = A;2aA-[B+] 

An analogous equation holds for the A- ions, namely: 

kza^- = A;4aB+[A-] 


The constants /ci, fe, fcs, ^4 are the proportionality factors for the 
steps mentioned above. If we multiply the first equation by the 
second and cancel out the identical terms on the two sides, we find: 

kikz = fc2A:4[B+][A-] 

Rearranging terms and putting the single constant for the 
fraction involving the four rate constants gives finally: 

[B+]lAi = ^ = K, 

/C2^4 

This equation is exactly the same as the last equation in the pre¬ 
ceding section. Its derivation, which does not involve the undis¬ 
sociated molecules which Arrhenius assumed, is more in line with 
modern ideas of solutions of electrolytes. 

Calculation of the Solubility Product from the Solubility. 
If the salt is “insoluble” — i.e., very slightly soluble — it will he 
almost completely ionized and hence, if it is dissolved in pure 
water, the concentration of each ion will be the same as the solu¬ 
bility, So, of the salt in moles per liter, i.e. : 

[Ai = m = So 
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For such a salt the solubility product will be numerically equal to 
the square of the solubility. 

K. = [B+][A~] = 50^ 

For example, the solubility of AgCl in water is 1.5 X grams 
per liter or 1.1 X 10“^ moles per liter. Since the ionization is 
nearly complete at this concentration, we may consider: 

[Ag^] = [Cli = s, = 1.1 X 10-^ 
whence K» = IAg+][Cl-] = 1.2 X 

In case the salt is of a higher valence type, like PbCU, the calcula¬ 
tion is similar except that in this case the ionization constant 
involves the square of the concentration of the Cl“. The ionization 
is as follows: 


P bCL:;^Pb+^ + 2C1- 

Each molecule of PbCU yields one Pb"^*^ and two Cl"". If the 
solubility of the salt is So moles per liter and it is completely 
ionized: 

[Pb++] = So 
[C1-] = 2 5. 

and the solubility product will be: 

K. = (Pb^-^KCI-P = 5. X (2 5o)2 = 4 5.3 

In this particular case the molar solubility of the salt is 3.9 X 10~^. 
The concentrations of the ions (assuming complete dissociation) 
wiU be: 

[Pb^i = 3.9 X 10-3 
[C1-] = 7.8 X 10-3 

Ko = (3.9 X 10-3)(7.8 X 10-3)3 = 2.4 X 10"^ 

The solubility product can be calculated in the case of any other 
salt by applying the same general principles. Similarly, we may 
calculate the solubility of a salt in water from the value of the 
solubility product merely by reversing the procedure used above. 
Thus, if we know that the solubility product of PbS is 4.2 X lO^^s, 
we can find its solubility from the equations: 

[Pb++][S-i = 4.2 X 10-“ 

[Pb^-+] = [S—] = 5o 
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Eliminating [Pb++] and [S—] and solving for 8o gives: 


s, = V4.2 X 10-“ = 2.0 X 10->< M 

The numerical values of the solubility and solubihty products of 
certain common salts at room temperature are given in Table 65. 

TABLE 65 


Solubility and Solubility Product op Certain Salts at Room 
Temperature ^ 


Substance 

Solubility 

(o./u.) 

Solubility 

Product 

Substance 

Solubility 

(o./l.) 

Solubility 

Product 

AgBr . 


1.1 

X 

10--* 

3.5 

X 

10-13 

Fe(OH)a . 

4.8 

X 

10-3 

1.1 

X 

10-36 

AgCNS 


1.4 

X 

10“< 

7.1 

X 

10-13 

FeS . . . 

3.4 

X 

10-6 

1.5 

X 

10-19 

AgCl . 


1.5 

X 

10“3 

1.2 

X 

10-10 

HgS . . . 

1.5 

X 

10-2< 

4 

X 

10~63 

Agl . 


3.0 

X 

10-6 

1.7 

X 

10-16 

KjPiCh . . 

11.0 



4.9 

X 

10-6 

AgjCOj 


3.0 

X 

10-2 

5.0 

X 

10-12 

MgCOa . . 

0.43 



2.6 

X 

10-6 

Ag3P04 


6.5 

X 

10-» 

1.8 

X 

10-16 

MgC204 . 

1.0 



8.6 

X 

10-6 

Ag2S . 


7.3 

X 

10-u 

1.6 

X 

10-« 

MgNH4P04 

8.6 

X 

10-3 

2.5 

X 

10-13 

Ag,S04 


8.0 



7.0 

X 

10-6 

Mg(OH)2 . 

1.2 

X 

10-2 

3.4 

X 

10-11 

BaCOa 


1.3 

X 

10-2 

1.9 

X 

10-9 

MnS . . . 

3.3 

X 

10-6 

1.4 

X 

10-16 

BaC204 


9.2 

X 

10-2 

1.7 

X 

10-7 

PbBrs . . ! 

9.7 



7.9 

X 

10-6 

BaCr04 


3.8 

X 

10-3 

2.3 

X 

10-10 

PbCh . . 

11.0 



2.4 

X 

10-4 

BaS04 


2.5 

X 

10-3 

1.2 

X 

10-10 

PbCOa . . 

1.1 

X 

10-3 

1.7 

X 

10-11 

OaCOa 


1.3 

X 

10-2 

1,7 

X 

10-» 

PbCr 04 . . 

4.3 

X 

10-6 

' 1.8 

X 

10-14 

CaC204 


8.0 

X 

10“3 

3.8 

X 

10-2 

Pbl2 . . . 

0.68 



1.4 

X 

10-» 

CaS04 


2.0 



2.3 

X 

10-< 

PbS . . . 

4.9 

X 

10-12 

4.2 

X 

10-2H 

CdS . 


8.6 

X 

10-13 

3.0 

X 

10-29 

PbS04 . . 

4.2 

X 

10“2 

2.3 

X 

10“8 

Cul . 


3.0 

X 

10--* 

2.6 

X 

10-12 

Zn(OH)2 . 

6.1 

X 

10~6 

1.0 

X 

10-lH 

CuS . 


8.8 

X 

1 ()-21 

8.5 

X 

10-46 

ZnS . . . 

3.3 

X 

10-10 

1.2 

X 

10-23 

Fe(OH )2 


1.44 

X 

10-3 

1.6 

X 

10-11 

1 


! 







1 Reprinted by permission from Treadwell-Hall, Analytical Chemistry, Volume I, 
published by John Wiley & Sons, Inc. 


Quantitative Effects of a Common Ion. The useful application 
of the solubility product lies in the calculation of the solubility of 
salts, not in water but in a solution of a salt with a common ion. 
The effect is calculated very simply by means of the equation, 
[B'^][A~] = JK', (see page 278), which defines the solubihty product. 
If we want to find the solubility of the salt BA in the presence of a 
large amount of the common B^ ion, furnished by a second salt, we 
can write: 

The solubility of the salt, s, is represented by the [A~] which it 
will furnish. Suppose, for instance, we want to find the solubility 
of PbS04, not in pure water but in a solution 0.01 M in S04—. 
We then know that: 
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IPb++][S 04 -i « if. = 2.3 X 10-« and [SO*—] = 0.01 
hence, s = [Pb++] = = 2.3 X 10-* 

This means that if we put solid lead sulfate in contact with a 
solution kept 0.01 M in S 04 “'“ the salt would dissolve until the 
lead ion concentration became 2.3 X lO'^® molar. The solubility of 
the salt, s, in this solution is then 2.3 X 10”® molar. Since the 
molecular weight is 303, the solubility is 7.0 X 10”^ g. per 1. or 
0.70 mg. per 1. Since the solubility of this salt in water, So, is 
4.2 X 10”2g. perl., we see that the excess sulfate ion has reduced 
the solubility sixty times. 

In the dispussion above, we have stated that the [SOi**is lO”^ M 
in the solution. Since the [SO4””] coming from the soluble 
lead sulfate is only 2.3 X 10“® Af, we can see that it is inappreci¬ 
able compared with that coming from the other salt, and so we can 
usually consider the concentration of the common ion the same as 
that furnished by the added salt. Usually it is sufficiently accurate 
to consider this salt completely ionized^ unless it is as concentrated 
as 0.1 M or more. Thus in practice we have for the solubility, s, 
of a slightly soluble salt in a solution of another salt containing 
a common ion: 

[salt] 

In case we are dealing with a salt of mixed valence tijpe^ such as lead 
iodide, Pbl 2 , the principles we have outlined above would indicate 
that the solubility is affected more by the concentration of the 
ion with the lower charge (here I”) than by that of the ion with 
the higher charge (Pb+ ■^) because the concentration of the former 
is squared^ while that of the latter enters only to the first power into 
the solubility product expression. 

In analytical work the question often arises: What must be the 
conditions in order to make an analytical procedure sufficiently 
complete and quantitative? Sometimes we can answer that by 
means of solubility product calculations. Suppose that we were 
considering the determination of silver by means of silver chloride. 
The procedure would be to add the chloride solution to the solution 
of the silver salt. If we add an exactly equivalent amount, the 
saturated solution of silver chloride will still contain 1.5 mg. of this 
salt f)er liter. If we are weighing 300 mg. of the salt, and the total 
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volume of solution and of wash water is 500 ml., we will lose 0.75 
mg. out of 300 mg., or 0.25 per cent of the salt. Our analysis 
would then be 0.25 per cent low. The invariable analytical proce¬ 
dure requires an excess of the predpitard^ and the solubility product 
principle enables us to see how important this is. 

What concentration of chloride ion must we have in order to 
reduce the solubility of the silver chloride so that the loss of this 
material is 0.0025 per cent? This means a hundredfold decrease of 
[Ag*^] which can be gained by a hundredfold increase in [Cl~]. In 
other words, we must add enough excess chloride ion to give 100 
times the concentration in the saturated solution of silver chloride. 
Since the latter is 1.1 X 10~® moles per liter, the required [Cl~] — 
1.1 X These calculations show that silver chloride is very 

suitable for determining silver quantitatively with high accuracy. 
Similar calculations in other cases will indicate the suitability of 
other insoluble salts for quantitative work. 

The Metathetical Solution of Insoluble Salts. The qualitative 
analyst is frequently required to analyze a sample of a salt insoluble 
in water. The first problem is to get this salt into solution in order 
to apply the usual qualitative tests for the ions. In certain cases 
this may be done by adding a strong mineral acid. Thus if the 
material is a limestone containing chiefly calcium carbonate with 
some magnesium carbonate, it will dissolve completely in nitric 
acid, which displaces the weak carbonic acid and yields calcium 
and magnesium nitrates with evolution of carbon dioxide. Sup¬ 
pose, however, we are given a sample containing lead sulfate, 
barium sulfate, or silver chloride. These salts will not be dis¬ 
solved by mineral acids. The usual procedure is to boil them 
with 3 N sodium carbonate solution. This converts the insoluble 
salts partly or wholly into insoluble carbonates leaving the anions 
in solution. After filtration, soluble salts of the cations are easily 
obtained by treating the carbonates with an acid. Thus lead sul¬ 
fate is insoluble in water; but if heated with 3 N Na 2 C 03 solution, 
it is converted completely into insoluble lead carbonate, which may 
be filtered off. The filtrate may then be tested for SOr**, and the 
precipitate dissolved in nitric acid and tested for Pb"*" 

The table of solubilities shows that lead sulfate is only forty 
times as soluble as lead carbonate. Why should it be completely 
converted into the latter? In the case of other salts, how can we 
predict how complete the action will be ? The solubility product 
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principle enables us to answer this question. In a solution of lead 
sulfate in water we have the equilibrium: 

PbS 04 Pb-^+ + SOr- 

for which the solubility product is: 

A^pbso* = [Pb+i[S04-i 

If we introduce carbonate ions into this solution, the lead ions can 
combine with them also, forming insoluble lead carbonate, thus: 

Pb-^+ + CQ3-^=^ PbC03 

The solubility product in this case is: 

Apbco, = [Pb+i[C03-i 

At equilibrium, both of the two solubility product equations must 
be satisfied simultaneously. Also, the value of [Pb+ +] in each is 
the same, representing the concentration of Pb"^ + in the solution. 
Dividing the first solubility product equation by the second gives: 

[P])^-^1[ S04-i ^ Kpmo. ^ 2.3 X 10^ 

[Pb-^^][C03--] Apbco, 1.7 X 10"» 

Canceling out the common [Pb'^ +] gives the equation: 

[ 8 O 4 -J _ _ 14 .no 

[CO 3 -] Apbco, 

This tells us that the ratio of the concentrations of the sulfate and 
carbonate ions in the solution at equilibrium is the ratio of the 
two solubility products. If we rnetathesize lead sulfate with sodium 
carbonate, the former will dissolve, and PbCOs will precipitate out 
until the sulfate ion concentration is 1400 times as great as the 
carbonate or until the lead sulfate is completely dissolved. Since the 
carbonate ion concentration in 3 N Na 2 C ()3 is about 2 A', the equi¬ 
librium value of the sulfate ion would be 2800 A! Of course, the 
solution could never become so concentrated in sodium sulfate, 
but an ordinary analytical sample of lead sulfate should dissolve 
completely in a few ml. of the sodium carbonate reagent. 

In the case of barium sulfate, which is less soluble than barium 
carbonate, the ratio of the solubility products is 0.063; hence a 
fairly large quantity of sodium carbonate solution must be used to 
rnetathesize this salt. 
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In metathesizing a salt like silver chloride with NajCOa solution, 
reasoning like that employed in the case of lead sulfate leads to the 
result: 

[Cl-P ^ K\^cx 
[CO a"”] J^Ag«oo« 

Similar calculations may be made for any type of salt. 

Limitations of the Solubility Product Principle. Many experi¬ 
ments have been carried out to determine how accurately the 
solubility product principle actually applies. Such a small weight 
of an '^insolublesalt dissolves that usually it cannot be deter¬ 
mined satisfactorily by direct weighing. One frequently employed 
method involves the measurement of the electrical conductance 



the Solubility of TlCl. the Solubility of Ag 2 S 04 . 

of the solution. If the ionic conductances are known, this gives 
the ionic concentrations satisfactorily in jpure water, Wlien other 
salts are added in high concentration, most of the conductance is 
due to them, and only a small percentage is due to the ^^insoluble” 
salt. Furthermore, there is some uncertainty as to the influence 
of the added salt upon the ionic conductances of the ‘'insoluble” 
one. The experimental results therefore may be misinterpreted in 
calculating the solubility or the ionic concentrations. A series of 
experiments of this type was made a number of years ago by 
A. A. Noyes and his associates at the Massachusetts Institute of 
Technology,^ This work indicated that the solubility product prin¬ 
ciple applies fairly satisfactorily to the behavior of uni-univalent 

» Noyea and Bray, J. Am, Chem. Soc,, 33, 1643 (1911), and the other articles 
immediately following, particularly that of Bray. 
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electrolytes, like thallous chloride and silver thiocyanate. This is 
shown in Figure 47, where the results of Bray and Winninghoff for 
the solubility of thallous chloride in the presence of various other 
salts are plotted. All the salts with a common ion decrease the 
solubility to nearly the same extent, which is roughly that calcu¬ 
lated from the simple theory we have outlined above where we 
assumed both salts completely ionized. The deviation is in the 
direction which would be caused by incomplete dissociation at the 
higher concentrations, but is too large to be due to this alone. The 
same is true of the addition of common univalent ions, like Ag+ to 
silver sulfate solution, as Figure 48 shows. When, however, we 
add a common divalent ion, like SO 4 , we do not obtain nearly the 
expected decrease in solubility. The solubility product principle 
cannot be applied in this case. 

Another fact which cannot be explained by the postulates of the 
Arrhenius theory is the increase in the solubihty of both the salts 
when we add electrolytes with no common ion. This is a very 
striking general phenomenon of which we will speak further in 
connection with the more modern theories of electrolytes (Chap¬ 
ter 16). 

The Precipitation of Sulfides in Acid Solution. The discussion 
of this subject, upon which so much of the procedure in qualitative 
analysis depends, involves the ionization of the weak acid hydrogen 
sulfide, and the solubility product of the sulfide. At 25° C. a water 
solution of hydrogen sulfide, saturated at one atmosphere pressure, 
is about 0.1 M. We can calculate the ion concentrations from the 
following ionization constants: 

= 9.1 X 10“« 

K 2 = 1.0 X 10-'^ 

K = K 1 K 2 = 9.1 X 10-25 

Since the acid is so weak, the concentration of the undissociated 
acid is practically equal to the total acid concentration. The 
secondary ionization is so much smaller than the primary that the 
hydrogen and bisulfide ion concentrations are almost identical. 
Therefore, we may write : 

[H,S1 = 0.1 and [Hi - [HSi 


[H.S] 

[HS ] 
[Hin s-] 
[H,S] 
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As in the case of any weak dibasic acid (see page 263) the hydrogen 
ion concentration is given by substituting these numerical values 
into the primary ionization constant equation and is: 

[H+] =V9J X 10-® = 9.5 X 10-® M 

The sulfide ion concentration in a water solution of hydrogen sulfide 
is found, as in the case of the carbonate ion previously discussed 
(page 263), to be equal to the secondary ionization constant: 

[S--] = 1.0 X 10-'^ M 

From the equation for the total constant, we obtain the additional 
information that, so long as [HzS] = 0.1: 

[H-^P[S—] - 9.1 X 10-24 


Since the solubility of hydrogen sulfide is only slightly affected by 
the addition of electrolytes, this equation holds reasonably well for 
any solution saturated with hydrogen sulfide at room temperature. 
From it we can readily calculate the sulfide ion concentration in a 
saturated solution of hydrogen sulfide containing a strong acid, 
which will obviously reduce the [S” -] greatly. Rearranging the 
equation gives: 


[s-i 


9^1^ X 10 :^ 


The application to the precipitation of sulfides is at once apparent. 
If a solution of a sulfide MS is saturated, we know that the ion 
product is equal to the solubility product: 

[M++][S—] = Ks 

or (M-I - 


Substituting the value for [S~ “] from the total ionization constant 
equation gives: 


[M++1 = 


[H+pA% 

llfjSli: 


Eliminating [S"“] between [H+]^[S~“] = 9.1 x 10~^ and [M++] 


[M++] 


9.1 X 10-“ 
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This represents the concentration of the metallic sulfide in a solu¬ 
tion of the specified hydrogen ion concentration, saturated with 
H 2 S at atmospheric pressure. In other words, it represents the 
solubility of the sulfide in such a solution. If the solution under 
these circumstances contains more +] than the value defined by 
the above equation, the sulfide will precipitate; if it contains lesSj 
the sulfide will not precipitate. 

In qualitative analysis, the copper-tin group and the iron- 
aluminum group are separated by precipitating the former in a 
solution so strongly acid that the sulfides of the latter group will 
remain in solution. The acid concentration is usually such that: 

[H+1 = 0.3 M 


Under such conditions, the preceding equation becomes: 


[M-^i 


9.1 X 


= 1022 


If the solubility product of the sulfide is 10”^® or less, the value 
of the metal ion concentration in a saturated solution is: 

[M++] = 10"^ (or less) 

In other words, the sulfide will be soluble to the extent of only 
.0001 M or less, and so may be classed as insoluble. 

Referring to Table 65, we find the following sulfides (in the order 
of their increasing solubility products) with the approximate 
solubility product exponents^ pKsj^ indicated : 

Sulfide . . . HgS CuS CdS PbS - ZnS FeS MnS 

pK . 53 44 29 28 26 23 19 15 


From the foregoing discussion we should expect the first four to be 
insoluble and the last three to be soluble in 0.3 M [H+]. That is 
exactly what we find, for the first four come down with the copper- 
tin group and the last three only appear with the iron-aluminum 
group. 

The foregoing discussion also explains why the sulfides of the 
iron-aluminum group precipitate when the solution is made basic 
with ammonium hydroxide. Suppose that in such a solution: 


[OH-] = 0.001 = 10-® 
[H+] = 10“» 


» pKs * log 


This term is analogous to pH, which is log 


1 

[H+1* 


Then 
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Under these conditions, in a saturated solution of a metallic sulfide: 




9 X 


IIK, 


Any sulfide of a metal having a solubility product equal to or 
less than 10~^ would be completely insoluble, Le., soluble to the 
extent of only 0.0001 M or less, in such a solution. All of the 
sulfides of the iron-aluminum group have solubility products much 
less than 10“^, so that all would precipitate in this alkaline solution. 


Summary 

In this chapter we have collected some of the quantitative appli¬ 
cations of Arrhenius’ theory of ionization and have indicated the 
usefulness and limitations of each. 

The ionization constant, Ki of a weak acid or a weak base is ex¬ 
tremely important. It may be evaluated from a knowledge of the 
degree of ionization of the substance at one concentration, and it 
enables us to calculate a or ionic concentrations in a solution of the 
weak electrolyte of any given concentration. By means of the 
ionization constant we can also calculate the quantitative effect 
of a common ion in repressing the ionization of the weak acid or 
base. 

The total ionization constant is the product of the primary and 
secondary ionization constants for dibasic acids. The ionization 
of polybasic acids is more complicated than that of monobasic 
acids, but we can calculate the concentrations of the hydrogen 
ion, intermediate ion, and anion by means of the different ioniza¬ 
tion constants. Acid salts of weak dibasic acids yield a nearly 
constant hydrogen ion concentration, numerically equal to the 
square root of the total ionization constant of the acid. 

The ionization constant provides a quantitative measure of the 
strength of an acid or base. 

Ionization constants are not obtained from values of the apparent 
ionization of strong electrolytes. 

The value PBl+lfOH”'] = ifu», the ion product for water, is con¬ 
stant at any temperature, becomes larger at high temperature, and 
allows us to calculate the concentration of either ion from a knowl¬ 
edge of the other. 

The hydrogen exponenty pH, and hydroxyl exponent, pOH, repre- 
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sent respectively log and log — . The exponent, pH, is a 

convenient method of expressing acidity or alkalinity. It repre¬ 
sents a vital factor in life processes. 

The hydrolysis of salts may be treated quantitatively on the 
basis of the ionization theory. The degree of hydrolysis and pH 
depend on the ionization constant of the weak electrolyte, Ka or 
Kb or both, and of water, Kw. The following cases are covered: 

Salts of a weak base and a strong acid, salts of a weak acid 
and a strong base, and salts of a weak base and a weak acid. The 
degree of hydrolysis (x) is inversely proportional to the square 
root of the salt concentration in the first two cases, but is in¬ 
dependent of concentration in the third case. 

The solubility of electrolytes in water is usually although not 
always decreased by the presence of nonelectrolytes, and vice 
versa. 

According to Arrhenius’ ionization theory the product of the 
concentrations of the ions of an electrolyte in a saturated solution 
is a constant (the solubility product). This principle allows us to 
calculate the solubility of an “ insoluble ” salt in the presence of 
a soluble salt with a common ion^ and hence to decide upon condi¬ 
tions suitable for analytical procedures. We can also determine 
whether or not it is practical to metathesize an insoluble salt (c.gr., 
PbS 04 ) with a substance like Na 2 C 03 , in order finally to obtain the 
ions of the former in soluble combinations. 

Experiments indicate that the solubility product principle 
applies fairly satisfactorily to the effect of salts with a common ion 
in the case of the uni-univalent electrolytes and in the addition 
of univalent common ions to uni-divalent salts. The addition of 
divalent common ions does not cause nearly the predicted decrease 
in solubility. The addition of salts with no common ion usually 
increases the solubility quite appreciably. 

By combining the solubility product with the ionization constant 
of a weak acid, we can calculate the effect of changing pH upon 
the solubility of a salt of a weak acid. We have illustrated this 
principle by a discussion of the precipitation of sulfides in acid 
solution. 

PROBLEMS AND EXERCISES 

1. If 0.1 M ammonium hydroxide solution is 1.3 per cent ionized, 
calculate the ionization constant of the base. 
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2. Calculate the hydroxyl ion concentration in a 0.3 M solution of 
ammonium hydroxide. What is the hydrogen ion concentration in this 
solution ? 

3. Calculate the hydroxyl ion concentration in a solution 0.3 M in 
ammonium hydroxide, and 0.1 Af in ammonium chloride. Calculate also 
the hydrogen ion concentration in this solution. 

4. What is the hydrogen ion concentration in a solution made by 
mixing 50 ml. of 0.1 M sodium acetate and 50 ml. of 0.1 M acetic acid? 
Assume that the salt is completely ionized. 

5. Calculate the concentration of hydrogen ions in 0.1 M hydro¬ 
cyanic acid solution. 

6. Calculate the actual number of hydrogen and of hydroxyl ions 
in 1 ml. of pure water assuming Kw ~ 10~^^ 

7. In order to fix in mind the logic of the method rather than merely 
the results expressed in the equations, consider the hydrolysis of a 0.01 M 
solution of ethylamine hydrochloride, CiHsNHaCl. Write down the 
equilibrium equation for the hydrolysis of this salt, and derive the ex¬ 
pression for the hydrolysis constant and for the [H+], pH, and degree of 
hydrolysis (a;), using the correct numerical values for the constants 
involved. Calculate the values of Kh, pH, and x in this solution. 

8. Calculate [H+], [OH“], pH, and pOH in each of the following solu¬ 
tions : 

(a) 0.001 M HCl (assumed completely ionized) 

(b) 0.05 M NaOH (assumed completely ionized) 

(c) 0.01 MHO Ac 

(d) 0.01 M HOAc, 0.1 M in NaOAc. (Assume the salt is cMmpletely 
ionized and furnishes all the acetate ions.) 

(e) Potassium acid tartrate in 0.1 M solution 

9. Calculate the degree of hydrolysis of the following salts : 

(а) Ammonium acetate in 0.01 M solution 

(5) sodium cyanide in 0.1 iV solution 

10. Calculate the [H+] in the following solutions: 

{a) ammonium chloride in 0.01 M solution 

(б) potassium cyanide in 0.1 N solution 

11. Write the expressions for the solubility products of: 

(a) stannic sulfide (d) calcium phosphate 

(5) lead chromate (e) aluminum hydroxide 

(c) bismuth sulfide 

12. Using the solubilities listed in Table 65, calculate the solubility 
product of each of the following salts: 

(a) AgBr (c) K 2 PtCl 6 

(6) Ag8P04 id) MgNH4P04 
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13. Using the solubility products listed in Table 65, calculate the 
solubility of the following salts in water: 

(o) BaC 204 (c) AgCNS 

(6) Fe(OH )2 (d) ZnS 


14. Calculate the solubility of each of the salts above in a solution 
0.1 M in the anion. 

15. How much of a 500 mg. sample of each of the following salts would 
dissolve, at room temperature, (1) in 25 ml. of water, (2) in 25 ml. of 3 iV 
NajCOs: 

(а) CaCiOi (c) BaSOi 

(б) PbCr 04 (d) AgCl 


16. Put the equation [M*^ = nj hito logarithmic form so as to 

Itl'ioJA 

show how log [M^+] may be expressed in terms of log [H 2 S], pH, and pKs. 

17. Put the equation logarithmic form, so 


as to show how, for any particular sulfide, log may be expressed 

as a function of pH alone in a solution saturated with H 2 S at room 
temjjerature. 

18. A volume of 100 ml. of a solution contains 5 mg. of Zn'^"'' and 500 

mg. of If it is saturated with hydrogen sulfide at atmospheric 

pressure, to what value should the pH be adjusted so that all but 1 per 
cent of the zinc would be precipitated, while the manganese all remained 
in solution ? Could the pH be adjusted so as to separate 5 mg. of Zn++ 
from 500 mg. of with the same completeness? 

19. Show that the solubility of carbonates in acids may be treated like 
the solubility of sulfides. In a saturated solution of (carbon dioxide in 
water, the [H 2 CO 3 ] is about 0.03 M (page 305). What must be the pH 

(а) in order that CaCOg may precipitate completely ([Ca'‘ +] < lO"'*), 

(б) in order that MgCOgunay precipitate completely ([Mg'^'^] < 10~^). 
Could Ca'^'^ and Mg-^-^ be separated by regulating the pH properly? 
How is this principle applied in qualitative analysis? 
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Titration Curves. We are now in a position to consider in some 
detail the change in hydrogen ion concentration, or pH, when we 
titrate an acid with a base. Such titrations are among the most 
important processes of volumetric analysis and a thorough knowl¬ 
edge of their theory is indispensable to the chemist. The strength 
of a particular acid or base is important in determining how we can 
titrate it, what indicator we should use, and how accurately we 
can determine the end point. 

The object of any acid-base titration is to determine the volume 
of one solution which is equivalent to a certain volume of the 
other. The desired end point is reached when we have added 

equivalent quantities of acid 
and base — in other words, 
when we have added to the acid 
enough base to form the salt 
and water and no more. Thus 
if we are titrating acetic acid 
with sodium hydroxide, we 
want to add just enough base 
to form sodium acetate and 
water, according to the equa¬ 
tion; 

NaOH -t- HO Ac —^ 

NaOAc -t- H,0 

When we have added this 
amount of base, the solution 
is not neutral, with a pH of 7, 
but is actually basic, for we know that sodium acetate is hydrolyzed 
and gives a basic reaction. 

In general, when we are titrating any acid and base, we will end 
with a solution of the resulting salt and the end point will be basic, 
neutral, or acid, depending on the hydrolysis of the resulting salt. 
Thus if we titrate with the same strong base, e.g., NaOH, first a 
strong acid and then a weak acid, we find that the end point will be 
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neutral in the first case and basic in the second. The two experi¬ 
ments differ not only in their end points, but also in the way the 
hydrogen ion concentration changes before the end point is reached. 
This is shown most conveniently on a titration curve, where we start 
with a given quantity of acid and plot the pH of the solution as a 
base of the same normality is added in successive portions. In 
Figure 49 we have plotted the titration curves for hydrochloric 
and acetic acids. 

We shall consider first the hydrochloric acid. We can calculate 
the change of pH quite simply and with sufficient accuracy for our 
purposes as follows: Wc start with 50.00 ml. of 0.1 N HCl. We 
have already calculated (page 267) that in such a solution [H+] 
equals 0.09. The pH of this solution is therefore 1.05, a value 
which the student should verify. When 0.1 A/' NaOH is added, it 
does two things. It neutralizes an equivalent amount of acid, 
and it increases the volume of the solution. However, a great deal 
of base must be added before the pH changes by even one unit. 
The addition of 40 ml. of base will leave \ of the original acid in a 
volume of 90 ml. instead of 50, hence the [H*^] (assuming complete 
dissociation of the dilute acid) will be: 

[IT] = 0.1 X i X M = 0.011 
and pH = 2 - log 1.1 = 2 - 0.05 = 1.95 


Thus the addition of 40 ml. of base has changed the pH by only 
about 0.90. Calculations and experiments show that the pH 
changes very little until almost exactly at the end point, where the 
change is enormous. Thus when 49.99 ml. of base have been 
added and the acid is 99.98 per cent neutralized, the pH is 5. 
When 0.02 ml. more base is added, the pH becomes 9. 

The case of the acetic acid is quite different. The original 0.1 A' 
acid is only 1.34 per cent dissociated, hence the pH == 2.87. WTien 
a few ml. of base have been added, the pH has increased much more 
than in the case of the strong acid. The reason for this is clear 
when we calculate the value of the [H"^] and hence the pH. Re¬ 
arranging the ionization constant equation for the acid gives us; 


[H^j = Ka 


[HOAc] 

[OAci 


or, taking logarithms of both sides and rearranging terms: 
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The value of [HOAc] is practically equal to the unneuiralized acidy 
while the [OAc""] is equal to the salt (or neutralized acid). Hence, 

fOAc""] 

as we add base, we increase the numerator of the fraction, 

and decrease the denominator, thus increasing the value of pH. 

To take a specific illustration, when 5 ml. of base are added, 
10 per cent of the acid is neutralized and: 


[HOAc] ^ 0.0 ^ g 
[OAc] 0~1 

hence [H+] - 1.82 X 10-^ X 9 = 1.64 X 10"^ 

and pH = 4 - 0,21 = 3.79 


As more base is added, the pH increases more slowly until near the 
end point it rises steeply as in the case of the HCl. In the case of 
the weak acid, however, the vertical portion of the curve is much 
shorter — about equally distributed above and below the pH 
corresponding to the end point. This is the pH due to the hydroly¬ 
sis of the resulting salt, which we can calculate by means of the 
equation pH = i pKu> + i pKa + i log c (see page 275) to be 8.72. 

If a polybasic acid is titrated, the 
curve is more complicated, since there 
may be a point of inflection when each 
hydrogen ion in succession is neutralized. 
The point of inflection appears only if 
the successive ionization constants differ 
by 10^. If the difference is less than 10^, 
there will not be two appreciable 
''breaks'' in the curve. Thus tartaric 
acid, although dibasic, would give only 
one break, because its two constants 
differ by only 10 (Table 61). Phos¬ 
phoric acid, on the other hand, gives a 
curve with two breaks, corresponding to 
the neutralization of the first and second 
hydrogen ions, since Ki and K 2 differ by 10^ The third constant 
is so extremely small (10~^^) that there is no break for the neutraliza¬ 
tion of the third hydrogen ion. The curve for the neutralization of 
H 3 PO 4 with NaOH is given in Figure 50. The data are taken from 
the hydrogen electrode curves of Britton.^ 

1 Britton, Hydrogen Ions, p. 147. 



Fig. 60. Titration of 0.01227M 
H 3 PO 4 with NaOH. 
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BuflEer Solutions. If we have a dilute solution of a strong acid 
with a pH of 4 or more, a very small quantity of base will neutralize 
it and raise the pH to 7. Such an acid stored in a soft-glass vessel 
would soon be neutralized by soda or potash leached from the glass. 
It has no reserve capacity for maintaining a constant pH; yet we 
have already seen (page 271) that in many physiological and botani¬ 
cal processes the pH is extremely important and that it is main¬ 
tained remarkably constant by the organism at values near the 
neutral point and within the limits 5 and 9. How is this possible ? 
A study of the titration curve of acetic acid, Figure 49, will afford 
an explanation of the mechanism by which this is achieved. 
Notice that along the middle portion of the first half of this 
curve (where 25 ml. of base have been added and the acid is half 
neutralized) the pH changes very little for each additional ml. 
of base added. At this point the concentrations of acetic acid and 

acetate ion are equal; and since [H+] = (page 293), the 

[UAc~J 

[H+] is equal to the constant for the acid: 

[H+] - Ka or pH - vKa 

An inspection of the curve will show that at this point the change of 
pH for a certain addition of base is smaller than at any other 
point on the curve. The same is true for the addition of an equiva¬ 
lent amount of acid.^ Such a system, then, containing equal con- 


^ An analytical proof of thia statement, based on tbo equation 

affords an interesting problem in minima, which is easily solved by one familiar 
with the differential calculus. If we start with a ml. of acetic acid and add x ml. 
of base of the same concentration (c), we can easily show that: 

[OAc-) = c ~ 

(a + x) 

[HOAcl = c 

(a-f x) 

, [OAc 1 _ X 

[HOAcl "(o-j) 

This relation is independent of the original concentration (c) of acid and base. 
Now, substituting this value into 


pH = log j 
== log 


[HOAcl 


The derivative of this expression wdth respect to x, 


represents the slope of 


the pH-x curve at any point. By a well-know'ii principle of the calculus, this 
slope will be a minimum when its derivative, is 0. If we carry out the 

fl 

calculations, we find this condition is fulfilled when x = - or the acid is half 
neutralized. ^ 
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centrations of a weak acid and its salt with a strong base, has the 
ability to take up a considerable quantity of either acid or base 
without changing appreciably in pH. Such a system is called a 
buffer solution. It controls and stabilizes pH much as a thermostat 
controls the temperature of a room. 

The pH of the blood is controlled by a number of different buffer¬ 
ing substances present in it, among which the bicarbonates are very 
important. The following equilibria are set up: 

HCO3- + H2CO3 H2O -f CO2 

The second ionization of carbonic acid is not significant at the 
normal pH of 7.4. This system is able to take up the quantities of 
lactic, phosphoric, and carbonic acids resulting from the normal 
cell activity, and even the excessive acid production associated with 
such diseases as diabetes. The addition of a large amount of acid 
causes only a small decrease in pH, because it shifts the whole 
equilibrium to the righty merely increasing the concentration of 
carbon dioxide in the blood. In addition to this buffering effect, a 
further factor is now brought into play. The blood, passing 
through the capillaries of the lungs, is aerated and the excess 
carbon dioxide is eliminated. With the carbon dioxide concentra¬ 
tion reduced to the normal level, the pH is once more restored to 
the correct value. 

The respiration rate, which determines the rate at which carbon 
dioxide is eliminated in the lungs, appears to be controlled by the 
pH of the blood. When the pH decreases, breathing is stimulated 
and the CO 2 is eliminated more rapidly. When the pH has 
returned to normal, the respiration rate once more decreases to the 
previous value. This change is very apparent when the carbon 
dioxide content of the blood is temporarily increased by increased 
metabolism in the muscles during vigorous exercise. 

Because of the way it stimulates the respiratory nerves, a small 
amount of carbon dioxide is always introduced with the oxygen in 
a respirator used for resuscitating unconscious persons. 

According to Findlay the total effectiveness of the buffer action 
of the blood ‘4s shown by the fact that 40-70 times as much 
NaOH must be added to blood serum as to water, in order to give 
a normal red coloration with phenolphthalein; and more than 300 
times as much HCl must be added to serum as to water, in order to 
give a normal coloration with methyl orange. 
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Neutralization Indicators. The simplest method of testing a 
solution to determine whether it is acid, neutral, or basic is to put 
into it a suitable indicator which shows by its color the condition of 
the solution. Many substances change color when the hydrogen 
ion concentration of their surroundings changes. Some of these 
substances are of natural origin; some are synthesized in the 
laboratory. One of the earliest indicators to be used was an extract 
of red cabbage, and the litmus with which the elementary student 
soon becomes familiar is extracted from certain lichens. An ob¬ 
servant person may have noticed color changes in many fruit 
juices when they are acidified or made basic. Thus blueberry 
juice and grape juice change color if they are acidified with even 
such a weak acid as lemon juice (citric acid) or made basic with 
soap. 

Elementary Theory of Indicators. A systematic study of 
indicators soon brings out the fact that each changes color at a 
characteristic pH, which may be decidedly greater or less than 7. 
In other words, indicators do not all change color at the same hydro¬ 
gen ion concentration. Some change in distinctly acid solution, 
some in nearly neutral, and some in distinctly basic solution. 
Another fact of great importance is that the color change is not 
absolutely abrupt and sudden but occurs over a small range of 
about 2 pH units. These facts are well explained by the theory of 
indicators which was advanced by Wilhelm Ostwald. According 
to Ostwald, indicators are weak acids {or weak bases) the ions of 
which have a color different from that of the undissociated add or 
base} Such an indicator in a solution would then be ionized to a 
greater or less extent, depending upon the hydrogen ion concen¬ 
tration of the solution. The color of the solution would depend 
upon the relative amounts of the ionic {salt form) and xindissodoied 
{acid form) of the indicator. Thus, if we were dealing with an acid 
indicator, HIn, it would dissociate as follows: 

HIn + In- 

The dissociation constant, known as the indicator constant, for 
this equilibrium would be : 

* If one form is colorlesft, the indicator is known as a one-color indicator. Phenol- 
phthalein is a one-color indicator, p both forms of the indicator are colore<i, 
e.g., methyl orange, the indicat^or is said to be two-colorcd. This makes no differ¬ 
ence in the general theory. 
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We can show more clearly how the ratio of the concentrations of 
the salt and acid forms of the indicator changes with change of 
hydrogen ion concentration by rearranging the equation thus: 

[Inil ^ J^n 
[Hln] [Hi 


= 0.1 


or, in logarithmic form: 

When the indicator is 9 per cent neutralized, 
[Hln] 

and pH = pK in — 1 

When the indicator is 91 per cent neutralized, 

^ = 10 
[Hln] 

and pH = pK in + 1 


Usually no color chanp;e is visible to the eye until about 10 per cent 
of the indicator is neutralized, and no further change is seen after 
it is about 90 per cent neutralized. This hundredfold change 
in the ratio of the concentration of ions and molecules is comprised 
in a pH change of 2, within which the indicator will appear to 
change from one color to the other. The change, however, accord¬ 
ing to this theory is neither abrupt nor complete, and this is borne out 
by experiment. The visible color change of an indicator takes 
place within a range, or transition interval, of about 2 pH units, 
although studies of absorption spectra show that both colored forms 
are present to some extent all the time. When the indicator is half 
neutralized, 

= 1 

[Hln] ^ 

and / pH = pK in 


The indicator will then have the color due to an equal mixture of 
the acid form and the salt form. This is sometimes known as the 
middle tint of the indicator. If the two colors are of equal intensity, 
the greatest visible color change will occur at this point. If one 
form is more intensely colored than the other, the most characteris- 
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tic color change may occur at a slightly different part of the range, 
where the concentration of the more strongly colored form is some¬ 
what less than that of the less strongly colored form. The pH at 
which the visible color change is greatest is known as the end poird 
of the indicator and is the point to which neutralization titrations 
are carried. 

We now know, through the work of Hantzsch and his pupils, that 
Ostwald^s simple theory of the color change of indicators requires 
revision, although his equations are substantially correct. We 
can no longer consider the color change as being due to ionization 
alone. Instead, it is found to occur with a rearrangement of the 
undissociated acid into an isomeric pseudo acid. The true acid and 
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Fig. 61. Tautoxnerism of Phenolphthalein. 


salt form have the same color, but the pseudo acid has a different 
color. We can illustrate this in the case of the familiar indicator, 
phenolphthalein, the changes of which are characteristic of all the 
phthalein indicators. In the solid state and in acid solution this 
substance exists chiefly as a colorless lactone^ characterized by the 
heterocyclic ring containing oxygen, set off within the dotted circle. 
This is in equilibrium with a small trace of a tautomeric quinone 
form, characterized by the quinone group included in the dotted 
ellipse. The change comes from the displacement of the H from 
the phenolic -OH group to the =0 in the lactone ring. The quinone 
form is a strong acid, having the carboxyl group -COOH which 
ionizes to give H“^ and a negative radical, In“, according to the 
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schematic equilibrium equation. Our formulation should strictly 
involve two equilibrium constants: 


LHInl 

[HIn] 

gr^Kini 

[Hln'l 


K, 


K, 


Multiplying these two equations together gives us: 


[H^][In-] 

[HIn] 


Kin 


If [Hln'j is smally then [HIn] is practically the concentration of 
all the indicator not in the salt form, and this equation is the same 
as the one on page 297. 

Thus the more probable chromophoric theory leads to the same 
result as the simpler ionic theory of Ostwald. It does, however, 
give this further insight into the mechanism. From analogy 
with other organic acids we should expect that these acids would 

be fairly strong, while the values of Km 
make them appear very weak. These 
facts are reconciled if Ki is very smally in 
other words, if most of the nonionized 
indicator is in the pseudo acid form. 
The value of Km represents the apparent 
ionization consiavi of the indicator, 
the product of the true ionization con¬ 
stant, K^y and the equilibrium constant, 
Kiy for the tautomeric change. 

* * Colorimetric Determination of pK\n 

simplest way to find the 
value of the apparent indicator constant 
for an acid indicator is to adjust the pH of a solution containing it 
until the indicator shows its middle tint. The value of pKm is then 
numerically equal to pH. The middle tint is conveniently obtained 
as follows, using the arrangement shown schematically in Figure 52: 
Equal quantities of the indicator are put into two glass tubes of 
the same diameter, one (I) containing excess acid and the other 
(II) excess alkali. The indicator in tube I is converted almost 
completely into the acid form and that in tube II almost com¬ 
pletely into the salt form. When the two tubes are 8ui.>erimposed 
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and viewed from above by means of a diffused light from beneath, 
the middle tint will appear. A third tube (III) double the length 
of the others and containing twice the quantity of indicator is 
compared with the middle tint from the others. The pH in this 
tube is adjusted until the tints match. It is then measured by 
means of a hydrogen electrode. 

Another method, more suitable for one-color indicators, is to 
measure the color intensity, e.g.y by means of a colorimeter, in a 
series of solutions containing equal concentrations of the indicator 
and different values of the pH. A series of standard buffer solu¬ 
tions may be used conveniently for this purpose. If the indicator 
is of the phenolphthalein type, with a colorless acid form and a 
colored salt form, the color due to the indicator in a strongly 
alkaline solution will correspond to a value of [In“] equal to the 
total indicator concentration. If, in a more acid solution, the 
intensity of the color is one fourth of the previous value, we reason 
that: 


whence 

and 


[In~] = \ [total indicator] 
[HIn] = f [total indicator] 
[Iir-i ^ 1 
[HIn] 3 


In this way we can obtain a series of values of the ratio of the two 
forms of the indicator, any one of which will give us pKin, by 

rearranging log = pH — pK in on page 298 thus: 

[HIn] 


pKin = pH ~ log 


LIni 

[HIn] 


The values of the indicator exponent, pKin, and the useful range 
for a series of representative indicators are collected in Table 66. 
Notice that the practical range over which the color change is 
visible is usually slightly less than 2 pH units and that the indicator 
exponent is nearly (but not always exactly) in the center of this 
range. As we have explained before, the indicator exponent is 
only in the exact center of the range when the two colors are of 
equal intensity. 

Once the indicator exponent is known, we can determine pH 
colorimetrically by reversing the process outUned above. If we 
know approximately the pH of the solution, we can tell which 
indicator would be most suitable for the exact determination. A 
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TABLE 66 


The Indicator Exponents and Ranges of Certain Indicators' 


Types 

Indicator 

J 

pK la 

Practical 

Range 

Color 

Acid 

Solution 

Basic 

Solution 

Acidic . 


' Thymol blue (acid) 

Red cabbage extract 
Methyl orange 
Brompheiiol blue 

Methyl red 

Bromcresol purple 

1.5 1 

3.7 

4.0 

(5,0) 

6.3 

1.2-2.8 

2.4- 4.5 

3.1- 4.4 
3.0-4.6 

4.4- 6.0 

5.2- 6.8 

red 

red 

red 

yellow 

red 

yellow 

yellow 

green 

yellow 

blue 

yellow 

flurple 

Neutral 

i 

^ Bromthymol blue 

Neutral red 
, Litmus 

7.1 

6.9 

6.0-7.6 

6.8-8.0 

4.5-8.3 

yellow 

red 

red 

blue 

yc41ow 

blue 

Basic . 

1 

' Cresol red 

Thymol blue (base) 

. Phenolphthalein 

8.2 

8.9 

9.8 

7.2- 8.8 
8.0-9.6 

8.3- 10.0 

yellow 

yellow 

colorless 

red 

blue 

red 


' Selected from 1. C. T. 1 , 84-91; chiefly p. 89. 


mixed or rainbow indicator may be used to indicate the approximate 
pH of the solution. Such a universal indicator recommended by 
Bogen is made by dissolving in 500 ml. of absolute alcohol 0.1 g. 
phenolphthalein, 0.2 g. methyl red, 0.3 g. dimethylaminoazo- 
benzene, 0.4 g. bromthymol blue, and 0.5 g. thymol blue. Sodium 
hydroxide is then added until the color changes to yellow. The 
colors of this indicator at various values of pH are given in Table 67. 

TABLE 67 

Bogen’s Rainbow Indicator 


• 

2 

4 

6 

8 

10 

Color 

red 

orange 

yellow 

green 

blue 


When we have found the approximate hydrogen exponent of the 
solution, we can determine a more accurate value by means of an 
indicator, the range of which includes this value. Thus, if the pH 
were about 6, we might choose bromcresol purple, with a range of 
5.2-6.8. There are several methods of matching colors to find the 
exact pH. One of these is the wedge method of Bjerrum (1914) 
which has been modified by several other investigators. A glass 
trough, 30 cm. long, 2 cm. wide, and 10 cm. high is divided into 
two separate wedge-shaped halves by means of a diagonal glass 
plate. Figure 53 shows a plan of the colorimeter. One wedge 
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contains the acid form of the indicator, and the other the salt form 
in equal concentration. 

The same concentration of indicator is put into the unknown solu¬ 
tion, which is poured into a narrow comparison cell (C) 2 cm. long 
and fitted with glass windows in the ends. The cell is mounted on 
top of the wedge and both are viewed from the front by means of 
light coming through them from behind. The cell is moved back 
and forth until its color is matched against that of the wedge 

directly beneath. At this point the ratio must be the same 

[HIn] 

in the unknown as in the wedge, and the hydrogen exponent 
(see page 298) must be: 

The instrument is usually fitted with a logarithmic scale from which 
the last term is read directly. As indicated in Figure 53, this 

[Ini/[HIn] 


-2 -1 -7 -.5 -.3 -.2 -.1 0 .1 .2 .3 .4 .5 .6 7 12 



10 20 30 40 50 60 70 80 90 100 

Per cent neutralized 

Fig. 53. Bjerrum Wedge Colorimeter. 


scale is most open (i.e., the units are largest) at the center. The 
scale becomes so condensed at both ends that it has no practical 
value beyond ± 1 and should not be used beyond ± .7. Within this 
range a small change of pH causes an appreciable color change; 
beyond this range the color change for the same change of pH is 
vanishingly small. 

The ''drop ratio” method of Gillespie^ is really a simplification 
of the wedge method. A double row of test tubes is used, each pair 

1 Gillespie, /. Am. Chem. Soc.t 42, 742 (1920). 
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containing 10 drops of the indicator. Thus the first pair contains 
1 drop in one tube and 9 in the other. Enough acid is added to 
each tube in one series to bring out the acid color of the indicator 
and enough base is added to each tube of the other series to bring 
out the salt color. The arrangenment is shown in Figure 54. Look¬ 
ing through any pair of tubes we see a tint corresponding to 
amounts of the acid and salt form determined by the number of 
drops in each tube. The hydrogen exponent corresponding to the 
color of any pair of tubes is given by the equation: 


pH = pKi^ + log 


drops in ba sic form 
drops in acid form 


The last term Gillespie calls the “drop ratio” so we may write the 
equation: 

pH = pKia + log “drop ratio” 


This method gives a series of colors equally spaced as far as pei' 
cent neutralization is concerned, but unequally spaced on the pH 
scale as Figure 54 shows. It is simpler than the wedge method but 
it is less precise because it lacks the fine gradations. 

Percent 0 10 20 30 40 50 60 70 80 90 100 

neutralized i i i t i I i i i 

Drops Acid form ©©0©©©©©O 

Drops Salt form (J) 

t t t t t t t t t 

log [ln-]/[HInl -.95 -.60 -J7 -.18 0 .18 .37 ,60 .95 

Fig. 54. Gillespie’s “ Drop-ratio ” Method. 


Choice of Indicator. From what we have said about the 
neutralization curves of acids and bases and the color ranges of 
different indicators, we can immediately see how to choose the 
indicator best suited for a particular titration. The indicator 
should change color at the pH of the solution of the salt formed in the 
neutralization. If we are neutralizing a strong acid with a strong 
base, we would choose a neutral indicator, e.g., bromthymol blue 
or neutral red which changes color at about pH == 7. If we are 
neutralizing a weak acid with a strong base, we would choose a basic 
indicator j like phenolphthalein. If we are neutralizing a strong acid 
with a weak base, we would choose an acidic indicator like methyl 
orange or methyl red. We can determine the exact value of the 
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indicator exponent for the most suitable indicator by calculating 
the pH of the solution of the pure salt under consideration. Thus 
if we are titrating 0.1 acetic acid with 0.1 AT sodium hydroxide, 
the salt solution at the end point will have a hydrogen exponent 
pH = 8.72. Phenolphthalein would be a suitable indicator for 
this titration. 

The correct choice of an indicator is particularly important in the 
titration of 'polyhasic acidSy for often we can distinguish the neu- 
trahzation of the successive hydrogen ions by using different in¬ 
dicators. For example, carbonic acid is a weak dibasic acid, in 
solutions of which we have the following equilibria: 

CO2 + H2O H2CO3 + HCO3- 2 + CO3-- 

Its anhydride, carbon dioxide, is soluble only to the extent of about 
0.03 mole per liter at room temperature. In this solution, only the 
primary ionization of the acid is appreciable. We can easily 
calculate that, in such a solution: 

[H^] - \/Ai[H2Cai = V4.54 X 10-7 X .03 - 1.29 X lO-^ or pH = 3.89 

This is within the range of methyl orange but slightly too high a 
pH to give an appreciable acid color; hence such a solution reacts 
basic to this indicator. The pH is, however, much smaller than the 
indicator exponent for neutral red or phenolphthalein; hence the 
solution reacts acid to these indicators. 

If the carbonic acid is half neutralized, with a base, to form the 
bicarbonate ion, HCOs", the hydrogen ion concentration is reduced 
to 5.05 X 10”^ M, as we have already calculated on page 264, 
Therefore at this point the pH of the solution is 8.30. This is in 
the range for phenolphthalein, and such a solution appears feebly 
basic to this indicator. 

An extremely basic indicator would be required to show the neu¬ 
tralization of the secondary hydrogen of carbonic acid, since the pH 
at this point would be very high. We have already found (page 275) 
that the pH is 11.63 in a 0.1 Af solution of Na2C08. It would not 
be practical to attempt to titrate carbonic acid to the second stage. 
The reverse process, however, is very useful. We can start with a 
solution of Na2C03 and neutralize it by means of an acid. In fact, 
Na2C03 is a valuable substance for the standardization of acids. 
It is worth considering such a neutralization in detail. If we start 
with a 0.1 ikf solution of Na2C03 we have already calculated that 
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its pH is 11.63. The solution is therefore strongly basic. As 
acid is added, the pH falls rather slowly until the salt is half 
acidified when it slopes more steeply (see Figure 55). The first 
break occurs at the hydrogen exponent corresponding to the 
bicarbonate which we have already calculated as pH = 8.30. 
This is just on the range of pbenolphthalein, so that we can titrate 
to this point by using this indicator and carrying the titration to 
the point where the color is just disappearing. A comparison solu¬ 
tion containing the same concentration of 
indicator is useful for determining this end 
12 ) point. As more acid is added, the solution 

jo|-is distinctly acid to pbenolphthalein, and 


g - the color of this indicator disappears. 

pH . — The pH again falls slowly for a while and 

then steeply as the second stage of the 

_ reaction (HCO 3 "" + H'*'—>-H 2 C 03 ) is 

completed. This point corresponds to 
pH = 3.89 as we have found before (page 
^ m?. Hc?ad(fed 305) and is in the range for methyl orange. 

Fig. 65. Titration Curve for If methyl orange indicator is added, we 
50 ml. ® may therefore determine the second end 

point by means of it. The carbonic acid 
formed by the second neutralization is too weak to give the acid 
color with the methyl orange indicator, but a small quantity of 
the 0,1 N HCl will do so. Hence this second part of the titra¬ 
tion is carried out exactly as if we were titrating a weak base with 
a strong acid. 

The titration outlined here is very useful because it enables the 
analyst to titrate a mixture of carbonate and bicarbonate and to 
detennine the amount of each. A known volume of the mixture is 


60 ml. of 0.1 M Na^COs and 
0.1 M HCl. 


first titrated to the pbenolphthalein end point. The acid added 
(Fi) is equivalent to (=;>) the carbonate present. The solution 
now contains the original bicarbonate plus that which was formed 
from the original carbonate (which is equivalent to it). Methyl 
orange is added, and the titration is continued to the second end 
point. The acid used in this second titration is equivalent to the 
original bicarbonate plus the original carbonate. The difference 
between the second and first volumes therefore represents the 
acid equivalent to the original bicarbonate, as indicated in the 
following tabulation: 
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Fa o carbonate + bicarbonate 

V i ^ ca rb onate _ 

Fa — Fi o bicarbonate 


In practice the method suffers from the disadvantages that back- 
titration at the end points is not possible and that the bicarbonate 
end point is vague and hard to fix accurately. 

Titration Errors. When we are titrating a strong acid and a 
strong base, the change in pH is so abrupt near the end point that 
a fraction of a drop of either acid or base will cause a change of 
many units of pH. If we are titrating 0.1 AT acid and base in a final 
volume of 100 ml., an excess of 0.01 ml. of acid, 10"^ gram equiva¬ 
lents of H+, will give a pH of 5. A similar excess of base will give 
a pH of 9. An excess of 0.01 ml. represents an error of 0.02 per 
cent, which is less than the error of reading the burettes. In such 
a neutralization any indicator the range of which lies between 5 and 
9 would be satisfactory. 

If we use an indicator which changes as far from a pH of 7 as 
methyl orange, the end point of which occurs at a hydrogen ion 
concentration of about 2 X 10"^, we would have to add more acid 
to the base than corresponds to the exact neutralization. The 
excess required would be 0.20 ml. of a 0.1 A acid, in a total volume 

0 2 

of 100 ml. The error would therefore be = 0.4 per cent. 

50 

The acid would appear 0.4 per cent weaker than it should if titrated 
against a standard base; or the base 0.4 per cent stronger if titrated 
against a standard acid. Methyl orange would not be a suitable 
indicator for such a titration. 

Notice that, if the final volume is the same, the percentage error 
in titrating with methyl orange indicator will be less if we are 
dealing with more concentrated solutions and more if we are using 
less concentrated solutions. This is because in the first case a 
smaller volume of reagent is needed to cause the required change 
in hydrogen ion concentration; in the second case a larger amount 
of reagent must be added, as the following tabulation shows: 


Concentration 


Excess Acid 


Error 


1.0 A 0.02 ml. 

0.1 N 0.2 ml. 

0.01 N 2.0 ml. 

MGC— 21 


0.04 per cent 
0.4 per cent 
4.0 per cent 
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If the final volume is increased by adding water to the solution being 
titrated, there is a similar increase in error. Thus if we are titrating 
50 ml. of 0.1 iV acid with an equal quantity of base of the same 
concentration in a total volume of 1000 ml., the error is the same 
as if we were titrating 0.01 N solutions in a volume of 100 ml., i.c., 
4 per cent. 

From our discussion of titration curves, we can easily see that 
the change of pH per ml. of reagent added is much less for weak 
acids than for strong ones. Conversely, a larger quantity of a weak 
acid must be added to give the same change in pH near the end 
point that is accomplished with a small volume of a strong acid. 
For this reason the end point with a weak acid is less sharp than 
with a strong one. It is even more important, in this case, to 
use an indicator which has exactly the right range and to match 
the end tint exactly against a standard solution of the correct pH. 
Thus Kohltoff and Furman in their Volumetric Analysis (I, 126 
et seq.) show that in titrating O.l N sodium carbonate with a 
strong acid to the bicarbonate end point an error of 2.5 per cent 
results if the pH at the end point is in error by 0.3 pH unit. With 
all precautions, an accuracy greater than 1 per cent usually is 
unattainable. The reader is referred to Kohltoff and Furman's 
book for a detailed consideration of these more complicated cases. 

If we are dealing with an extremely weak acid, tlie color change of 
an indicator may be so gradual that the acid cannot be titrated 
at all satisfactorily. The same considerations apply to weak bases 
titrated with strong acids. Wlien we are titrating weak acids with 
weak bases, the end point range is traversed even more gradually 
than if only one of the two is weak. For this reason weak acids and 
weak bases are not titrated against each other but against suitable 
strong bases and acids. 

One other possible error in titrations should not be overlooked. 
That is the quantity of acid or base required to neutralize the 
indicator itself, which behaves as a weak acid or as a weak base. 
Most of these indicators have a molecular weight of about 300 or 
more and are made up in 1 per cent solution. If two drops (0.1 ml.) 
of such an indicator is added, and if the indicator functions as a 
monobasic acid (or monacid base) we can easily show that 0.03 ml. 
of a 0.1 iV' solution are required to react with the indicator itself. 
This quantity is little greater than the error in reading the burettes 
and hence is not appreciable. However, if we were dealing with 
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0.01 N solutions or were using 1 ml. of indicator, the percentage er¬ 
ror would be ten times as great and would have to be considered 
in careful work. 

Summary 

Titration curves represent the change of pH as an acid is titrated 
with a base. The curve for a strong acid and a strong base shows a 
very steep rise at the equivalence point, which is also the neutral 
point. A weak acid titrated with a strong base shows a more 
gradual slope to the equivalence point, which here is basic (the pH 
due to the hydrolysis of the salt). Dibasic acids show two breaks 
if their successive ionization constants differ by at Iciist 10^ 

Buffer solutions have the ability to take up a large amount of 
acid or base with only a small change in pH. A mixture of a weak 
acid and strong base (or vice versa) in equivalent amounts furnishes 
the greater buffer capacity. 

Indicators are weak organic acids (or bases) which exist in two 
different tautomeric forms having different colors. The pseudo 
acid has one color, and the iogenic and ionic forms have the other. 
When a base is added, the concentration of the salt fonn increases, 
and the color changes. The change is visible over a range of about 
2 pH units. The indicator exponent {pK-m) is the apparent disso¬ 
ciation constant of the indicator acid. In a solution the hydrogen 
exponent (pH) of which is numerically equal to the indicator expo¬ 
nent (p/\ in)» the concentrations of the indicator acid and salt forms 
are equal, and the color corresponds to the middle tint. The end 
point of the indicator (the pH at which the visible color change is 
sharpest) does not always exactly coincide with the indicator 
exponent. 

The indicator exponent, may be determined colorimetrically 
(a) by finding the pH in a solution which matches the middle tint 
or (6) by comparing the color intensity of a one-color indicator in 
solutions of known pH with that of the same concentration of the 
indicator in the full colored form. These processes may be 
reversed to find the pH with a suitable indicator, using Bjerrum's 
wedge method or Gillespie^s drop-ratio method. 

For a particular titration we should choose an indicator the end 
point of which comes exactly at the pH corresponding to a solution 
of the salt formed in the titration. The successive hydrogen ions 
of polybasic acids may be titrated with a strong base if we use a 
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series of indicators. The end point is less sharp with weaker acids 
and bases, necessitating a comparison solution to give the exact 
indicator tint desired. 

The titration error^ resulting from the use of the wrong indicator, 
is greater for weak acids and bases than for strong ones. It may be 
calculated from the excess acid (or base) required to change the pH 
of the solution from the correct value to the end point of the 
indicator. 

PROBLEMS AND EXERCISES 

1 . What combinations of acid and salt (in equal concentrations) would 
be suitable to give buffer solutions of the following pH value: 

(a) 3.67 (6) 4.74 (c) 6.70 

(For ionization constants, see Table 61, page 262.) 

2 . A certain one-color indicator developed ^ of its full basic color in 
a buffer solution, the pH of which was 10.7. Calculate the indicator 
exponent {pK-u^ for this indicator. 

3. Bromcresol purple was used as an indicator in a wedge colorimeter 
experiment. A solution of unknown pH matched the point on the wedge 
corresponding to 25 per cent salt form. What was its pH ? 

4. A solution of unknown pH was found to match most closely the 
pair of tubes in Gillespie’s “drop ratio” method corresponding to 7 drops 
of acid form and 3 drops of basic form, using brompheiiol blue as indicator. 
Calculate the pH of this solution. 

5. Which indicator listed in Table 66 (page 302) is most suitable for 
carrying out titrations of 0.1 N solutions of: 

(a) tartaric acid (as a monobasic acid) with NaOH 
(5) NH4OH with HCl 
(c) formic acid with KOH 

6 . Calculate the error in titrating 50 ml. of 0.05 N HCl with 0.05 N 
NaOH in the presence of: 

(a) thymol blue (acid range) (6) phenolphthalein 

7. Sketch the titration curves of: 

(a) a weak acid and a strong base (6) a weak base and a strong acid 

(c) a weak base and a weak acid 

Explain the errors involved in each titration. 

8 . Check the statement that about 0.03 ml. of a 0.1 iV acid or base 
is used up in reacting with two drops (0.1 ml.) of a 1 per cent solution 
of a monobasic (or monacid) indicator of molecular weight of 330. 

9. How many ml. of 0.05 N base would be used up in reacting with 
0.5 ml. of 1 per cent solution of an acid indicator of molecular weight 
330? What would be the percentage error if 50 ml. of such a base were 
being titrated ? 
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CHAPTER 12 


ELECTRICAL CONDUCTANCE 

The concepts of the ionization theory, together with the primary 
assumptions of atomic structure and of the nature of electricity, 
explain satisfactorily a wide variety of electrochemical effects. 
They throw considerable light upon the mechanism of chemical 
changes, particularly those classed as oxidation-reduction reac¬ 
tions. In the next few chapters we shall aim to develop a founda¬ 
tion of electrochemical facts and principles, 
which are themselves interesting and quite 
essential to a balanced view of the chemis¬ 
try of today. We then shall be able to show 
how these facts have been interpreted to 
explain.chemical reactions. 

For over a century, the study of the 
electrochemical behavior of pure substances 
and of their solutions has been recognized 
as fundamentally important to pure and 
applied science. We have already (Chap¬ 
ter 8) traced much of the work of the 
pioneers like Grotthuss, Davy, and Faraday 
who long ago laid the foundations of all 
work. However, the close linking of 
electrolytic effects with ordinary chemical 
reactions is a development of comparatively recent- date. 

Parts of an Electrolytic Circuit. In studying the electrolysis 
of solutions we shall discuss in turn each of the essential parts of 
the typical electrolytic circuit, illustrated diagrammatically in 
Figure 56, together with the changes involved in the operation 
of each part. There are shown here four parts that are essential 
to any such complete circuit; (1) the wires, WW, usually copper; 

(2) the electrolytic solution, S, contained in the electrolysis cell; 

(3) the electrodes, anode. A, and cathode, C, that lead the cur¬ 
rent into and out of the cell; (4) the galvanic cell, storage cell, or 
other source of electromotive force, B. When the circuit is closed, 
i.e., when connections are made so that a current may flow, chem- 
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ical action occurs in the battery, R, and at the electrodes, A 
and C. The connecting wires, WW, and the electrolytic solution, 
Sf serve as carriers of the electricity. The changes taking place 
at the electrodes of the battery are, in a sense, equal and opposite 
to those taking place at the electrodes of the cell. The former 
involve the spontaneous conversion of chemical energy into electrical 
energy. They represent the transference of electrons due to chem¬ 
ical reactions taking place spontaneously in the battery. The 
changes at the anode and cathode of the cell, on the other hand, 
involve the conversion of electrical into chemical energy. These 
changes correspond to the transfer of electrons because of the 
external force of the battery. The reaction in the battery may be 
compared with the unwinding of a clock spring; that in the cell 
with the rewinding of the spring. 

The Mechanism of Conduction 
Metallic Conductors. Electric conductors such as copper 
wire are called conductors of the first class. They are unlike solu¬ 
tions and fused salts, in that an electric current passing through 
them involves no movement of material particles; that is, there 
is no transference of matter. An electric current passing through 
such a conductor as a copper wire is generally assumed to consist 
solely of a stream of electrons^ particles of negative electricity with 
practically no mass. It is worth our while to seek some expla¬ 
nation of the mechanism of this transference. According to the 
present-day theories of the physicist, a metal consists of a definite 
crystal lattice of positive ions, through which the valence electrons 
are free to move like the molecules of a gas. When we apply 
a difference of potential, it causes the ^'electron gas^^ to move 
from the negative toward the positive pole, thus constituting the 
current. The resistance of the metal to the flow of electricity 
seems to depend upon the arrangement of the ionic space lattice. 
Electrical conductivity and thermal conductivity parallel each 
other in an interesting way, and both are due, according to this 
theory, to the freedom of motion of the electrons. The best 
conductors of electricity and of heat are the metals — silver, 
copper, and gold — of the subgroup B of Group I in the jjer- 
iodic table. The nonmetallic elements, like sulfur, are mostly 
poor conductors of electricity and heat, the single notable excep¬ 
tion being carbon in the form of graphite or of gas carbon. Some 
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of these nonmetallic elements are useful as electrical and thermal 
insulators. They give other evidence of lacking valence electrons 
which are free to move and of possessing space lattices which are 
not of the ionic type. 

Ion Migration. Solutions and fused salts which conduct the 
electric current are called conductors of the second class. In this 
case, the passage of the current is attended by the movement of 
charged particles, the ions. Actually, in the case of these electro¬ 
lytic conductors the motion of the anion towards the anode, 
together with the simultaneous motion of the cation towards the 
cathode, is the electric current so far as the body of the solution 

is concerned. The current is 
made up jointly of a stream 
of positively charged particles 
moving in one direction and a 
stream of negatively charged 
particles moving in the other 
direction. As we shall see pres¬ 
ently, the two motions are 
equivalent so far as effective 
transfer of electrons is con¬ 
cerned. The stream of posi¬ 
tively charged ions in solution 
is probably the nearest approach 
we have to a current of ‘‘posi¬ 
tive electricity^^ postulated by 
Franklin. 

In view of the nature of the current through an electrolytic 
conductor, it is important to know something of the actual speeds 
with which the ions move and how those speeds are affected by 
conditions. In certain cases the motion of the ions may be 
observed directly. The following experiment, using the apparatus 
shown diagrammatically in Figure 57, will serve as an illustration. 

A 2 per cent solution of agar-agar in water is prepared and 
saltedby the addition of potassium chloride; it is filtered 
through a cloth while hot and upon cooling forms a semisolid gel. 
Such a salted gel conducts the electric current as well as an aqueous 
salt solution of the same concentration. Enough of the hot agar 
solution is introduced into two U tubes to cover the bottom bends. 
It is allowed to cool and gel, forming the layer D in the diagram, 
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To another portion of the salted agar solution are added a few 
drops of dilute sodium hydroxide solution and a suitable acid-base 
indicator, such as bromphenol blue, which is purple-blue in basic 
solution and yellow in acid. This is poured into the anode arm of 
the U tube and forms the layer G, which originally extends to a. 
Into the cathode arm is introduced a salted agar solution to 
which have been added bromphenol blue and a few drops of dilute 
hydrochloric acid, to form the layer F, which originally extends 
to c. The anode cup, J, is then filled with dilute hydrochloric 
acid, and the cathode cup, //, with dilute sodium hydroxide. 
Platinum electrodes are inserted and connected with a 12-volt 
battery to complete the circuit. 

As the current flows, the hydrogen ions from the acid solution, 
J, move down into the purple layer, G, neutralizing the slight 
excess of hydroxyl ions and consequently causing the indicator 
to change from purple to yellow. Simultaneously, the hydroxyl 
ions from //, moving towards the anode, penetrate into the yellow 
layer of gel, F, neutralizing the slight excess of H’+' and causing 
the indicator to turn purple. If the U tube be immersed in ice 
water to overcome heating effects, the advancing boundaries in 
the two arms will be sharp and distinct. This movement of 
boundaries is due to two overlapping effects, the migration of the 
hydrogen and hydroxyl ions due to the applied electromotive force, 
and the natural diffusion of the same two ions. Under the condi¬ 
tions of this experiment the latter might account for about 40 per 
cent of the total distance moved. To correct for this a second 
U tube should be prepared in as nearly as possible the same way 
and kept at the same temperature, so that the movement of its 
boundaries may be noted. The differences in the distances moved 
in the two cases, ab-a'V for the hydrogen ion and cd-c'd^ for 
the hydroxyl ion, are the migrations due to the electrolysis. In 
a similar manner, but wit hout the use of an indicator, the migra¬ 
tion of colored ions, such as cupric, chromate, dichromate, nickel, 
and permanganate, may be demonstrated. 

This method of moving boundaries may be greatly extended. 
Instead of depending upon the eye alone for our observation, 
we may use agencies of greater precision to detect the movement 
of boundaries. Thus when potassium ions move out of a section 
of such a tube as that descril)ed and sodium ions move in, there 
is no visible change, but a refractometer will indicate the move- 
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ment very sensitively. The boundary movement may be followed 
and measured with great accuracy. Whatever the mode of 
observation of the movement, obviously the method may be made 
quantitative. Direct determinations of the actual ionic velocities 
have been made in this way. The velocities of migration of the 
ions will vary with conditions, chiefly temperature and applied 
electromotive force, and accordingly these conditions must be 
controlled. The former is easily regulated by immersing the 
apparatus in a thermostat. As for the latter, the velocities are 
always expressed in terms of a potential gradient (voltage drop per 
centimeter) of 1 volt per centimeter of distance through the 
electrolyte. The distance between the electrodes is measured in 
centimeters, and the electromotive force between the electrodes 
is measured with a voltmeter. The potential gradient is then 
found by dividing the total voltage by the distance. The ionic 
velocities are directly proportional to the voltage; hence the veloc¬ 
ity under unit potential gradient, 1 volt/cm., is easily calculated. 
The absolute migration velocities of some common ions under 
unit potential gradient are given in Table 68. 


TABLE 68 

Absolute Velocities of Certain Ions at Zero Concentration at 18® C.' 


Ion 

Velocity under 1 
Volt/Cm, Gradient, 

Cm./Sec. 

Ion 

Velocity under 1 
Volt/C'm. Gradient, 

Cm./Sec. 

H-" 

0.00326 

OH- 

0.00180 

Na+ 

0.00045 

cr 

0.00068 

K+ 

0.00066 

NOr 

0.00064 

Ag"^ 

0.00056 

lOa- 

0.00035 

Li+ 

0.00034 

CtHsOa- 

0.00036 


* Calculated from International Critical Tables data (VI, 230). 


From the data given in Table 68, two facts stand out as notable. 
First, the relatively high velocity of the hydrogen ion, and second, 
the relatively low velocity of the lithium ion. The former is to 
be expected. In fact, when one considers the constitution of 
the hydrogen ion, the velocity actually found falls far below 
expectations. If a hydrogen ion were merely a hydrogen atom 
minus its single electron, i.e., if it were merely a proton, it would 
be extremely small compared to any other ion; so small that one 
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would expect it to shoot through the solution at a relatively 
enormous speed. The fact that it does not supports the view, now 
growing in favor, that the hydrogen ion is hydraied, i,e,, H(H 20 )+, 
a complex ion (cf. page 233). Other evidence that the proton 
is strongly hydrated has been obtained by Dole^ from a study of 
the glass electrode. He found that the hydrated proton H(H20)+ 
is apparently transferred through a thin glass membrane under 
certain conditions. Its existence in solution is thus indicated. 
The relatively low velocity of the lithium ion, which we might 
expect to be small and therefore swift compared with other ions, 
is explainable on the same basis; it is thought to be highly 
hydrated. It is altogether probable that most ions are hydrated 
to a greater or less extent, but this point is difficult to prove. 

The velocities of migration of ions are affected by concentra¬ 
tion, due probably to differences in the ^Hon atmosphere or 
strength of the electrical field set up around them by the ions 
themselves. They are also affected to a much higher degree by 
temperature changes. The higher the temperature, the greater 
the velocity. This effect may be ascribed to two causes — the 
lessened viscosity of the solution and the lessened hydration of 
the ions. The increase in velocity amounts to about 2 per cent 
per degree at IS" C., as is shown by the data in Table 69. 


TABLE 69 

Increase ob' Ion Velocity pb:r Degree Rise in Temperature (18® C.)* 


Ion 

Actual 
Increase, 
Cm./Sec. 
/Deg. 

Percentage 

Increase 

Ion 

Actual 
Increase, 
Cm. /Sec. 
/Deo. 

Percentage 

Increase 


5.12 X 10 i 

1.57 

OH- 

! 3.24 X 10-^ 

1.8 

Na+- 

1.09 

2.44 

ci- 

1.46 

2.16 


1.44 1 

2.17 

NO3 

1.31 

2.05 

Ag*^ 

1.2S 1 

2.29 

IO3- 

0.74 

2.14 

Li-^ 

0.91 

2.65 

CJIsOa- 

0.86 

1 

2.38 


2 Calculated from data of IntemcUioruil Critical Tables (VI, 230). 


Transport Numbers. In a solution like that of lithium chloride, 
the current is carried partly by the Li"^ ions moving towards the 
cathode and partly by the Cl“" ions moving towards the anode. 
The charge on each ion is of exactly the same magnitude, corre- 

» M. Dole, J. Am. Chem. Soc., 54, 2120, 3096 (1932). 
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spending to the loss of one electron in the first case and the gain 
of one electron in the second case. However, the velocity of the 
Cl” ion is ivoice that of the Li+; hence, if we consider the current 
transported past an imaginary partition placed in the solution 
perpendicular to the direction of flow of electricity, the former will 
carry twice as much of the current as the latter. The Li^ will carry 
only one third of the total current, while the Cl'" will carry two 
thirds of the current. The fraction of the total current carried 
by each ion of a solute is called the transport number of that ion. 
The transport number of the anion, ria, plus the transport number 
of the cation, obviously equals unity: 

ria ric — 1 

When a current is passed through a solution for any length of time, 
it causes a change in the concentration of the electrolyte around 
the electrodes. The change of concentration depends upon the 

transport numbers and may 
be calculated from them, if 
they are known, or may serve 
to determine them, if they 
are not known. 

Suppose we electrolyze a 
solution of LiCl in a vessel (Fig¬ 
ure 58) containing an anode, A, 
and a cathode, C, and divided 
by means of the porous dia¬ 
phragms, By Dy into three 
compartments — the anode 
compartment at the left, the 
middle compartment in the center, and the cathode compartment at 
the right. The diaphragms allow free passage of the ions during 
electrolysis, but hinder diffusion and allow us to remove samples 
from each compartment for analysis. 

Suppose we pass 1 faraday of electricity through the solution 
under such conditions that the lithium is deposited at the cathode, 
which may be a pool of mercury, and the chlorine is liberated at 
the anode. Faraday's laws tell us that one equivalent of each 
element will be deposited. At the same time, since the Cl"- carries 
f of the current, f of an equivalent of Cl“ will move mit of the 
cathode compartment and into the anode compartment. Simi- 
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larly, since the Li+ carries ^ of the current, ^ of an equivalent of 
Li*^ will move out of the anode compartment and into the cathode 
compartment. The concentration of each ion is unchanged in 
the middle compartment. We may strike a balance as follows: 


Anode Compartment 

Cl" deposited 1 
Cl" moved in f 
Cl- lost i ] 

Li+ moved out ^ j 


Cathode Compartment 

Li+ deposited 1 

Lj-^ moved in j 

[ Li+ lost -f 

^ Cl" moved out f 


The bracketed figures indicate a loss of neutral electrolyte of 
^ equivalent of LiCl in the anode compartment and | equivalent 
of LiCl in the cathode compartment. Notice that these numbers 
are equal to the transport numbers of the cation and anion respec¬ 
tively and proportional to the velocities of the respective ions. 
The transport numbers of the anion and cation are inversely pro¬ 
portional to the loss of electrolyte at the anode and cathode respec¬ 
tively. The term transport number was first used by Hittorf (page 
192), who also worked out the above method of determining the 
t ransport numbers of anion and cation. 

A numerical example involving the calculation of transport 
numbers from analytical data will serve to illustrate the method 
further. If a solution of silver nitrate is electrolyzed between sil¬ 
ver electrodes, no nitrate ion is deposited at the anode. Instead, 
silver is dissolved from the anode and deposited on the cathode. 
In a certain experiment such a cell was electrolyzed until 2,158 g. 
of silver had deposited on the cathode. Analysis then showed 
tliat the cathode electrolyte had lost 1.8111 grams of silver nitrate. 
From these data we can calculate the transport numbers as follows: 
The total amount of silver deposited on the cathode amounted to 


= 0 02000 equivalent. The amount lost- from the cathode 

107.9 

portion was = 0.01066 equivalent of AgNOs; hence 0.01066 

169.9 

equivalent of NOs” must have moved outj and (0.02000 — 0.01066) 
= 0.00934 equivalent of Ag-^ must have moved in. The transport 
numbers are: 






0.00934 

0.02006 


= 0.467 


Q ^ Q 533 

0.02000 
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Similar results would be obtained from an analysis of the solu¬ 
tion in the anode compartment and a determination of the loss of 
weight at the anode. In actual practice the second set of measure¬ 
ments is always made as a check on the j&rst, and the solution in 
the center compartment is analyzed to make sure that its composi¬ 
tion has remained unchanged and that the experiment has not 
been vitiated by mixing at the diaphragms. 

Sometimes a study of the change in salt concentration around 
the electrodes during electrolysis will indicate the presence of 
complex ions in the solution. Thus in concentrated solutions of 
cupric salts part of the metal is transported toward the anode. 
This is one piece of evidence for the existence of such complexes 
as yellow CuCU— and brown CuBr 4 in these concentrated 
solutions. These complex ions transport copper toward the 
anodey while the Cu"^*^ moves toward the cathode. 


A.U 



The Conductance of Solutions 
Qualitative Determination. A simple and convenient apparatus 
for qualitative comparison of the conductances of various solu¬ 
tions is shown in Figure 59. The beaker or cell containing the 
electrolyte, S, is supplied with two platinum 
electrodes, Ej Ey which are connected with 
I . the alternating current, A.C., of the ordinary 
1 K lighting circuit. In series with the cell is 
connected an electric light bulb, L, prefer¬ 
ably a carbon filament lamp. The bright¬ 
ness of the glow of the lamp indicates the 
capacity of the solution to conduct the 
electric current. If several of these outfits 
be set up, various electrolytes may be com¬ 
pared, the relative brightness indicating the relative conductances. 

When distilled water is put into such an apparatus, the light 
does not glow. The same is true also if glacial, i.e.y 100 per cent, 
acetic acid is used. The addition of acetic acid to the water, 
or of water to acetic acid, greatly increases the conductance, and 
the lamp glows visibly although weakly. On the other hand, 
judging from the bright glow of the lamp, a 1 M solution of sodium 
chloride would be classed as a good conductor, comparable with 
a short piece of No. 20, B. & S. gauge copper wire. The same 
is true of solutions of sodium hydroxide, hydrochloric acid, and 
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nitric acid and of most of the commoner acids, bases, and salts. 
Solutions of ammonium hydroxide and of organic bases like 
aniline hydroxide, CcHs.NHsOH, and methylamine hydroxide, 
CHg.NHsOH, are weak electrolytes; so also are solutions of 
hydrogen sulfide, carbonic acid, boric acid, hydrocyanic, acetic, 
and most other organic acids, and phenol. On the other hand, 
the great majority of soluble salts are good electrol 3 rtes. This 
is true even of salts of weak bases such as ammonium salts and 
those of weak acids like the acetates. Conspicuous among the 
relatively few soluble salts that are poor electrolytes are cadmium 
sulfate, cupric acetate, lead acetate, mercuric chloride, and mer¬ 
curic cyanide. Their solutions conduct poorly compared to those 
of other salts. 

Using the same apparatus, the change in conductance upon 
dilution may be demonstrated. Beginning with glacial acetic 
acid, which is practically nonconducting, and adding water, the 
conductance gradually increases; when the proportion of water to 
acid is about 10 to 1, the conductance passes through a maximum 
and then decreases with further dilution. Substantially the same 
series of effects is observed with sulfuric acid, the conductance of 
which increases with the addition of water, passes through a maxi¬ 
mum at about 8 iV, and then diminishes with further dilution. This 
change of conductance is due to two opposing factors. As water 
is added to either acid, the number of gram molecules of solute 
in the cell becomes less, tending to diminish the conductance, but 
the degree of ionization becomes greater, tending to increase the 
conductance. 

Temperature change also has a marked effect on conductance. 
Using 1 M acetic acid as electrolyte in the apparatus described 
above, the light filament becomes increasingly bright as the solu¬ 
tion is heated, indicating that a rise in temperature results in 
increased conductance. Again opposing factors are at work. 
With rise in temperature the degree of ionization, and therefore 
the ion concentration, becomes less, tending to diminish the current; 
but the viscosity of the medium, probably also the hydration of 
the ions, is greatly lessened, helping to increase the speed of ion 
migration and thus increase the current. The resultant of these 
effects is a change in conductance, which usually increases with 
temperature but often passes through a maximum value and sub¬ 
sequently decreases. 
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Conductance and Reactivity. The conductance of a solution is 
dependent upon the number of ions present to carry the current. 
The reactivity of the same substance in solution is also a function 
of the number of ions present. We should expect, therefore, 
a close parallel between conductance and reactivity. Such is 
found to be the case. Table 70 gives in summarized form the 
results of some comparisons on this basis. The reactivities were 
deduced from the catalytic effects of hydrogen and hydroxyl ions 
on the velocities of certain reactions. In column I are listed the 
conductances of the solutions of various acids relative to that of 
hydrochloric acid taken as 100; in column II, their relative 
effects in promoting the hydrolysis of methyl acetate; and in 
column III, their relative effects in promoting the inversion 
(hydrolysis) of sucrose. 


TABLE 70 

Comparison of Chemical Reactivity and Conductance* 


Acid 

I 

Conductance | 

II 

Hydrolysis 
OP Methyl 
Acetate 

HI 

Inversion op 
Sucrose 

}^^'drochloric (standard) , . . 

100.0 

100.0 

100.0 

Nitric. 

99.0 

92.0 1 

100.0 

Sulfuric. 

0.5.1 

73.9 

73.2 

Trichloracetic. 

02,:i 

()S.2 

76.4 

Dichloracetic. 

25.2 

23.0 

27.1 

Oxalic. 

19.7 

17.0 

IH.O 

Monochloracotic. 

4.9 

4.3 

4.8 

Malonic. 

3.1 

2.9 

3.1 

Tartaric. 

2.3 

2.3 

— 

Malic .... . 

1.3 

1.2 

1.3 

Formic. 

1.7 

1.3 

1.5 

Acetic.. . 

0.4 

0.3 

0.4 


1 Data chiefly of Ostwald- From H. C. Jones, Theory of Electrolytic Disaociation, 
p. 156. By permisaiori of The Macmillan Conipany, publishers. 

In the case of acids, such common acidic properties as the sour 
taste and the effect on an indicator like methyl orange vary in the 
same direction as do the conductances and reactivities. In the 
case of bases, the common alkaline properties such as the soapy 
feel, the bitter taste, and the effect on an indicator like phenol- 
phthalein vary likewise in the same order as the conductances of 
the solutions. 

Among salts the relation between conductance and chemical 
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reactivity is sometimes striking. For example, mercuric nitrate, 
mercuric chloride, and mercuric cyanide are all soluble. If solu¬ 
tions of equivalent concentrations be prepared, the nitrate solution 
conducts well, the chloride conducts very poorly, and the cyanide 
scarcely at all. This is in line with the fact that the chloride, 
unlike the chlorides of other metals, gives off no hydrochloric acid, 
even on warming, when treated with fairly concentrated sulfuric 
acid. When sodium hydroxide solution is added to the three 
solutions, only the nitrate and the chloride give precipitates; in 
the cyanide solution the concentration of mercuric ion is not great 
enough to attain the solubility product for mercuric hydroxide 
or for mercuric oxide. Hydrogen sulfide, however, gives precipi¬ 
tates with all three. 

The salts of copper also offer interesting variations in color, 
which parallel their conductance. Anhydrous cupric salts show 
various colors: the chloride, yellow; the sulfate, white; the 
bromide, brown; and so on. In solution all of them are blue. 
When they are diluted to about 0.02 Ny their solutions all have 
the same shade of blue — with the exception of the acetate, which 
retains the blue shade peculiar to the crystalline salt. The con¬ 
ductances also are about equal for all but the acetate, which is 
distinctly poorer. 

One other illustration will show how conductance parallels other 
properties. Experiments show that lead acetate is a much poorer 
conductor than most other soluble lead salts and most other 
acetates. This would indicate abnormally low ionization for lead 
acetate. A familiar reaction in qualitative analysis, the solubility 
of lead sulfate in ammonium acetate or any other soluble acetate, 
is ascribed to the formation of the slightly ionized lead acetate. 

The Measurement of Conductance. We have indicated a 
qualitative method of determining conductance and some of the 
conclusions reached from its use. We can now take up the quanii-- 
tative methods suitable for measuring conductance. First it would 
be well to define some of the terms used in electrical measurement. 
We shall deal with four different units: the quantity of electricity; 
the rate at which it is flowing; the resistance which the material 
offers to the flow of electricity; and the 'potential difference or 
electrical pressure which causes the current to flow. If we compare 
the flow of electricity through a wire to the flow of water through 
a pipe, the electrical resistance of the wire is like the mechanical 
MGC 22 
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resistance of the pipe. The larger the pipe, the smaller the 
resistance. We must increase the pressure with which we pump 
water in order to increase the rate of flow. Similarly, with elec¬ 
tricity we must increase the potential difference in order to cause 
a larger current to flow through a given wire. The practical 
elecirical units are as follows: 

(1) The quantity of electricity^ Q, is measured in coulombs. The 
coulomb is defined as the amount of electricity which when passed 
through a solution of silver nitrate under specified conditions will 
deposit 0,00111800 g, of silver. We shall discuss this unit further 
under Faraday^s laws of electrolysis (page 352). 

(2) The rate of flow or current^ /, is measuifed in amperes. One 
ampere is a current of one coulomb per second. 

(3) The electrical resistance^ fi, of a substance is measured in 
ohms. The ohm is defined as the resistance, at 0° C., of a column 
of H.^521 g. of mercury, having a uniform cross section (ahoid 
0.01 sq. cm.) and a length of 106,300 cm. 

(4) The unit of electromotive force, E, is the volt, which is defined 
in terms of the two preceding units. It is the electromotive force 
which must be applied to cause a current of one ampere to flow through 
a resistance of one ohm. 

The voltage, current, and resistance cannot be varied inde¬ 
pendently of each other but are related by Ohm^s law, which states 
that the current is directly proportional to the voltage and inversely 
proportional to the resistance ; 

7 = 1 or E = IR 
K 

The conductance of a solution may be defined in general terms 
as its capacity for carrying the electric current. It is the opposite 
of the resistance which the solution offers to the passage of the 
current. Mathematically stated, the conductance is the reciprocal 
of the resistance. If we designate conductance by C and resistance 
by/e: 



The resistance. It, is expressed in ohms; the conductance, C, in 
reciprocal ohms, or mhos. In the usual method of measuring 
resistance, then, we have a method for measuring conductance. 
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The method depends upon the use of the Wheatstone bridge, 
diagrammatically shown in Figure 60. 

The solution under investigation is put into a special conductance 
cell, C, which is designed for most efficient operation. The elec¬ 
trodes are disks of heavy sheet platinum welded to stout platinum 
wires which are sealed through pieces of glass tubing. Electrical 
contact with the platinum wires 
is made through a small amount 
of mercury in each tube, into 
which the copper wires from 
the bridge dip. The electrodes 
P, P' are coated with a layer of d 
platinum black — spongy plat¬ 
inum deposited by electrolysis 
of a solution of chloroplatinic 
acid — which exposes a large 
surface to the electrolyte and 

, .1 j. r !_ • 1 Fig* Altematmg Current Wheatstone 

reduces the amount Ot chemical Bridge for Conductance Measurements. 

action when the current is 

passed. The cell is filled with solution through the two center tubes, 
/, It is then mounted in a suitable oil thermostat and kept 
at the desired temperature. The temperature control must be 
within about 0 . 001 ® for the most accurate work. 

As we have already seen (page 193), direct current cannot be used 
in measuring the conductance of electrolytic solutions, because 
it causes chemical changes at the electrodes. Alternating currents 
of a fairly high audible frequency do not cause these polarization 
effects, since the slight changes caused during one half-cycle are 
immediately reversed in the next half-cycle. The current for the 
bridge is furnished by the audio-frequency oscillator, 0 , the best 
form of which employs a vacuum tube circuit tuned to a frequency 
of 1000 to 2500 cycles per second. 

The current from the oscillator enters and leaves the bridge at 



the points A and P. Part of the current flows through the right 
side of the bridge, consisting of the two equal resistances Pi, 
Pa, and part through the left side of the bridge, consisting of the 
variable resistance P 3 , shunted by the variable condenser c, and 
the conductance cell C. The points D and F are connected through 
a telephone receiver T, which serves to indicate the balance point 
of the bridge. The note of the oscillator can be heard in the 
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receiver, as long as there is any difference in potential between 
the points D and F, The greater the difference in potential, 
the louder will be the note in the receiver. When there is no 
difference in potential between these points, there is no sound 
in the receiver. 

To determine the conductance of a given solution, it is put into 
the conductance cell C. When all connections are made, the 
resistance is adjusted until the sound in the receiver is a mini¬ 
mum. In general it is not possible to adjust the resistance alone 
so as to obtain silence in the receiver. That is because the con¬ 
ductance cell is not a pure resistance but has a certain capacity 
between the plates, so that it behaves like a resistance and con¬ 
denser in parallel. In order to obtain silence in the receiver, it is 
necessary to adjust the condenser c in parallel with the resistance 
Rzy so that its capacity balances that of the conductance cell. 
When there is no sound in the receiver, the bridge is balanced and 
the resistance of the solution may be determined just as though 
we were dealing with a resistance in a direct-current Wheatstone 
bridge. The method of calculation is extremely simple. 

Let us designate the differences in potential, and the related 
resistances and currents, in the various parts of the bridge as 
follows; 

El = TiRi = potential drop from A to F 
Ei = I2R2 — potential drop from F to B 
Ez — IzRs — potential drop from A to D 
Ei = I4R4 = potential drop from D to B 

Since there is no sound in the receiver, no current is flowing from 
D to F, and hence there is no difference of potential between these 
points. In other words: 

El = Ez or, by Ohm's law, hRi == IzRz 
and E 2 = Ei or, as before, I 2 R 2 = IaRa 

Dividing the last two equations gives the equation: 

IiRi _ IzRz 
I 2 R 2 IaRa 

Since there is no current flowing through the receiver, the current 
flowing through Ri must be the same as that flowing through 
and similarly that flowing through Rz must be the same as that 
flowing through Ra, i.e .: 

/ 1-/2 and h^U 
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Substituting these values in the equation above gives the simple 
equation: 

Ri __ A 

Ri R 4 

which is the general relation for a balanced Wheatstone bridge. 
In the type of bridge we are considering, Ri and R^ are made 
equal, so that jf? 4 , the resistance of the solution, is exactly equal 
to that of the variable resistance, R^. If, in a particular experi¬ 
ment, Rs is 3566 ohms when the bridge is balanced, the resistance 
of the solution, R 4 , is also 3566 ohms. The conductance is then 
found: 

0 = 4 •= = 0.000280 mho or ohm~^ 

H OODO 

The resistance (or the conductance) of a solution in a particular 
cell depends of course upon the dimensions of the cell (the size of 
the electrodes and the distance between them) as well as upon the 
solution. The observed value must be reduced to some standard 
conditions before it is useful. If we take a centimeter cube^ of 
the solution and measure the resistance between parallel sides 
(Figure 61), we obtain the specific resistance of the solution. The 
reciprocal of this is the spedjic condmtancey designated by the Greek 
letter kappa, k. The specific resistance (or 
conductance), like the density of a solution, is 
a definite intrinsic property of the solution, 
which does not depend upon the quantity 
taken or the shape or dimensions of the cell. 

In measuring the density of a solution, we do 
not attempt to measure the weight of exactly Fig. 61 . Specific 
1 ml. Instead, we weigh out a definite volume condJSance)! 
and calculate the density by dividing the weight 
by the volume (which is determined by weighing the same volume 
of water). In finding the specific conductance we adopt a similar 
procedure. The specific conductance, k, is proportional to the 
observed conductance, C. This relationship may also be expressed 
in mathematical symbols: 

k^KC 

where the proportionality factor, K, is known as the cell constant. 

^ Not simply a cubic ccntimeterf which dofinos the volume hut not the shape. 
The centimeter cube is a centimeter on each edge. Its volume, of course, is 1 cc. 
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The cell constard^ K, for a given cell is the number by which the 
measured conductance, C, must be multiplied in order to obtain the 
specific conductance, k. 

We can determine the cell constant by means of a solution of 
known specific conductance. Solutions of potassium chloride 
(which is easily purified and weighed out anhydrous) are usually 
used as standards. The specific conductances of the standards 
may be determined in two ways. The first is by measuring their 
conductances in a specially designed cell, the constant of which 
can be calculated from its dimensions. This was the method used 
by Kohlrausch, Holbom, and Diesselhorst,^ upon whose results 
most conductance data in the literature are based. A second 
method is to determine the resistance of a very long, narrow cell 
filled with mercury (the standard of resistance) and to calculate 
the cell constant from this value. This method has been used 
by Jones and Bradshaw,^ to whose author¬ 
itative article the reader is referred for more 
detail. 

Although the specific conductance is use¬ 
ful in comparing metals, it has little direct 
importance in dealing with solutions. From 
it may be derived a much more significant 
quantity, the equivalent conductance, which 
we have already defined (page 199) as the 
conductance between parallel plates 1 cm. 
apart, of the amount of solution containing 1 
Fig. 62. Com^Bon of k equivalent weight of the solute. It is 
‘ designated by the Greek letter lambda (A). 

If one equivalent weight of the solute is dissolved in V liters (1000 
V cc.) of solution, it will obviously cover 1000 V square centi¬ 
meters of each plate of the schematic conductance cell (Figure 62), 
while 1 cc. of the solution will cover 1 square centimeter of each 
plate of the cell. The equivalent conductance will then equal the 
conductance of 1000 V centimeter cubes, or : 

Av = 1000 Vk 

Ay is called the conductance at the dilution F. Since the volume 
containing one equivalent of a salt is the reciprocal of the normal 

1 Wiedemann's Annalen der Physik und Chemie, Neue Folge, 64, 417 (1898). 

* J. Am, Chem. Sac., 66 , 1780 (1933). 
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concentration, V = we may write for the equivalent conductance 
at the concentration c: 

1000 ic 


One important difference between the equivalent and the specific 
conductance deserves mention. The equivalent conductance 
always increases with increasing dilution, 
tending toward a maximum value at 
infinite dilution, which Arrhenius in¬ 
terpreted as indicating complete ioniza¬ 
tion. The specific conductance, on the 
other hand, increases with increasing 
dilution until a certain maximum value 
is reached and then decreases to zero (or, 
more precisely, to the conductance of the 
pure solvent) at infinite dilution. Two 
effects are involved. The quantity of 
electrolyte in the unit volume decreases in 
proportion to the dilution, but, according 
to Arrhenius^ picture, the degree of ioniza¬ 
tion increases; hence the number of ions 
per cc. (which determines the specific 
conductance) increases to a maximum 
and then decreases. The two curves for 
H 2 SO 4 at 25® C. are given in Figure 63. Notice that the abscissa 
is the concentrationj not the dilution. 

In Table 71 are given values of the equivalent conductances of 

TABLE 71 

Equivalent Conductances of Certain Ei-jsctrolytes at 0.01 N 
Concentration and 25® C.* 


Solute 

Ao.oi 

Mhos 

Solute 

Ao.oi 

Mhos 

Hydrochloric acid . . , 

Ammonium chloride . . 

Potassium permanganate 

Lead nitrate. 

Sodium chloride .... 

. . 412.0 

. . 141.4 

. . 127.4 

. . 121.1 

. . 118.6 

Sodium sulfate. 

Lead acetate. 

Acetic acid ...... 

Ammonium hydroxide . . 

. 112.4 

52.1 
16.3 
11.6 

^ Chiefly from International Critical Tables, VI, 229 et aeq. 


400 

300| 

" A (Equivalent Conductance) 

200F 

lOOf 


8 12 16 20 24 

Normality 



Normality 

Fig. 63. CompariBon of A and 
K for mS 04 at 25® C. 
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a few of the most common electrolytes. These serve to show the 
wide variation in this property. It will be noted that strong acids, 

nitric, have the highest conductances, 
bases considerably less, salts still less, and 
the very slightly ionized weak acids and 
bases have very low values. 

The change in equivalent conductance 
with decreasing concentration (increasing 
dilution) is shown in Figure 64 for the 
electrolytes: hydrochloric acid, sodium 
chloride, sodium acetate, and acetic acid. 
It will be noted that in the case of the 
three strong electrolytes — hydrochloric 
acid, sodium chloride, and sodium acetate 
— the equivalent conductance approaches 
a definite value at zero concentration, 
whereas the equivalent conductance of 
acetic acid slopes so steeply that one 
cannot tell to exactly what point on 
the ordinate axis it should be extra¬ 
polated. 

We have already seen (pages 199, 205) that one method of calcu¬ 
lating the apparent degree of dissociation, a, is by means of the 
conductance ratio. If we follow the assumptions of Kohlrausch 
and Arrhenius that the ionic conductances do not change with coiv- 
centratioUj then the equivalent conductance Ac at any concentra¬ 
tion must be a measure of the number of ions present in the solu¬ 
tion. If ionization is complete when the concentration approaches 
zero and the equivalent conductance is Ao, the apparent degree of 
ionization: 

= As = Number of ions at concentration c 
Ao Number of ions at concentration 0 

As we shall see later, we do not now consider the conductance ratio 
a reliable measure of the degree of ionization of a strong electrolyte^ 
because we have reason to believe that the ionic conductance 
changes with changing concentration. Nevertheless, it is a fairly 
accurate measure of the ionization of weak electrolytes. Unfor- 

1 Data of Shedlovsky, J. Am. Chem. Soc. 64, 1410 (1932), and Macinnes and 
Shedlovsky, ibid., p. ^1429, supplemented by values for the more concentrated 
solutions from I.C.T. VI, 241 et aeq. 
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tunately, it is precisely these weak electrol 3 rtes for which, as the 
curve for HC 2 H 8 O 2 in Figure 64 shows, Ao values are most difficult 
to estimate by extrapolation. The ingenious way in which Kohl- 
rausch overcame this difficulty affords an interesting example of 
the application of the ionic theory. 

Equivalent Conductances at Zero Concentration (Ao). There 
are three methods of determining the limiting value of the equiva¬ 
lent conductance. 

(1) Direct extrapolation of equivalent conductances measured 
down to the lowest significant concentration is applicable only to 
strong electrolytes. Thus in the case of HCl, NaCl, and NaC2H802 
we can see from Figure 64 that the equivalent conductance curves 
approach the zerojconcentration axis nearly at right angles. We 
plot A against Vilf, since we have theoretical reasons for believing 
that such curves are linear as they approach zero concentration. 
A short extension, or extrapolation, of these curves from 0.0001 AT, 
where the experimental data end, to zero concentration may be 
made with considerable assurance and precision. 

This method fails completely in the case of weak electrolytes, 
because their equivalent conductance curves approach the axis 
so obliquely. However, two other methods are applicable to the 
case of weak electrolytes. These are both based on the law 
discovered by Kohlrausch (1875): As the concentration approaches 
zerOy the conductance of a salt may he expressed as the sum of the 
conductances of the anion and cation; i.e.: 

Ao = X(), o 4“ Xo, c 

This law of Kohlrausch^s has been verified for all strong electro¬ 
lytes, for which the Ao values may be obtained by extrapolation. 
We may therefore apply it also to weak electrolytes, the ionization 
of which must be complete at zero concentration even though we 
cannot prove this experimentally. This law of Kohlrausch may 
be applied in two ways, illustrated in (2) and (3). 

(2) The method of differences involves conductance data alone. 
We may illustrate it in the case of acetic acid. By the method 
of extrapolation given in (1), the equivalent conductances at 
infinite dilution may be determined for the strong electrolytes, 
hydrochloric acid, sodium chloride, and sodium acetate; from 
these the corresponding equivalent conductance for acetic acid 
may be found thus: 
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Ao,NaC»HiOj = \»,Na++ VctHK)a- = 91.0 mhoS 
Ao,hci = Cl- = 426.0 mhos 

Ao,Naci = \>,Na+ + \>.ci- = 126.4 mhos 

Ao,H.CtHaO» = Vh+ + \j,CsHaCh- 

= \.H+ + \).C1- + Xo.Na+ + \).CiHiOi- “ (VNa+ + 

= Ao. HCl + Ao. NaCjHjOa A®. NaCl 

= 426.0 + 91.0 ~ 126.4 mhos 
= 390.6 mhos 

This is the value given on the graph (Figure 64). Notice that in 
this method of differences we find not the individual ionic con¬ 
ductances but merely the sum of the desired pair. 

(3) The third method involves the determination of the ionic 
conductances hy combining conductance data with transport numbers. 
As we have already pointed out, the ions carrying the current 
travel at different speeds (hydrogen ion, for example, traveling at 
a much higher speed than chloride ion under the same potential 
difference), and the faster ion carries a geater portion of the current 
through the solution. In hydrochloric acid the limiting value 
of the equivalent conductance, Ao, is assumed to be made up of 
the two independent ionic conductances, Xo.h+ and Xo,ci-; that is: 

Ao.hci = \,n+ 4* Xo,ci- 

The transport number of the H+ at zero concentration will be 
equal to the fraction of the total current which it carries, or: 

Xo,H+ _ 

\.H+ Ao,hC] 

\),H+ = Wo.H+ X Ao.hci 
V ci- = X Ao.hci 

In evaluating the ionic conductances we shall take the recent 
results of Macinnes, Shedlovsky, and Longsworth.^ They find 
kt 25° C. : 

Ao.hci = 426.04 mhos 
no.H- = 0.8210; no.ci- = 0.1790 

whence Xo.h+ = 426.04 X 0.8210 = 349.78 mhos 

Xo.ci- = 426.04 X 0.1790 = 76.26 mhos 

1 “The Limiting Equivalent Conductances of Several Univalent Ions in Water 
at 25°,” by Macinnes, Shedlovsky, and Longsworth, J. Am, Chem. <Soc,, S4. 2768 
(1932) : Shedlovsky and Brown, ibid., 56, 1070 (1934) : Longsworth. ibid,. 67. 
1190 (1936). 


Wo.H+ = 

or 

Similarly: 
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Carrying out similar calculations for KCl, NaCl, and LiCl gives 
them, as a mean value for the limiting ionic conductances of the 
chloride ion: 

= 76.32 mhos 

This value, combined with the Ao values of the other compounds, 
gives all but one of the ionic conductances collected in Table 72.^ 


TABLE 72 

Limiting Equivalent Ion Conductances at 25° C. 


Ion 

Xo (Mhos) 

Ion 

Xo (Mhos) 

Ion 

Xo (Mhos) 

H+. . . 

. . 349.72 

Mg++ . . 

. . 53.08 

OH- . . 

. . 10.78 

Li+. . . 

. . 38.68 

Ca-^^ . . 

. . 59.52 

Cl-. . . 

. . 76.32 

Na+ . . 

. . 50.10 

Sr-^^ . . 

. . 59.48 

Br- . . 

. . 78.45 

. . 

. . 73.50 

Ba^ . . 

. . 63.66 

I- . . . 

. . 76.90 

NH4+ . . 

. . 73.59 



NO 3 - . . 

. . 71.42 

Ag'*' . . 

. . 61.90 

sor-. . 

. . 79.73 

C 2 H 8 O 2 - . 

. . 40.87 


By the simple addition of the ionic conductances for the hy¬ 
drogen and acetate ions, the equivalent conductance for the weak 
electrolyte, acetic acid, may be obtained: 

Ao, H.CiHjOi = H+ + \), cjHi 02 - = 349.72 + 40.87 = 390.59 mhos 


The ionic conductances in Table 72 are extremely useful, since 
from them we can calculate the equivalent conductance at zero 
concentration of any acid, base, or salt formed from them. They 
also enable us to calculate the transport numbers, at zero concen¬ 
tration, in each of these salts. For instance, in NaNOs: 


Ao = 50.10 -i- 71.42 = 121.52 mhos 


^0. Na+ 


Wo, NO|- 


50.10 

121.52 

71.42 

121.52 


= 0.4123 
0.5877 


Using the equivalent conductances at infinite dilution, Ao, as 
determined by any of these methods outlined above, and the 
values experimentally measured for finite dilutions, we can cal¬ 
culate the conductance ratios. Data from which conductance 
ratios for a few electrolytes at various concentrations may be 
computed are given in Table 73. 

» The value for OH" is from Jeffrey and Vogel, Phil. Mag. (7). 16, 396 (1933); 
17. 682 (1934). 
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TABLE 73 

EQUiVAiiBNT Conductances at Various Dilutions at 25® C. 


Concentra¬ 
tion N 

Dilution 

Liters 

HCl 

Mhos 

KCl 

Mhos 

H.CJI,0. 

Mhos 

1.000 

1.0 

331.9 

111.9 

_ 

0.100 

10.0 

391.8 

128.9 

5.2 

0.010 

100.0 

412.0 

141.3 

16.3 

0.001 

1000.0 

421.2 

146.9 

48.0 

0.0001 

10000.0 

424.5 

148.9 

133.3 

0.0000 

w 

426.0 

149.S 

390.61 


* Calculated from ionic conductances. 


Applications of Conductance Measurements. Conductance 
measurements find a number of important and interesting applica¬ 
tions both in pure science and in technical chemistry. For 
example, they furnish a rapid indication of the suitability for 
cultivation of a given soil, which depends in part upon its content of 
mineral salts. The alkali soilsof the Northwest, which contain 
an excess of the soluble salts of sodium, potassium, and mag¬ 
nesium, have been tested in this manner. A sample of the moist 
soil is pressed into a cup provided with two electrodes, contact is 
made with a conductance bridge, and the conductance is quickly 
determined. If the conductance is high, the salt content is high, 
and further analytical examination may be desirable; if the con¬ 
ductance is lower than a certain predetermined limit, there is little 
salt present, and further examination may be unnecessary. Some 
of the applications of conductance measurements with a purely 
scientific bearing will be discussed in the following pages. 

(1) Ion product for water^ Kw. Ordinary tap water has a con¬ 
ductance varying greatly with the locality; a representative value 
of the specific conductance would be, perhaps, 2 x 10~® mhos. 
By ordinary distillation the conductance of the water is cut down 
to about 4 X 10“® mhos. Probably the purest water that has 
ever been obtained was made by Kohlrausch and Heydweiler in 
1894. Even this water had a measurable conductance. They 
found the specific conductance, a, to be 0.043 X 10“® at 18° C. 
The resistance of a layer 1 cm. thick was equal to the resistance 
of a copper wire of equal cross section but about 30,000,000 miles 
in length! The specific conductance was found to vary greatly 
with temperature, as Table 74 indicates. 
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TABLE 74 

Specific Conductance of Pueb Water at Various Teacperatureb 

Temperature, ° C. . . 0 18 26 34 50 

X 10« mhos . . , 0.014 0.043 0.055 0.084 0.170 

From the value given for the specific conductance of water at 
18° C., the value for the ion concentrations may be computed. 
The specific conductance, is the conductance of 1 cc. of water 
between electrodes 1 cm. apart; its value is, as given above, 
0.043 X 10"® mhos. Kohlrausch and Heydweiler corrected this 
value for the conductance due to small amounts of impurities in 
the water which they were unable to remove and gave as the 
specific conductance of pure water at 18° C. 0.037 X 10"® mhos. 

The conductance, therefore, of 1 liter of water between elec¬ 
trodes 1 cm, apart would be: 

0.037 X 10-® X 1000 = 3.7 X 10"® mhos 

The ion conductances of the two ions concerned, and OH", at 
18° C., are 315.2 and 173.8 respectively. If 1 gram molecule of 
water were present in the ionized state in one liter of water, the 
conductance between electrodes 1 cm. apart would be: 

Ao.hjo = 315.2 + 173.8 = 489.0 mhos 

Now with such a low ionic concentration, we are justified in 
considering the ionic concentration is proportional to the conductance^ 
and since each water molecule ionizes into one and one OH" 
it follows that: 

[H+] = [OH-] = ^ = 0.77 X 10-’ 

From this value we can calculate: 

Kr. = [H+][OH-] = 0.59 X 10-1^ (at 18°) 

Essentially the same value has been obtained by other, quite 
independent methods (see page 381). 

It is interesting to note that in spite of the small conductance and 
the very slight ionization of water, the actual number of ions present 
in a given volume of water is by no means inconsiderable. One mole 
of water contains 6.06 X lO^® molecules. Of this number, as we have 
just shown, 0.77 X 10"^ gram molecules per liter are ionized. In 
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1 liter of water there are then 0.77 X 10“’^ X 6.06 X 10^ = 4.7 X 10^® 
hydrogen ions and an equal number of hydroxyl ions. Even in 
1 drop of water, about 0.04 ml., there are about 2 X 10^^ (2 milhon 
million) ions. This number is not small; it is sufficient, it would 
seem, to account for such chemical effects as hydrolysis of salts. 

(2) Solubility of slightly soluble salts. We have already men¬ 
tioned (page 284) the use of conductance measurements in finding 
the solubility of salts which are classed as ^4nsoluble^^ in ordinary 
analytical procedures. Their solubilities are so small that direct 
methods of determining them, c.gf., by evaporating a saturated 
solution and weighing the residue, are not practical. Usually 
experimental errors, such as the formation of a colloid from the 
suspended solid, completely vitiate such determinations. The 
electrical methods, of which the conductance method is one, 
give much more dependable results. We may consider the appli¬ 
cation of this method in the case of silver chloride. 

Silver chloride is precipitated by mixing dilute solutions of 
silver nitrate and sodium chloride. It is filtered off, washed 
repeatedly, and then put into distilled water in a conductance 
cell, at constant temperature. It is stirred until the conductance 
becomes constant, indicating that the solution is saturated. 
The conductance is then determined. This is so small that it 
must be corrected for the conductance of the water itself. In 
one experiment, at 18°, the specific conductance of saturated silver 
chloride solution (corrected for the conductance of the water) 
was found to be 1.34 X 10“® mhos. The conductance of 1 liter 
of this solution between electrodes 1 cm. apart would be: 

1.34 X 10-"^^ X 1000 = 1.34 X lO'^ mhos 

The equivalent conductance of silver chloride would be the sum 
of the ionic conductances, or 119 mhos. Assuming, as in the case 
of the ionization of water, that the conductance is proportional to 
the ionic concerUratianj we therefore conclude : 

[Ag+] = [Cli = = 1.12 X 10-^ M 

Now at this extremely low concentration we are safe in assum¬ 
ing that silver chloride is completely ionized. Consequently the 
quantity of ionic silver chloride represents the total quantity in 
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soliUion, 0.0000112 mole per liter. We can therefore say that 
the solubility of silver chloride is: 

1.12 X 10-^ M or 143 X 1.12 X 10"® X 1000 = 1.6 mg./l. 


(3) Conductometric titrations. There is another interesting ap¬ 
plication of conductance measurements in quantitative analysis. 
We can take advantage of the dilfference in conductance of differ¬ 
ent ions to determine the end points in titrations. This method 
may be applied in the titration of dark- 
colored solutions of acids or bases, when | II 

the ordinary color indicator would be 
useless. To illustrate the experimental 
method and interpretation of the results, 
let us follow a typical experiment. 


The titration is carried out in a suit¬ 
able vessel, one type of which, the 
classical model of Dutoit, is illustrated 
in Figure 65. The glass conductance 
cell C is fitted with platinum electrodes, 
Ef Ef welded to stout platinum wires 
which are sealed rigidly through glass 
pillars and through the sides of the 
vessel. Their ends are bent so as to dip 
into mercury cups in the paraffined 
wooden block W on which the cell rests. 



Fig. 66. Conductometric 
Titration Vessel (Dutoit). 


A sensitive thermometer T registers the temperature of the solu¬ 
tion. 

We put into the cell a known volume of the acid we want 
to titrate. For crude measurements the cell may be connected, 
in series with an alternating current ammeter and a suitable 
protective resistance, to a source of A.C. The ammeter current 
reading, which is a measure of the conductance of the solution, 
is noted and recorded. Then a known volume of the basic solu¬ 
tion, which should be from ten to fifty times as concentrated as the 
acid, is run out of the burette. The cell is shaken to insure mixing, 
and the current is again read and recorded. By means of the ther¬ 
mometer the cell is kept as nearly as possible at a constant temper¬ 
ature, so that the results will not be vitiated by the large change of 
conductance with temperature (about 2 per cent per degree; cf. 
Table 69). With each addition of base up to a certain point, the 
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current is lessened; then each addition is attended by an increase 
in current. If we plot current against quantity of base added and 
draw curves through the points obtained, their intersection will 
correspond to the volume of base required to neutralize the acid 
present (Figure 66). 

Why does the current first fall and then rise as base is added? 
Suppose that we have present initially a definite number of ions, 
e.g,y 100 H+ and 100 Cl"". Now add an amount of base containing 



ml. NaOH added 


50 Na’^ and 50 OH~. We shall then 
have in the solution 50 H+, 100 Cl““, 
and 50 Na+. Fifty Na+ have taken the 
place of 50 of the much faster H+; the 
conductance, and therefore the current, 
is less. Adding another 50 Na"^ and 
50 OH“, we shall then have 100 Na+ 
and 100 Cl~; the conductance will be 
still less and at a minimum. Addition 
of more Na"^ and OH~ simply increases 
the number of carriers of electricity 
and hence increases the conductance 
and the current. Since the base is so 
much more concentrated than the acid, 
there is no appreciable dilution effect to 


Fig. 66. Conductometric 
Titration Curves. 


complicate matters. It is to avoid 
dilution that the base is made so much 


stronger than the acid. In Figure 66 we have given the graphs 
for the titration of a typical strong acid (hydrochloric) and a 
typical weak acid (acetic) with a strong base. Notice that the 


lines meet at a sharper angle in the former case; hence the end 
point is somewhat more easily located. 


These represent only two of the many titrations that may be 
carried out using the conductometric method of determining the 
end point. If we immerse the conductance cell in a thermostat 


and measure the conductance by means of a WTieatstone bridge, 
the method is capable of considerable precision. Moreover, it is 
applicable in certain cases where other methods fail. For instance, 
it enables us to titrate very weak acids and bases and even to 
titrate as weak an acid as acetic with as weak a base as ammonium 
hydroxide. The method may also be applied to reactions in¬ 
volving precipitations. For a brief discussion of the scope of the 
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method, the reader is referred to an interesting review by I. M. 
Kolthoff entitled ‘^Conductometric Titrations.” ^ 

SUMMABY 

Electrical conductors belong to two classes, metallic and electro¬ 
lytic. Metallic conduction is due to the flow of free electrons. 
Electrolytic conduction is due to the migration of ions. Different 
ions move with different characteristic velocities, which may be 
determined by means of moving-boundary experiments. These 
ionic velocities usually increase about 2 per cent per degree rise 
in temperature. 

The transport numbers of the ions of an electrolyte are the frac¬ 
tions of the current carried by each. They may be determined 
by analysis of the anode and cathode solutions after electrolysis, 
or from moving-boundary experiments. 

The conductance of electrolytic solutions may be correlated 
with their chemical reactivity and ionization. Important electrical 
units are the coulomb (quantity), ampere (current), mho (con¬ 
ductance), ohm (resistance), volt (potential or E.M.F.), each of 
which we have defined. The last three are connected by Ohm^s 
lawy E = IR. The resistance (or conductance) of solutions is 
measured by means of an A.C. Wheatstone bridge, using a cell 
with platinized electrodes. From the observed conductance, 
we can calculate the specific conductanccy k, and the equivalent 
conductance j A. The value of Ao may be found for strong electro¬ 
lytes by extrapolating the A — curve to Af = 0. It may be 
calculated by Kohlrausch^s law by the method of differences or by 
adding the ionic conductances. 

Conductance experiments may be used to determine Kw or the 
solubility of “insoluble” salts. Conductometric methods may 
be used to determine the end point of neutralization and precipita¬ 
tion reactions. They may be applied to colored solutions and 
acids and bases too weak to use color indicators successfully. 

PROBLEMS AND EXERCISES 

1. Define concisely the following terms: Wheatstone bridge; electro¬ 
lytic conductor; transport number; Kohlrausch’s law of ionic conduc- 

1 Analytical Edition, Journal of Industrial and Engineering Chemistry, 2, 226 
(1930). 

MGC — 23 
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tances; mho; metallic conductor; specific conductance; voltcoulomb; 
ampere; equivalent conductance; Ohm^s law; ionic velocity. 

2 . Calculate from the absolute velocities of the ions given in Table 68 
the transport numbers of the ions of the following electrolytes at 18° C.: 
NaOH; HC 2 H 3 O 2 . 

3. From the data of Tables 68 and 69 calculate no.n*^ and no, or at 
25° C. and compare the results with the values on page 332. 

4 . A dilute solution of AgNOs is electrolyzed between silver electrodes 
at 25° C. After 1.0000 g. of Ag have deposited on the cathode, the 
cathode solution has lost 0.8437 g. of AgNOa. Calculate the transport 
number of each ion and compare with the value calculated from Table 72. 

5. Plot the equivalent conductance data of Table 73 against and 
compare the curves for strong and weak electrolytes. 

RECOMMENDED FOR FURTHER READING 

M. De K. Thompson, Applied Electrochemistry. New York, The 
Macmillan Co., 1930. 

Malcolm Dole, Experimental and Theoretical Electrochemistry, New York, 
McGraw-Hill Book Co., 1935. Pp. 40-64 ; 129^159. 

A. S. Fedorow, A Rule to Demonstrate the Migration of lons.’^ J. Chem. 
Ed., 12, 93 (1935). 

D. A. Macinnes and L. G. Longsworth, ^'Transference Numbers by the 
Method of Moving Boundaries.^^ Chem. Rev., 11, 171 (1932). 



CHAPTER 13 


ELECTRODE EFFECTS 

The passage of a direct electric current through a solution or a 
fused electrolyte brings about changes both in the body of the 
electrolyte and at the electrodes. It results in the transportation 
of material through the electrol}de and in chemical reactions at the 
two electrodes. These effects we term electrolysis. Electrolysis 
represents the transformation of electrical energy into chemical 
energy. The chemical changes produced by electrolysis take 
place at the electrodes only, i.e., at the points where the electric 
current enters and leaves the electrolytic cell. In the body of the 
solviion or fused mass there is no chemical reaction due to the current. 
The positively charged cations move towards the negatively charged 
cathode, and the negatively charged anions move towards the 
positively charged anode, but these are the only effects. 

In those rare cases when reactions occur within the mass of 
electrolyte, they are due either to the meeting of oppositely 
migrating ions that may form insoluble or unionized substances or 
to the heat effect of the current. If, for example, migrating H+ 
and OH“ meet they will react to form water: 

H+ + OH- —^ H,0 

and if Ag+ and Cl~ meet they will react to form the insoluble silver 
chloride; 

Ag+-|-a-— >-AgCl>l 

Such reactions do not involve the transformation of electrical into 
chemical energy but are simply the reactions that occur normally 
when the ions come in contact. 

Not only do the electrolytic changes take place exclusively at the 
electrodes, but the changes at the two electrodes are entirely independ¬ 
ent of each other. They are two different reactions. The nature of 
the change at the cathode is in no way influenced by the nature of 
the change at the anode. It is therefore totally meaningless and 
usually misleading to represent by a single equation the two 
electrode changes. Any such summed-up equation is quite inade¬ 
quate and usually obviously incorrect. The actual change at each 
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electrode is plainly the real essential in any equation that should be 
written, and to this principle we shall adhere in what follows. 

Electrode Reactions 

In the typical electrolysis circuit shown in Figure 67 we may con¬ 
sider that the function of the battery, B, is to ^^pump” electrons 
from the anode side of the circuit, AD, to the cathode side, CG, 
The nature of this pumping’’ action will be studied somewhat in 
the next chapter. The action of the battery 
removes electrons from the anode, Aj and 
supplies them to the cathode, C, tending to 
build up a negative charge on the cathode 
and to leave a positive charge on the anode. 
If the electromotive force of the battery is 
sufficient, it causes electrolysis of the solu¬ 
tion. The continued passage of the electric 
current through the external circuit requires 
the supply of electrons to the circuit at the 
anode either from the ions of the electrolyte 
or from the anode material itself and the 
simultaneous removal of electrons from the 
cathode. The chemical effects at the elec¬ 
trodes depend upon the various ways in 
which the ions supply electrons at the anode 
and remove them at the cathode. They constitute the electrolytic 
effects that we are now to study. 

General Conditions Affecting Electrode Reactions. A few pre¬ 
liminary generalizations will give the student a clearer understand¬ 
ing of the reasons for some of the electrode changes which we shall 
discuss in detail. 

(1) Often there are several possible reactions by which electrons 
might be supplied to the circuit at the anode or removed from the 
circuit at the cathode. The reaction that takes place, in such a 
case, is the one that proceeds most readily. In other words, the 
electric current follows the “path of least resistance.” To illus¬ 
trate this point, let us electrolyze an equimolar solution of zinc and 
cupric sulfates between platinum electrodes. Two possible reac¬ 
tions might remove electrons from the cathode: 

Cu++ + 2€— 

Zn^+-i-2€— 



Fig. 67. Schematic Elec¬ 
trolysis Circuit (Motion of 
Electrons and Ions). 
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Actually, copper, not zinc, is deposited under all ordinary condi¬ 
tions of operation, because the first reaction requires the expendi¬ 
ture of less energy than does the second reaction. It is easier to 
make cupric ions take on electrons than to make the zinc ions take 
them on. At the anode, oxygen, not sulfate, is deposited, since 
this again is the change that takes place most easily. If the anode 
is of copper instead of platinum, a third possible reaction may 
furnish electrons, the ionization of the copper of the anode itself 
according to the equation: 

Cu—)-Cu++ + 26 

Of the three possible changes, this takes place most easily and 
so copper passes into solution. The question as to what is ^Hhe 
easiest way’^ thus depends upon the nature of the electrode material 
and upon the nature of the ions of the electrolyte. 

(2) As we might expect, the products of electrolysis will depend 
upon conditions — particularly upon the ion concentrations and the 
applied electromotive force and, to a less extent, also upon the 
temperature. For example, if sodium chloride solution be elec¬ 
trolyzed between platinum electrodes, a low current density^ at 
the anode will cause the discharge of chloride ions and the evolution 
of chlorine, while a high anode current densityy caused by an 
increased E.M.P\ applied to the cell or the use of a smaller elec¬ 
trode, liberates oxygen as well as chlorine at the anode. If a copper 
anode be used, the copper will ionize when the current density is 
low, while some chlorine also may be evolved when the current 
density is high. Similarly, although cupric ion is much more 
easily discharged, taking on electrons more easily than does zinc 
ion, nevertheless the two may be deposited simultaneously, giv¬ 
ing a deposit of brass if the Zn^"^ concentration is high and 
that of Cu+ low and if the electrolysis is carried out with a high 
cathode current density. 

(3) In any aqueous solution the ions formed by the dissociation 
of the water itself are present. These ions, therefore, are always 
available to give up electrons or to take them on as the case may 
be. The ionization of water according to the equation; 

* The current density is measured in amperes per square centimeter of electrode 
surface. 
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occurs to the extent of only about moles per liter of pure water, 
but as we saw (page 336), this corresponds to about 10 ^^ hydrogen 
ions and the same number of hydroxyl ions in each drop of water. 
In a water solution of a salt, then, there are sufficient hydrogen 
ions around the cathode to compete with the cations of the salt 
for the electrons. If the metal is far above hydrogen in the elec¬ 
tromotive series, like the alkali or alkaline earth metals, it will be 
much easier to liberate hydrogen at the cathode than to liberate 
the metal. Of the two possible reactions: 

Na+ + e—Na| 

2H+ + 2€— 

the second requires much less energy. This still holds true even if 
the number of sodium ions, e,g.y in 0.1 ilf sodium chloride solution, 
is a million or more times as great as the number of hydrogen ions 
in the same solution. 

In many cases where the anion of the salt cannot be deposited, 
we find that oxygen is liberated instead. There are at least two 
possible mechanisms by which this might take place : 

4 OH-—)-4(OH)+4e 

I —»-2H,0 + 08| 

2 0 —^ 02 ^ 4 € 

According to the first mechanism, hydroxyl ions are discharged, 
yielding neutral hydroxyl radicals, which immediately decompose 
into water and oxygen. This is the view most widely accepted at 
present. According to the second mechanism, the oxygen is 
formed directly from the discharge of 0“ ~ ions, which are assumed 
to exist in solution due to the secondary ionization of water. 
The close analogy between water and hydrogen sulfide would lead 
one to expect such secondary ionization. As we have seen, the 
ionization of hydrogen sulfide, like that of dibasic acids in general, 
takes place in the two stages: 

So, in the case of water, we might assume the ionization: 
H0-..^H+ + 0— 

If this ionization occurs, we could assume the direct discharge of 
oxide ion, 0~ during such electrolyses. However, the concentra¬ 
tion of this ion is probably extremely low; and until we have 
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available further experimental evidence, we shall assume that it is 
the hydroxyl ion, OH"“, that discharges. 

(4) One further generalization regarding electrolysis, which 
applies to every case, is that all changes at the anode are oxidation 
reactions and all changes at the cathode are reduction reactions. We 
have defined an oxidation reaction as one involving the removal of 
electrons from the substance oxidized; in every electrolysis the 
substance, metal or ion, changed at the anode loses electrons and 
therefore is oxidized. We have likewise defined a reduction reac¬ 
tion as one involving the gain of electrons by the substance reduced; 
in every electrolysis the substance, nonmetal or ion, changed at 
the cathode gains electrons and therefore is reduced. Typical 
cases of oxidation changes and of reduction changes will appear in 
the examples that follow. 

Typical Electrode Effects. A number of examples of the 
effects observed at the electrodes during electrolysis of solutions 
will be described briefly. These will serve as a basis for predicting 
what might take place in any of the numerous possible cases. All 
of those selected reactions, which are representative, are easily 
adapted to individual or class demonstration. 

(1) Electrolysis of IhSOa between platinum electrodes. 

(а) Anode effect: Oxygen evolved. 

4 OH- —4 (OH) + 4 6 

1-^ 2Hj0 + 0:| 

(б) Cathode effect: Hydrogen evolved : 

2H+ + 2e—>-H4 

(2) Electrolysis of NaSOi containing neutral litmus, between 
platinum electrodes. 

(a) Anode: Oxygen evolved; litmus in solution turns red. 

Mechanism: As in (1) the discharge of OH“ leaves an 

excess of H+ in the solution. 

(b) Cathode: Hydrogen evolved; litmus turns blue. 

Mechanism: As in (1); as H+ from water discharges, an 

excess of OH~ remains. 

(3) Electrolysis of AgNOi between silver electrodes. 

(a) Anode: Silver goes into solution as silver ions (a stream 
of the denser solution may be seen flowing to the bottom of cell): 

Ag —Ag+ + e 
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(6) Cathode: Silver deposits: 

Ag+ + €— 

(4) Electrolysis of Cdh between platinum electrodes, 

(а) Anode: Iodine liberated: 

21-—>-l2 + 2€ 

(б) Cathode: Cadmium deposits: 

Cd++ + 2€—>-Cd>l< 

(5) Electrolysis of Pb(NOz )2 between platinum electrodes with low 
current density. 

(a) Anode: Oxygen evolved. 

Mechanism: As in (1). 

(b) Cathode: Lead deposited: 

Pb++ + 2€—^-Pb'f 

(6) Electrolysis of Pb{NOz) 2 containing HNOz between platinum 
electrodes, 

(а) Anode: Brown crystals of lead peroxide deposited, possibly 
due to the reaction: 

Pb++—>-Pb++ + + + 2e 

followed by: 

Pb-f+ + + -f 4 OH- —Pb(OH)4 —^ Pbq 2 + 2 H 2 O 

(б) Cathode effect: As in (1). 

The same electrode reactions take place during the charging of a 
lead storage cell. The anode change is obviously an oxidation 
process. The deposition of lead dioxide on the anode serves also 
as a very satisfactory method for the quantitative determination 
of lead. Silver nitrate under similar conditions will yield a deposit 
of a silver peroxide on the anode. The exact composition of this 
peroxide is not known. 

(7) Electrolysis of ferric chloride solution containing potassium 
ferricyanide between platinum electrodes. Light brown ferric ferri- 
cyanide is formed initially by the reaction: 

Fe+++ + Fe(CN)6——>-Fe[Fe(CN)6] 

(a) Anode: Chlorine evolved: 

2 Cl-— 


CI 2 + 2 6 
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( 6 ) Cathode: Blue color of ferrous ferricyanide appears: 

Fe+++ + €—>-Fe+-<- 

followed by: 

3 Fe-^+ + 2 Fe(CN)5~— —>• Fe^FeiPN}^^ 

Ferric salt may be reduced completely to ferrous by carrying on 
the electrolysis for some time. Similarly, stannic salts may be 
reduced to stannous, and mercuric to mercurous. 

(8) Electrolysis of a ferrous salt {like ferrous ammonium sidfaie) 
containing potassium thiocyanate between platinum electrodes, 

(а) Anode: Blood-red ferrithiocyanate color appears, indicat¬ 
ing the oxidation of ferrous ion to ferric and the subsequent reaction 
of the latter with thiocyanate. 

Mechanism: 

Fe+-^—)-Fe+ + + + € 

Fe+^-^ + 6 SCN- —Fe(SCN) 6 -“ 

( б ) Cathode: Oxygen evolved, as in (1). 

The anodic effect here, ordinary oxidation, is shown also in the 
oxidation of stannous to stannic and mercurous to mercuric ions. 

(9) Electrolysis of NaCl using a mercury cathode and platinum 
anode. 

(а) Anode: Chlorine evolved. 

Mechanism: As in (7). 

( б ) Cathode: No evolution of hydrogen takes place. Sodium 
discharges and deposits, immediately dissolving in the mercury to 
form an amalgam in which it shows much less chemical activity 
than in the pure state. 

Mechanism: 

Na+ + e —>- Na (amalgam) 

Upon breaking the circuit, there is a brisk evolution of hydrogen 
from the surface of the mercury, due to the reaction: 

2 Na (amalgam) + 2 2 Na+ -f H 2 1 

(10) Electrolysis of ammonium chloride using a mercury cathode. 
As in (9) there is little or no evolution of gas from the cathode. 
As the electrolysis proceeds, the mercury cathode swells to many 
times its original volume, loses its fluidity, and becomes spongy. 
The ammonium ion, NH 4 +, discharges: 

NH 4 + + 6 —^(NHd 
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and the free ammonium deposited at once forms ammonium amal¬ 
gam. At room temperature this spongy amalgam decomposes 
within a few minutes, liberating hydrogen and ammonia: 

2 NH 4 (amalgam) —2 NH 3 1 + H 2 1 

At low temperature the amalgam is a hard, stable solid. It is 
the nearest approach so far attained to the isolation of ammoniuniy 
which evidently acts like a metal, resembling sodium in its behavior. 
Ammonium amalgam may be prepared somewhat more readily as 
follows: Sodium amalgam is first prepared by cautiously rubbing 
together sodium and mercury in a large mortar. The amalgam 
forms with almost explosive violence and the liberation of a large 
amount of heat. When it is added to a saturated solution of 
ammonium chloride, the resulting change is rapid and striking. 
The sodium displaces the ammonium: 

Na (amalgam) -f —^-Na"^ + (NH 4 ) (amalgam) 

(11) Electrolysis of sodium acetate between platinum electrodes 
is of interest because of the peculiar anode effect. A mixture 
consisting chiefly of carbon dioxide and ethane, C 2 H 6 , is given off, 
the two gases being in the volume ratio of 2:1. This suggests 
the mechanism : 

2 CH 3 .COO" —^ 2 (CH 3 .COO) 4- 2 € 

followed by: 

2 (CH 3 .COO) —C A + 4- 2 CO 2 1 

The “free radical/^ acetatCy has not been isolated. This electrolysis 
provides a useful method for preparing ethane. The carbon diox¬ 
ide may be removed by bubbling the mixed gases through potas¬ 
sium hydroxide: 

CO 2 + OH-—>-HC 03 - 

(12) Electrolysis of a weakly basic solution with an aluminum 
electrode. An experiment of this sort will bring out the “Dr. 
Jekyl and Mr. Hyde'^ character of the aluminum electrode, an 
important application of which will be considered later. If two 
aluminum plates be dipped into a solution of sodium bicarbonate, 
borax, or sodium phosphate and connected to the terminals of a 
storage battery in series with an ammeter, no current will pass. 
If the aluminum cathode be replaced by some other metal, the 
ammeter will still indicate that no current passes; but if the anode 
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be replaced, current passes normally. The fact is that aluminum 
will not cu:t anode. When aluminum is made the anode, the cir¬ 
cuit is promptly broken. In some manner, the action of the current 
rapidly builds up a high resistance. It is possible that the change 
involves the initial loss of electrons from the aluminum: 

^ Al*^ ^ + 3 e 

followed by: 

2AU-^+ + 6 0H-—^Al20^3>|r 4 - 3 H 2 O 

Thus the entire surface of the anode exposed to the electrolyle is 
covered with a layer of aluminum oxide which is nonconducting 
and breaks the circuit. 

The foregoing illustrations show what a great variety of different 
reactions may occur at the anode and at the cathode during elec¬ 
trolysis. These will be understood and remembered more easily 
if we classify and systematize them. This we shall attempt to do 
in two different ways: first, on the basis of the nature of the 
electrodes and electrolyte, and second, on the basis of the nature of 
the mechanism of electron transference. Both of these methods 
of classification should be of help in mastering the facts of the 
subject. 

Summary of Electrode Reactions 

Classification According to the Electrodes and Electrolytes. 

(1) Anode effects: 

(а) With carbon or an inactive metal like gold or platinum as 
anode, the electrolysis of a nitrate, sulfate, or similar salt results in 
the discharge of OH“ from the water and the evolution of oxygen. 

(б) Electrolysis of a basic solution results in the discharge of 
OH“ and evolution of oxygen even with fairly active metals like 
nickel or iron as anode. 

(c) With carbon or an inactive metal as anode, electrolysis of 
the solution of a chloride, bromide, or iodide results in the discharge 
of the halide ion and the deposition of the halogen. 

(d) When a solution of a halide, nitrate, or sulfate is electro¬ 
lyzed with an anode of copper, silver, zinc, or other fairly active 
metal, no anion discharge takes place; instead, the metal of the 
anode loses electrons and enters the solution as cations. 

(e) Electrolysis of a ferrous solution results in the oxidation of 
the ferrous ion to ferric; similarly, stannous is oxidized to stannic, 
and plumbous to plumbic. 
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(/) Aluminum with a basic electrolyte will not act as anode; 
the high resistance of the aluminum oxide film formed practically 
breaks the circuit. 

(2) Cathode effects : 

(а) When salts of the alkali and alkaline earth metals are 
electrolyzed, the metals are not deposited unless the cathode is of 
mercury; instead H+'from the water discharges, and hydrogen is 
evolved. 

(б) With such salts if a mercury cathode is used, the alkali 
and alkaline earth metal ions discharge, the metal immediately 
dissolving in the mercury to form an amalgam. 

(c) Metals above hydrogen in the reactivity series but less 
active than the alkali and alkaline earth metals, and also mag¬ 
nesium, usually may be deposited from neutral solution but not 
easily from acid solution; in the latter case hydrogen is evolved. 

(d) Metals below hydrogen in the reactivity series, like copper, 
silver, and platinum, deposit very readily, even from acid solution. 

(e) Electrolysis of a ferric salt solution results in the reduction 
of the ferric ion to ferrous; similarly, stannic ion may be reduced 
to stannous. 

Classification According to the Mechanism of Electron Trans¬ 
ference. (1) Anode effects: Ways in which electrons are sup¬ 
plied to the circuit at the anode: 

(a) The anion discharges, giving up its extra electrons, e.g.; 

2I-—^12 + 26 

2 CH3.COO- —2 (CH3.COO) + 2 e 

-C 2 HCI + 2 CO 2 I 

(i>) The anion of the electrolyte does not discharge; but, 
instead, hydroxyl (or, possibly, oxide) ion from the water gives up 
its extra electrons, e.g., with nitrate, sulfate, or phosphate and an 
anode of an inactive metal or of carbon; 

4 OH-—)- 4 (OH) 4 -4 c 

^—>“ 2 H2O + 02^ 

(c) No discharge of anion takes place; the atoms of the anode 
rnaJterial lose electrons, passing into solution as cations, e.g.: 

^—>-Cu++ -h 2 c 

Ag—>-Ag+-l-€ 

Zn —Zn+-^ -h 2 « 
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(d) A cation in a lower state of oxidation is oxidized, i.e., gives 
up additional electrons, e.g,: 

Fe++—>-Fe+++ +« 

Sn++—+ 

Pb++—>-Pb++++ + 2e 

(2) Cathode Effects. Ways in which electrons are removed from 
the circuit at the cathode: 

(a) The cation discharges, taking on electrons and depositing 
as metal, e.g.: 

Ag+ + €—Ag| 

Cu++ + 2 €— 

Zn++ + 26— 

(b) The cation of the electrolyte does not discharge; but, 
instead, hydrogen ion from the water takes on electrons, e.g., with a 
salt of sodium, barium, magnesium, and other active metals: 

2H+ + 26— 

(c) No discharge of cation takes place; the atoms of a nonmetal 
at the cathode take on electrons and pass into the solution as anions, 
e.g., if we bubble chlorine over a platinized platinum cathode, the 
following change takes place: 

CL + 2 6 —2 Cl- 

(d) A cation in a higher state of oxidation is reduced to one with 
a lower valence by taking on electrons, e.g.: 

Fe-^ + + + 6—>-Fe-^+ 

Sn*^ + + +-(- 2 6 —Sn+ + 

Pb+ + + + + 26—>-Pb+ + 


Quantitative Electrode Effects 

The quantitative effects of electrolysis are embodied in Faraday^s 
laws of electrolysis, the result of the brilliant and painstaking 
work of Michael Faraday,' published in 1834. Faraday^s first 

' Michael Faraday, 1791-1867, may well be rated as one of the great^t scientist 
of all time. He was trained in scientific work while acting as assistant to Sir 
Humphry Davy at the Royal Institution in London. It has been said that Davy’s 

f reatest scientific discovery was P'araday. He later l>ecame professor at the Royal 
nstitution. He is noted for his discovery of benzene, for his studies of electro¬ 
magnetism, and for his liquefaction of chlorine and other gases. Not least among 
his contributions was his study of electrolysis and the establishment of the laws 
of electrolysis which bear his name. Also, it was he who coined the terms now 
used in connection with electrolysis, anode, cathode, ion. cation, and anion. In this 
connection see Michael Faraday. His Life and Work, by Sylvanus P. Thompson, 
pp. 143-145. 
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law, which in the light of modem knowledge seems almost self- 
evident, may be stated: The quantitative effect at an electrode 
during electrolysis is directly proportional to the quantity of electricity 
passed through. His second law is of greater significance: The 
quantitative effects at the electrodes during electrolysis of various solur- 
tions with the same current are proportional to the equivalent weights 
of the substances changed. 

As we have seen (page 324), the quantity of electricity is ex¬ 
pressed in coulombs. Since the electrochemical effect of 1 coulomb 
is small, a larger unit is frequently used, the faraday.^ The 
faraday is the quantity of electricity that will bring about exactly 
1 gram equivalent change at an electrode. It is equal to 96^500 cou¬ 
lombs, a numerical value worth remembering. 

In the case of a univalent metal, like silver, one electron must be 
furnished for each Ag+ deposited. Since there are 6.06 X 10^^ 
atoms in a gram atom, there must be the same number of electrons 
in the faraday of electricity which causes the deposition. Hence: 

1 faraday = 96,500 coulombs = 6.06 X 10“ c 
From this we can calculate the charge of the electron thus: 

electronic charge = —- = 1.59 X 10~'® coulombs 
6.06 X 10“ 

Our most accurate value of Avogadro^s number is based upon 
Millikan^s experimental determination of the charge of the electron 
and the determination of the number of coulombs in the faraday. 
The calculation involves the reverse of the reasoning given here. 



Fig. 68. Electrolysis: Illustrating Faraday’s Laws for Various Reactions. 


Illustration of Faraday’s Second Law. To explain further the 
meaning of Faraday’s second law, let us assume that 96,500 cou- 

* Not to be confused with the farad, unit of capacity. 
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lombs are passed through several solutions in series, various metals 
being used as electrodes. At each electrode there will be one 
gram equivalent change. 

(1) Sodium mlfate solution^ platinum electrodes. 

(а) Anode: 8 grams of oxygen or 5.6 liters, dry, at S.T.P., 
are evolved; an excess of over OH“ appears in the anode com¬ 
partment of the solution equal to 1 gram equivalent, or, in terms 
of sulfuric acid, 49.03 grams. 

(б) Cathode: 1.01 grams of hydrogen or 11.2 liters, dry, at 
S.T.P., are evolved; an excess of OH“ over appears in the 
cathode compartment equal to 1 gram equivalent, or, in terms of 
sodium hydroxide formed, 40.00 grams. 

(2) Cupric sulfatej copp)er electrodes. 

(а) Anode: 31.78 grams of copper enters solution as cupric ion. 

(б) Cathode: 31.78 grams of copper are deposited from solution. 

(3) Ferric iodide, platinum electrodes. 

(а) Anode: 126.92 grams of iodine are liberated. 

(б) Cathode: 55.84 grams of ferric ion are reduced to ferrous, 
provided there is no evolution of hydrogen. 

If two or more effects occur simultaneously at one electrode, 
for example, if nickel and cobalt are deposited at the cathode in the 
same electrolysis, 96,500 coulombs will deposit a total of 1 gram 
equivalent of the two. 

Applications op Electrolysis 

Finding the Polarity of a Battery. It is an easy matter to deter¬ 
mine which is the positive and which is the negative pole of a 
battery; for this purpose almost any electrode effect will serve. 
A few of the more readily applicable methods may be mentioned: 

(1) Dip the wire leads from the battery into a solution of sulfuric 
acid, sodium sulfate, or other similar salt; the electrode at 
which the brisker evolution of gas occurs will be the negative pole. 

(2) Moisten litmus paper with a drop of sodium sulfate or nitrate 
solution and touch the lead wires from the battery near together 
on the paper; the litmus turns blue around the cathode, connected 
with the negative pole of the battery, and red around the anode. 
Other indicators may be used instead of litmus, giving a color 
change at the anode or at the cathode. (3) Dip filter paper into 
potassium iodide solution and touch the wire leads to the paper. 
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Iodine is formed at the anode side. ‘‘Pole findersmade on such 
principles are on the market. 

Electrorefining of Metals. This method is used commercially 
for the purification of copper, silver, nickel, and other metals. 
Most of the copper used for electrical connections and construction 
is refined electrolytically. Refining is desirable for two reasons. 
In the first place, the resistance of copper wire must be made as 
low as possible to lessen heating effects and power losses in trans¬ 
mission. The presence of a small trace of antimony and of even 
less arsenic increases the resistance very appreciably. It is worth 
while, therefore, to remove these elements as completely as prac¬ 
ticable. In the. second place, crude copper from the smelters 
usually contains both silver and gold in greater or less amounts. 
These do not greatly affect the resistance of the copper, but their 
recovery in marketable quantity is usually possible. The process 
of electrorefining rids the copper of the harmful impurities and at 
the same time concentrates the precious metals. It is employed 
on a very large scale. So valuable are the by-products that copper 
refining usually more than pays for itself. The refiners make an 
assay, t.c., analysis for gold and silver, of the crude copper and on 
the basis of the result may bid for the privilege of refining the 
metal; the gold and silver extracted remain the property of the 
refiners. 

The crude copper ingot is made the anode in a large electrolytic 
cell containing cupric sulfate and dilute sulfuric acid as electrolyte ; 
the cathode is a thin sheet of pure copper. The copper goes into 
solution at the anode: 

Cu —>-Cu++ + 2e 

and deposits on the cathode : 

2 € + Cu+ + — 

The copper is thus transferred from the anode to the cathode, but 
the impurities present in the crude copper are not so transferred. 
Of the anode impurities the base metals like zinc and iron readily 
pass into solution as ions when the current is passing: 

^ —>-Zn++ + 2€; —>-Fe++ -f 2 e 

but they do not deposit on the cathode because the cupric ions 
and hydrogen ions take on electrons much more readily; the 
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baser metals remain in solution as ions. The ncble metals, silver 
and gold, as well as arsenic and antimony, do not ionize so 
readily as does the copper, i.e,, do not yield electrons so readily 
to the circuit. Consequently when the copper passes into solution 
as Cu"^, the metal support for the particles of gold, silver, arsenic, 
and antimony is gradually eaten away, and the particles drop off, 
settling to the bottom of the cell to form the descriptively named 
anode mud. From this sludge the silver and gold are extracted. 

The extent to which crude copper may be refined by a single 
application of the electrolytic process and the amounts of impurities 
removed are shown for a typical sample in Table 75. 


TABLE 75 
Refining op Copper 


Metal 

Anode Copper, 
Per Cent 

Cathode Copper, 
Per Cent 

1 

Anode Mud, 

Per Cent 

Cu. 

99.25 

99.96 i 

25.00 

As, Sb .... 

0.10 

o.ooa 

10.00 

Ag. 

0.28 

0.0000 

40.00 

Au. 

0.0009 

0.0000 

2.00 


Electroplating. This is a process of very great importance in 
modern life. Much of the metal ware which we use is made of steel 
or some other base metal covered by a coating of a metal more 
resistant to corrosion or of more pleasing appearance. Although 
some metal coatings may be applied successfully by dipping or 
spraying, electrolytic plating remains the most important method. 
The article to be plated is made the cathode, and the metal is de¬ 
posited on it from a solution of its ion. Metals most generally 
applied by electroplating are gold, silver, copper, nickel, and 
chromium. Tin, zinc, and cadmium, all much used, are usually 
applied by spraying or by merely dipping the article into a bath 
of the molten metal. 

For satisfactory results the plated metal must form a continuous, 
even, and closely adherent coating on the metal plated. The 
composition of the plating bath and the conditions under which the 
plating is to be carried out must be determined and carefully con¬ 
trolled. A haphazard selection of electrolyte and lack of careful 
control of conditions lead to poor results. Copper from cupric 
chloride, silver from silver nitrate, and nickel from nickel nitrate 
MGC— 24 
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come down in crystalline form, totally useless as plating. Gold 
from aurous chloride and platinum from platinic chloride come 
down black and spongy. Polishing usually rubs off the deposit 
instead of imparting the shine and beauty of the properly plated 
article. In many cases the nature of the deposit is also affected by 
the presence of extraneous substances in the electrolyte, sometimes 
favorably, sometimes adversely. The presence of even a low 
chloride ion concentration, for example, ruins a copper deposit, 
rendering it brown, flaky, and nonadherent. The deposits are often 
improved by the addition of nonelectrolytes hke sugar and alcohol. 

Although there are optimum conditions of temperature, current 
density, and voltage, the most important single factor controlling 
the nature of the deposit is the ion concentration. Silver, gold, 
platinum, and chromium seem to come down in the best form when 
the ion concentration is very low. If the ion concentration is re¬ 
duced by reducing the total salt concentration, the process is not 
economical since the conductance is lowered and the rate of deposit 
slowed down; nor is the best result obtainable by raising the con¬ 
ductance by the addition of some other salt, although this is some¬ 
times effective. Instead, it is usually preferable to cut down the 
ion concentration without at the same time decreasing the available 
supply of the metal. In the case of silver, gold, and platinum this 
may be effected by forming complex ions with excess ammonia, 
or, preferably, by addition of excess potassium or sodium cyanide. 
In the case of silver the electrolyte contains the following ions in 
equilibrium: 

Ag+ + CN- AgCN 

+ 

CN~ 

Ag(CN)2- 

The actual concentration of silver ion is very low; it slowly plates 
out on the cathode in a continuous coating. As the silver deposits, 
the equilibria shift to replace the ion discharged. 

For chromium plating, now an industrial process of great impor¬ 
tance, the bath used is a solution of chromic acid and sulfuric acid, 
with the former in excess. A typical bath contains 250 grams per 
liter of chromic acid and 2.5 grams per liter of sulfuric acid. De¬ 
spite the fact that the chromium is part of the anion, it is deposited 
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as metal upon the cathode when the solution is electrolyzed. 
Kasper,^ at the Bureau of Standards, has studied the mechanism of 
the cathodic reduction and has concluded that the chromium is 
reduced to the metal from the hexavalent state. The reaction 
taking place may be written: 

Cr207-“+14H+ +12£—+ 7 H 2 O 

Electroanalysis. The deposition of a metal by electrolysis often 
is one of the most accurate and satisfactory methods of quantitative 
analysis. The cathode, usually a sheet or cylinder of platinum, is 
cleaned and weighed; the metal being determined is plated out 
quantitatively upon it; the deposit is washed, dried, and finally 
weighed. The increase in weight is equal to the weight of metal 
in the sample. Knowing the weight of the sample, the per cent of 
the metal is easily calculated. For example, in the analysis of 
copper ores, a weighed amount of the ore is treated with nitric acid 
to bring the copper into solution. By suitable treatment the cop¬ 
per is isolated from other metals which might interfere with the 
electrolysis. Tlie solution is then electrolyzed until all of the 
copper has been deposited upon a weighed platinum cathode. 
The gain in the weight of the cathode is the weight of copper and 
hence: 

per cent of copper = X 100 

wt. sample 

Nickel, cobalt, silver, lead, and other metals are frequently de¬ 
termined electrolytically. The electrolytic determination of lead 
depends upon the quantitative precipitation from nitric acid solu¬ 
tion of lead dioxide, Pb02, on the anode. From the weight of lead 
dioxide deposited, the weight, and hence the per cent, of lead is 
calculated. 

Coulometers. Instruments which measure the quantity of 
electricity are known as coulometers. There are a number of 
different coulometers, each based upon the measurement of an 
electrode effect which lends itself to quantitative treatment. 
Some of the more important are: 

(1) Gas coidometer: Hydrogen and oxygen are evolved and usu¬ 
ally collected together. From the measured gas volume, corrected 

* C. Kasper, “Mechanism of Deposition from the Chromic Acid Bath,” Journal 
of Research of the National Bureau of Standards, 14 , 693 ( 1935 ). 
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to standard conditions, the number of equivalents is calculated, 
and thence the number of coulombs. 

(2) Iodine coulometer: The iodine liberated by the electrolysis 
of potassium iodide is determined by titration with standard 
sodium thiosulfate solution. 

(3) Copper coulometer: Copper is plated out under controlled 
conditions, and the quantity of electricity is calculated from this 

weight. 

(4) The silver coulometer^ is the most 
satisfactory for accurate work. Its con¬ 
struction is simple, as is shown in Figure 69. 
A large silver anode, A, surrounded by a 
porous cup, P (to catch any anode sludge 
which might contaminate the silver depos¬ 
it), is suspended in a silver nitrate solution 
contained in a platinum crucible or dish, C. 
The crucible or dish is made the cathode 
during the electrolysis and the silver de^ 
posited on its inner surface. The cathode 
is weighed before and after the experiment. The gain in weight cor^ 
responds to the quantity of silver deposited. From this the quantity 
of electricity is readily found. If, for example, 0.2764 g. of silver is 



Fig. 69. A Silver 
Coulometer. 


deposited, this is 


equivalents of silver. 
107.88 * 


Since 1 equivalent 


is deposited by 96,500 coulombs, 

107.00 


equivalent is deposited by 


0 2764 

X 96,500 coulombs. Hence 247.2 coulombs have passed. 

107.88 

Removal of Corrosion. An application of electrolysis of con¬ 
siderable interest is the removal of corrosion or tarnish from silver, 
copper, and bronze articles. The tarnish on silver is due, for the 
most part, to a coating of silver sulfide, Ag 2 S, formed by the interac¬ 
tion of hydrogen sulfide or sulfur in the local atmosphere and the 
metal. The ordinary means of cleaning, by polishing with an 
abrasive, removes the tarnish but removes some of the silver surface 
as well. By making the silver article the cathode in an electrolytic 
bath of sodium bicarbonate or some other basic solution, the silver 


' For a diBCUssion of errors and practical specifications see “ Summary of Experi¬ 
ments on the Silver Voltameter,” etc., Rosa and Vinal, Bull. Bur. of Stand., 18, 
479 (1916). 

The aptly descriptive name coulometer is preferable to the term “voltameter.” 
which, formerly used, is too easily confused with voltmeter. 
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sulfide tarnish is easily removed. At the same time, the silver is 
plated out once more on the article cleaned, although, as a rule, 
the plating is not adherent and readily polishes off. The process 
may be explained by one of the following series of changes: 

(1) The change may be due to the hydrogen which at the moment 
of deposition is assumed to be in the atomic state and, therefore, 
extremely reactive : 

2H+ + 26—>-[2 H] 

It reacts with silver sulfide, displacing silver thus: 

[2H] + Ag.S —^2Ag^r +H.S 

(2) The silver sulfide, though highly insoluble, dissolves to a 
slight extent and ionizes thus: 

Ag 2B 2 Ag-^ -f S— 


Electrolysis causes the discharge and deposition of the silver ion: 

2 Ag+ + 2 € — 2 Ag l 

By either mechanism, the final products would be the same. The 
electrolytic removal of ‘^blue corrosion^’ from copper or bronze 
articles has been of the greatest service to the archeologist for the 
recovery and preservation of articles of ancient origin. A bath of 
dilute sodium hydroxide is used as electrolyte, and the corroded 
article is made the cathode. Slow electrolysis results in reduction 
and removal of the corrosion without harming the rest of the piece. 
In such cases the corrosion may have deeply pitted the metal; 
the electrolytic reduction cleans out the pits and also removes 
corrosion from the surface — a result which polishing alone cannot 
accomplish. Here we may assume the equilibrium : 

CuC03.Cu(0H)2 CiU+ + CO 3 — + Cu-^+ + 2 OH- 
and upon electrolysis : 4- 2 € —Cu| 

The Aluminum Rectifier. We have already seen that aluminum 
will not act as an anode in electrolysis, although like other metals 
it functions readily as a cathode. An interesting application of 
this property is the aluminum rectifier, a simple and easily con¬ 
structed device for obtaining direct current from an alternating 
current line. The apparatus is shown diagrammatically in Figure 
70. The electrolyte is a saturated solution of borax, Na 2 B 407 , or 



360 


ELECTRODE EFFECTS 


some other mildly alkaline solution. One electrode in each of the 
four cells is of gas carbon; the other of aluminum. The four car¬ 
bon and four aluminum electrodes are connected as shown in the 
diagram. B and D represent the connections of the rectifier to 

the alternating current leads, 
the source of A,C. The D.C. 
circuit is represented by the 
direct current ammeter, A, and 
the resistance, R. One wire is 
connected between cells (1) and 
(3), and the other between cells 
(2) and (4). The alternating 
current may be assumed to con¬ 
sist of a pulsation of electrons, 
first in one direction {B towards 
D), then in the other (D towards B). A complete cycle of change 
usually takes place 60 times per second (60 cycle A.C.). Consider 
what happens to the stream of electrons during each of these two 
pulses. 

(а) The electrons go from B towards D. The aluminum plate in 
cell (1) will be the anode, and therefore no current can pass through 
this cell; but the aluminum plate is the cathode in cell (2), through 
which the current may pass. The current cannot return to D 
through cell (4), but can pass through cell (3). Hence the stream 
of electrons passes through the D.C. circuit in the direction shown 
by the full arrows, —through cell (3) and out to D. 

(б) The electrons go from D towards B. In the pulse in this 
reverse direction, the current may pass through cell (4) but not 
through cell (3), and through cell (1) but not through cell (2). 
Consequently the stream of electrons, the current, passes through 
cell (4), through the D.C. circuit in the direction indicated by the 

dashed arrows,-through the cell (1), and out at D. During 

both pulses the electrons are traveling m the same direction through 
the D.C. circuit. The alternating current has been rectified^ i.e.y 
made direct current. Such a current may be. used for electrolysis, 
charging storage batteries, and so on. It is not a steady current 
like that from a storage battery but a 'pulsating current, which 
varies from a maximum to zero in time with the alternations of the 
source current. The relationship may be represented diagram- 
matically as in Figure 71, where the curves represent the current 



Fig. 70. Aluminum Rectifier Circuit. 
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at any instant. The efficiency of the rectification is quite high. 
In one experiment when the alternating current was 1.7 amperes, 
the rectified current was 1.4 
amperes. 

Industrial Preparations by 
Electrolysis. Electrolytic 
methods have been adopted 
very widely by manufacturers 
of chemicals. We can list here 



-1 cycle 


R 0 


fv^vYv^ 

%o second —« Time —^ 


Comparison of Alternating and 
Rectified Current. 


only a few of the substances ^ 
prepared industrially by this 
method. The electrolytic prep¬ 
aration of some of these has already been studied in elementary 
chemistry. 

TABLE 76 


Electrolytic Preparations 


Metals 

Gases 

Inorganic 

Compounds 

Organic 

Compounds 

Sodium . . . 

Hydrogen 

Sodium hvpochlorit-e 

Iodoform 

Potassium . . 

Oxygen 

Potassium chlorate 

Anthraquinone 

Magnesium. . 

Chlorine 

Ammonium persulfate 

Chloral 

Aluminum . . 

Ethane 

Potassium ferricyanide 

p-Amino phenol 

Calcium . . . 


Pot assium permanganate 


Cerium . . . 


Perchloric acid 



Summary 

Electrode reactions during electrolysis always involve oxidation 
at the anode and reduction at the cathode. The products obtained 
in any particular case depend upon the electrolyte, electrode, and 
current density. The results are summarized on pages 349 to 351. 

Faraday's law states that the electrolytic reaction at an electrode 
is proportional to the quantity of electricity passing through it. 
One faraday, 96,500 coulombs, of electricity cauwses one gram 
equivalent of oxidation at the anode and one gram equivalent of 
reduction at the cathode of any cell. 

Electrolysis may be applied (a) to find the polarity of D.C., 
(6) to refine metals, (c) to plate one metal on another, (d) to 
determine quantitatively metallic and sometimes other con¬ 
stituents, (e) to measure the quantity of electricity by the gas, 
iodine, copper, or silver coulometer, (/) to remove corrosion from 
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metals, e.g., copper or silver sulfide, (g) to rectify A.C. 

using an aluminum anode, and (h) to prepare many inorganic and 
organic substances on a commercial scale. 


PROBLEMS AND EXERCISES 

1. Show clearly by electron transference equations just what occurs 
at each electrode when the solutions listed below are electrolyzed: 

(a) silver nitrate : anode, Pt; cathode, Pt 

(b) platinic chloride: anode, Pt; cathode, Pt 

(c) cupric chloride : anode, Zn; cathode, Cu 

(d) sodium sulfate : anode, Cd ; cathode, Cu 

(e) zinc nitrate : anode, Fe; cathode, Zn 

2. Exactly 1.02 grams of cadmium were deposited by a uniform current 
passed through a solution of cadmium sulfate for 20 minutes. Calculate 
the current in amperes. 

3. In the refining of a batch of copper, the weight of copper deposited 
on the cathode was 24,645 grams; the weight of gold contained in the 
anode mud was 6.7 grams, of silver 12.8 grams, of arsenic 8.6 grams, and 
of copper 60.1 grams. Compute the total loss in weight of the anode, 
assuming that the anode copper contained no other impurities. 

4. What volume of a solution of sodium thiosulfate, containing 4.4 
grams/1., will be required to react with the iodine liberated at the platinum 
anode when a current of 0.40 ampere is passed for 1 hour through potas¬ 
sium iodide solution? 

5. Explain, using a diagram similar to that in Figure 70, how a direct 
current may be obtained from an alternating current using only one 
instead of four carbon-aluminum cells. Represent as in Figure 71 the 
nature of the rectified current. 

6. A current of 0.246 ampere is passed for 6 hours through a solution 
of sodium nitrate between platinum electrodes. Compute the volume of 
gas given off at each electrode when measured dry at 20° C. and 770 mm. 
pressure. 

7. A solution of cupric sulfate was electrolyzed between copper elec¬ 
trodes ; at the conclusion of the run it was found that the cathode had 
gained in weight to the extent of 0.898 gram: 

(а) How much did the anode lose? 

(б) The electrolysis had taken 4 hr., 20 min.; what was the current? 

8. If 1200 coulombs of electricity were passed through a solution of 
sodium chloride using a cathode of mercury, and all of the amalgam 
produced were permitted to react with water: 

(a) What volume of hydrogen, measured dry at S.T.P. would be 
evolved? 
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(6) What weight of sodium hydroxide would be obtained by evaporat¬ 
ing the solution ? 

9. At fairly high voltage a solution of potassium chloride is electrolyzed 
between carbon electrodes, both chlorine and oxygen being evolved. 
Assuming that the current averages 1.2 amperes for 6 hours and that the 
total volume of oxygen and chlorine, measured dry at S.T.P., is 2.6 liters, 
calculate the volume of each gas. 

10. What volume of hydrogen and oxygen collected together over 
water at 18° C. and 755 mm. pressure would be obtained in a gas coulom- 
eter in series with a silver coulometer in which the same current deposits 
0.310 gram of silver? 

11. How long will it take to deposit the tin from a solution containing 
50 grams of stannous chloride with a current of 0.92 ampere? 

12. Calculate the quantitative eiffect at each electrode when a current 
of 2.4 amperes is passed for 6 hours through the following cells in series: 

(а) zinc sulfate in neutral solution, with zinc electrodes 

(б) sodium hydroxide, with carbon electrodes 
(c) sodium acetate, with platinum electrodes 

RECOMMENDED FOR FURTHER READING 

M. De K. Thompson, Applied Electrochemistry, New York, The Mac¬ 
millan Co., 1930. 

S. P. Thompson, Michael Faraday, His Life and Work, New York, The 
Macmillan Co., 1898. Pp. 137-150, dealing with electrolysis, are 
of special interest. 

Alembic Club Reprints, No. 6. Humphry Davy, ‘^The Decomposition 
of Fixed Alkalies.” 

A. J. Allmand and H. J. T. Ellingham, Applied Electrochemistry, London, 
E. Arnold & Co., 1931. 

Charles L. Mantell, Industrial Electrochemistry. New York, McGraw- 
Hill Book Co., 1931. 

Colin G. Fink, ‘‘Recent Advances in Industrial Electrochemistry.” 
Sci. Mo., 40, 121 (1935). A good summary of recent developments. 



CHAPTER 14 
ELECTROMOTIVE FORCE 


We turn now to the consideration of the one remaining part of 
our typical electrolytic circuit, the battery. We have already 
stated that its function is to “pump” electrons from the anode 
side of the circuit to the cathode side. We must now inquire as to 
the mechanism by which this is accomplished. In the previous 
chapter we have seen how chemical reactions in the electrolytic 
cell have been made to take place by the application of an electro¬ 
motive force between the electrodes. In this chapter we shall see 
how chemical reactions tending to take place spontaneously give 
rise to an electromotive force; and, if the circuit resistance is not 
too great, cause the flow of an electrical current. The effects 
already studied represent the transformation of electrical into 
chemical energy; those now to be studied represent the transfor¬ 
mation of chemical into electrical energy. As we shall see, the 
electromotive force set up in a galvanic cell, or battery, measures 
the tendency for a chemical reaction to occur in the cell — the 
affinity of one substance for another. 
Hence, the E.M.F. set up in a suitable 
cell is a quantitative measure of the driv¬ 
ing force or free energy of the chemical 
reaction. By a study of chemical reactions 
in galvanic cells we learn something of 
the interrelation between electrical and 
chemical effects and obtain a clearer 
picture of the most probable nature of 
the numerous reactions that come under 
the heading of oxidation-reduction re¬ 
actions. In the present chapter we shall 
Fig. 72. The DanieU CelL ,. • i i r 

discuss various solution phenomena of 

practical and scientific importance which also hinge on such effects. 

Galvanic Cells. Doubtless we are all familiar with one source of 
electric current coming under this heading — the eell devised by 
Darnell in 1836. The Darnell cell (Figure 72) is made up of a 
heavy zinc electrode, Zn, dipping into a solution of zinc sulfate 
contained in a porous porcelain or earthenware cup, C. On the 
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outside of the porous cell is a concentrated solution of cupric 
sulfate, in which is immersed a large copper electrode, Cu. WTien 
the two electrodes are connected with a voltmeter, a reading of 
about 1.1 volts is obtained. The gravity cell (Figtue 73) differs 
from the Daniell cell only in the mode of separating the two solu¬ 
tions. In it the zinc sulfate solution simply floats on the surface 
of the denser cupric sulfate solution. This cell is sometimes called 
the crowfoot cell, from the conventional shape of the zinc electrode. 
The make-up of either of these cells may be represented thus: 



In contact 


This schematic diagram is conventionally abbreviated to the fol¬ 
lowing : 

Zn 1 + + il I Cu 


This representation indicates that the cell is made up of a zinc 
electrode dipping into a solution containing zinc ions and that 


this solution is in contact with one con¬ 
taining cupric ions, into which a copper 
electrode dips. The contact between elec¬ 
trode and solution is represented by a 
single vertical line, |, and the contact be¬ 
tween the two solutions — the liquid- 
liquid junction — is represented by a pair 
of vertical lines, |1. 

Within certain practical limits the metals 
used in galvanic cells, together with the 
corresponding electrolytes, may be varied 
at will. Thus cells like the following 
readily may be set up, giving approxi- 



Fig. 73. The Gravity Cell. 


mately the electromotive forces listed below: 


Zn 

1 Zn+ + 

II 

Cu+ + 

Zn 1 

1 Zn+ + 

II 

Ag+ 

Cu j 

1 Cu+ + 

II 

Ag+ 

Mg ! 

1 Mg+ + 

II 

Cu++ 


I Cu E = volts 

I Ag - 1.6 volts 
I Ag E - 0.5 volts 

I Cu E — 2.7 volts 
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An inspection of the above figures shows that the E.M.F. of the Zn : 
Cu cell plus that of the Cu : Ag cell is equal to that of the Zn : 
Ag cell. This is not a coincidence; the same holds in all cases, thus: 

J5:(Mg : Zn)+ E{Zix : Pb)+ E(Ph : Cu)+ JS;(Cu : Ag) = ^(Mg : Ag) 

Gases as well as metals may function as electrodes in galvanic 
cells. Thus hydrogen may be used to form an electrode of very 
great scientific and practical importance. Cells also may be made 
with electrodes of which nonmetals, e.g.j chlorine, bromine, and 
oxygen, are the active elements. We may realize such a cell with 
two gas electrodes by means of the following experiment. If we 
electrolyze a solution of hydrochloric acid between platinum 
electrodes, hydrogen deposits on the cathode, and chlorine on the 
anode. Upon disconnecting the electrolyzing battery B (Figure 
74) and connecting the platinum electrodes through a voltmeter, F, 

we shall observe a reading of about 1.4 
volts. If the electrodes be smooth plat¬ 
inum, the swing will be momentary only; 
the quantity of chlorine on the electrode 
is small and it rapidly reacts with the 
water or dissolves in it. Much more 
satisfactory results are obtained if plat¬ 
inized platinum electrodes are used instead 
of the smooth platinum electrodes, as we 
have explained on p. 325. Gas carbon 
electrodes are also suitable. The carbon 
^ig. 74. Demonstratio strongly adsorbs the gases and the ‘^gas 

electrodes^’ built up by electrolysis persist 
for a much longer time. The method of obtaining these electrodes 
for experimental purposes and of measuring the E.M.F. is shown 
diagrammatically in Figure 74. 

The platinum or gas carbon electrodes themselves, immersed in 
hydrochloric acid or any other electrolyte, give rise to no E.M.F.; 
they serve simply to carry the gas forming the active electrode and 
to give it contact with the external circuit. 

Gas cells of the type just described may be made by electrolyzing 
suitable solutions between carbon electrodes. (1) With hydro¬ 
chloric acid the H 2 :Cl 2 cell is obtained; (2) with sulfuric acid the 
H 2:02 cell, i.e.y the cell: 

C, Ha I H+OH- I O 2 , C 
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(3) with potassium bromide the H 2 :Br 2 cell; (4) with sodium 
sulfate the H 2:02 cell, and so on. 

Cells also may be built up with one metal and one gas electrode, 
most readily by electrolyzing a suitable electrolyte, as described. 
Thus, by electrolyzing cupric chloride solution between carbon 
electrodes we set up the cell: 

Cu I CU++C1- I Ch £'=1.0 volt 

If zinc chloride, nearly neutral, be electrolyzed we obtain the cell: 

Zn i Zn^+Cl- I CI 2 £ = 2.1 volts 

Any of the gas electrodes mentioned may be made as well by 
passing the gas itself over the surface of the carbon contacting 
electrode, enough of the gas being absorbed to set up the corre¬ 
sponding electrode. 

In these cells with gas electrodes, as in those with metal electrodes 
or with one gas and one metal electrode, the E.M.F.^s are additive. 
Thus: 

£(Zn : Cu) + £(Ca : Ch) = £(Zn : Ch) 

1.1 V. + 1.0 V. = 2.1 V. 

The Potentiometer. We have already shown that for demon¬ 
stration purposes or rough measurement of the E.M.F. of a cell it 
may be connected directly to a voltmeter. Such an arrangement 
is not suitable for exact measurement because, although the 
resistance of the voltmeter is 
purposely made as high as pos¬ 
sible, the instrument does allow 
a small current to flow. When 
the cell supplies any current, 
however small, its E.M.F. 
gradually changes because of 
chemical changes around the 
electrodes. In order to make 
accurate and reproducible 
measurements of the E.M.F. of 
cells, we must use an arrangement which will allow no current 
to be drawn from the cell. Such an arrangement is the potentiomr 
eter which we shall now describe. It is shown schematically in 
Figure 75. A “working cell,^' B, is connected in series with a 
rheostat, R, and a uniform resistance “slide wire,’' AC, to form the 



Fig. 76. Schematic Potentiometer. 
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working circuit/^ BA DC. To one end, A, of the slide is con¬ 
nected a second “measuring circuit, AGD, containing either a 
standard cell, S, or the unknown cell, X, and a galvanometer, G. 
The other end of this measuring circuit is connected to any desired 
point, D, D\ on the slide wire by means of a sliding contact. 

The working cell causes a flow of current, 7, along the slide wire 
from A toward C. It also tends to cause a current, to flow 
through the measuring circuit, AGD. The cell in this circuit is 
arranged so as to oppose this flow of current and to tend to cause 
a current i to flow in the opposite direction. By moving the sliding 
contact, Z), we can find a point where 7' = z and no current flows 
through the galvanometer, G. At this point, the E.M.F. of the 
cell in the measuring circuit exactly equals the potential difference 
between A and D. The fall of potential along the slide wire will be 
uniform if the resistance of the wire is uniform. The potential 
difference between A and D will be: 

Bad ~ I Rad — frl = el 

where I is the distance from A to D, r is the resistance per unit 
length of the wire, and e = 7r is the voltage drop per unit length 
of the wire. It is convenient to arrange the values of r and of 7 so 
that e is some even decimal fraction of a volt {e,g., 0.01 volt) and 
the scale is direct reading. If we use a potentiometer of this 
type, the current, 7, will not remain constant, because the working 
cell slowly runs down. We must adjust the current from time to 
time by comparison with a standard cell of known and fixed voltage. 
Suppose we choose the Weston cell (page 390) with an E.M.F. of 
1.0183 V. at 20° C. We set the slider, D, at 1.018 on the scale and 
adjust the current, 7, by means of the rheostat, /?, until no current 
flows through the working circuit galvanometer, G. The scale 
reading is now correct at 1.018 v, and also at every other point on 
the scale if the slide wire is uniform. 

We now throw down the switch, E, so that the unknown cell, JV, 
is put into the working circuit, move the slider to 7)' until no 
current flows through the galvanometer, G, and read directly the 
E.M.F. of this cell. In this particular case, suppose X consists 
of the Daniell cell, in which the concentration of the zinc ion and 
also that of the copper ion is 1 m. It may be represented thus: 

Zn I Zn++(lm) || Cu++(l?n) | Cu 
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The E.M.F. of this cell is found to be 1.106 v. This is less than 
that of the practical Daniell cell, in which a higher E.M.F. is 
obtained by using a concentroied solution of the copper salt and a 
dilvie solution of the zinc salt. In a later section of this chapter, 
we shall take up in detail the effect upon the E.M.F. of a cell of 
changing the concentrations of the ions of the electrolytes. It is 
important to note at this point that the ionic concentrations must 
be specified carefully in order that the measured E.M.F. of the cell 
may be reproducible and significant. 

Standard Electrode Potentials. The fact that the electromotive 
forces of the different cell combinations are additive shows that 
the same must be true of the E.M.F. of the individual electrodes 
which make up the cells. If we knew the E.M.F. of one single 
electrode, we could determine the potentials of all the others by 
means of a series of cells of the type we have indicated above. 
There is no known method of determining a single electrode poten¬ 
tial, but we can bring all of the electrode 
potentials into a single unified system 
by arbitrarily taking the potential of some 
one electrode as zero and then comparing 
other electrodes to this standard, either 
directly or indirectly by means of suitable 
cells. The procedure is analogous to that 
by which we determine the altitude of 
any point on the surface of the earth, by 
measuring its height relative to that of 
the arbitrarily chosen standard mean sea 
level. In the case of electrode poi/entials, 
two standard electrodes have been used, 
the standard hydrogen electrode and the 
standard calomel electrode. The hydrogen electrode is now the 
recognized primary standard for electrode potentials, but the 
calomel electrode is so convenient and reproducible and so much 
easier to use that it is an excellent secondary standard. 

One form of the hydrogen electrode is shown in Figure 76. The 
platinum electrode, P, coated with platinum black, is welded to a 
platinum wire sealed through the end of a glass tube. It is 
connected with the outside circuit by the mercury contact, Af. 
Through the side tube, T, hydrogen gas, carefully purified and 
freed especially from all traces of oxygen, is supplied continuously. 



Fig. 76. The Hydrogen 
Electrode. 
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The gas space around the electrode is then filled with pure hydro¬ 
gen, which bathes the upper half of the platinum electrode. Holes 
in the side of the glass bell at H permit hydrogen gas bubbles to 

escape; hence the lower half of the 
platinum electrode is bathed in the solu¬ 
tion, which is made 1 m with respect to 
hydrogen ions. Consequently, we have 
an electrode of hydrogen gas under 1 
atmosphere pressure in contact with a 
molal solution of hydrogen ions, i.e., we 
have the electrode, or half cell: 

Pt,iH 2 (latm.) I || 

The saturated calomel electrode (Fig¬ 
ure 77) consists of a mercury electrode in 
contact with a paste of calomel (HgjCU) 
in saturated potassium chloride solution, 
the latter connected with the rest of the electrolytic circuit by a 
tube containing saturated potassium chloride solution: 

Hg I Hg^CL (sat’d KCl) || 

It is easily reproducible and maintains its electromotive force 
constant for a long time so that for practical purposes it is very 
useful. The hydrogen electrode, however, is more generally taken 
as the ultimate standard of reference for other electrode potentials. 

To determine the standard electrode potential of an element on 
the hydrogen scale, it is only necessary to set up the proper cell and 
to measure its E.M.F., using the potentiometer already described. 
In such a cell, the concentration of the ion — or, strictly speaking, 
its effective concentration, or activity ' — is made 1 m. A specific 
illustration will show exactly the method involved. Suppose we 
want to determine the standard electrode potential of zinc. We 
set up the cell: 

Pt, i H 2 (1 atm.) I H+(lm) || Zri+’^(lm) Zn 

The E.M.F. of this cell is found to be 0.762 v., with the hydrogen 
electrode as the 'positive pole and the zinc electrode as the 'negative 
pole. Since we have agreed to call the potential of the standard 

1 For a discussion of the term activity and of the types of cells most suitable 
for exact measurements, see Chapter 16. 



Fig. 77. Saturated Calomel 
Half CeU. 
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hydrogen electrode zero, the zinc electrode is negative^ in compari¬ 
son with the standard hydrogen electrode, and has the standard 
electrode potential equal to - 0.762 v. The standard electrode 
potential is designated JS®, hence we may write : 

Zn++(lw) I Zn 0.762 V. 

Similarly, if we compare the molal copper and chlorine electrodes 
with the standard hydrogen electrode, we set up the cells repre¬ 
sented below, the E.M.F. of each of which is indicated : 

( —) Pt,Ha (1 atm.) I H'*'(lw) || Cu++(lw) | Cu (-f): 0.344 v. 

(-)Pt,iH 2 (latm.) | H+ (Im) || Cl-(1 w) | iCUCl atm.),Pt (-(-): 1.358v. 

Since both copper and chlorine form the 'positive poles, we write 
for their standard electrode potentials : 

Cu++ 1 Cu 0.344 V. 

i CU (1 atm.), Pt I Cl- E® = + 1.358 v. 

In general we may define the standard electrode potential of an 
element as the potential^ relative to the standard hydrogen half-cell^ 
of a half-cell containing the element dipping into a solution 1 m in the 
ion of the element. If the element is a gas, the potential is measured 
with the pressure, corrected for deviations from the gas laws, equal 
to one atmosphere. The standard electrode potentials of many 
elements have been measured. In Table 77 is given a representa¬ 
tive list of the values of the standard reduction potentials on the 
hydrogen electrode scale and the corresponding values on the 
calomel electrode scale. The values for any element on the two 
scales differ, of course, by 0.246 v., the difference between the two 
reference electrodes. In every case the electrode is written with 
the oxidized state first and the reduced state second, as in the 
illustrations in the text above. 


* In this text we shall follow the convention adopted by the American Electro¬ 
chemical Society, the Bunsen Gesellschaft, most English and Continental chemists, 
and at least half of the writers on electrochemistry in this country. We shall take 
the sign of the standard reduction potential as the sign of the electrode^ as measured 
on the potentiometer. The opposite sign — the so-called “sign of the solution” — 
is sometimes used, and its appearance in the literature should cause the reader only 
momentary concern. No confusion need result, once we understand which conven¬ 
tion is used — just as we can become accustomed to driving either on the right-band 
or on the left-hand side of the road, depending upon the convention of the country. 

For a discussion of this sign convention, which has changed a number of times 
in the past, the reader is referred to W. D. Bancroft, Transactions of the American 
Electrochemical Society^ 33,79 (1918). 

MQC— 25 
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TABLE 77 


Standard Electrode Potentials (25® C.) ' 


Electrode Reaction 

Electrode 

S.E.P. (E^) 
Hydrogen 
Scale 

S.E.P. Sat’d 
Calomel Scale 

Li-^^ 


6—^Li 

Li+ 

ILi 

“ 2.960 volts 

- 3.206 volts 

K+ 

+ 

€— 

K+ 

1 K 

- 2.924 

- 3.170 

Na+ 

+ 

e— 

Na+ 

1 Na 

- 2.715 

- 2.961 



2 € — >• Mg 

Mg++ 

Al“++ 

1 Mg 

- 2.40 

- 2.65 


3€—^ A1 

1 A1 

- 1.7 

- 2.0 

Zn++ 


2 c '■ > Zn 

Zn++ 

I Zn 

- 0.762 

- 1.008 

s 

+ 

2€->-S-“ 

(S 

1 S")Pt 

- 0.51 

- 0.76 

Fe++ 

-f- 

2c-J-Fe 

Fe++ 

1 Fe 

- 0.441 

- 0.687 

Cd-^+ 

-f- 

2c- >-Cd 

Cd++ 

tCd 

- 0.401 

- 0.647 

Co++ 


2c-^Co 

Co"^ 

ICo 

- 0.29 

- 0.54 

Ni++ 


2e-^Ni 

Ni++ 

1 Ni 

- 0.231 

- 0.477 

Sn+ + 

-f 

2e- ^Sn 

Sn+ + 

1 Sn 

- 0.136 

- 0.382 

Pb++ 


2c->-Pb 

Pb++ 

iPb 

- 0.122 

- 0.368 

H+ 

-f 

€- 

(H+ 

1 \ H2)Pt 

db 0.000 

- 0.246 

Cu++ 

Saturated Calomel Electrode 

+ 0.246 

± 0.000 


2e - >-Cii 

011"^+ 

ICu 

+ 0.344 

4- 0.098 


(O. 

1 OH-)Pt 

4- 0.398 

+ 0.152 

hit 

+ 

€- 

(i u 

i I-)Pt 

4- 0.535 

4- 0.289 

Ag+ 

4- 

c — Ag 

Ag+ 

1 Ag 

+ 0.798 

4- 0.552 

IBr2 

+ 

e— 

(^Br2 

1 Br-)Pt 

4- 1.065 

+ 0.819 



c — ^CA~ 

a CU 

1 cr)Pt 

4- 1.358 

4- 1.112 


3 c —>• All 

AU+++ 

1 All 

+ 1.36 

-f 1.11 


1 Values chiefly from I. C. T., VI, 332. 


The student will of course recognize that this table represents 
the series variously known in elementary chemistry as the displace¬ 
ment series, reactivity series, and electromotive series. Elements 
at the top of the list are the strongest reducing agents. Their 
oxidized forms, positive ions, have the least electron affinity. 
Elements at the bottom of the list are the strongest oxidizing agents. 
Their oxidized forms have the greatest electron affinity. The 
active metals occupy the top of the list, the less active metals the 
center, and the active nonmetals the bottom. 

Uses of Standard Electrode Potentials: E.M.F. of Molal Cells. 
Table 77 is very useful. In the first place, it gives us all the infor¬ 
mation necessary to calculate the E.M.F. of cells made from any 
combination of molal electrodes. We need only keep clearly in 
mind the significance of the standard electrode potential, and 
particularly the sign of the potential. We shall write the negative 
electrode first, then the positive pole. The E.M.F. of the combina¬ 
tion is given by the algebraic difference between the two. Thus in 
the case of the cell: 

(-) Zn I Zn-^+(lm) || Cu'^+(lm) | Cu (+) 
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the zinc electrode is 0.762 v. more negative than hydrogen, and the 
copper electrode 0.344 v. more positive; hence the E.M.F. of the 
cell is: 

E = EP (Cu) - E® (Zn) = 0.344 -(- .762) = 1.106 v. 

This is illustrated graphically in Figure 78 a. We may consider the 
cell as equal to the two cells: 

(-) Zn I Zn++(lm) || H+(lm) | H, (1 atm.), Pt (+) 
(—) Pt, ^ Hi (1 atm.) I H+(1 to) || Cu++(lffi) ] Cu (+) 
connected in series thus: 


(-) Zn I Zn++ II H+ | H,-Hj | H+ || Cu++ | Cu (+) 

The hydrogen electrode contributes equally to the two cells; and 
since it forms the positive pole in the first case and the negative pole 
in the second, its net effect is zero. 


Zn H Cu (a) Zn:Cu cell 

-0.762 0.000 0.344 



(c) CuiClj cell H 0.344 Cl 

0.000 !_.358 


1.014 V. + 

Fig. 78. Graphical Representation of E.M.F. of Cells Composed of Various 
Electrode Combinations. 



If the reduction potentials of both electrodes have the same sign, 
the E.M.F. of the cell is of course calculated in the same way. 
Thus we may compute the potential of the cell: 

Zn I || Cd+“‘'(1 m) | Cd 

E --- 0.401 0.762) = 0.361 v. (cf. Figure 78 h) 

Similarly, in the case of the Cu : CI 2 cell: 

Cu 1 Cu++(lm) li Cl-(lm) | i Ch (1 atm.), Pt 
E = 1.358 - 0.344 = 1.014 v. (cf. Figure 78 c) 

In every case, we write the negative electrode first (on the left) and 
the 'positive electrode second (on the right). The E.M.F. of the 
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cell is then the potential of the positive electrode minus the poten¬ 
tial of the negative electrode. 

Chemical Reactions in Galvanic Cells. At the beginning of this 
chapter we pointed out that the source of the electromotive force 
in a galvanic cell is the chemical reaction taking place in the cell. 
We shall now see that a study of galvanic cells throws a great deal of 
light upon the chemical reactions which are the driving force in 
these cells. Whenever a galvanic cell operates so as to generate 
electric current, the substance at the negative electrode is always 
oxidized, and that at the positive electrode is reduced. Since we 
can always determine by writing down the cell and finding its 
E.M.F. which is the positive and which the negative pole, we can 
always tell what the cell reaction will be and which substance will 
be oxidized and which will be reduced. In other words, the list of 
standard electrode potentials allows us to calculate the course and, 
as we shall see later, the extent of a reaction. A few illustrations 
will make this statement clear. 

(1) In the Daniell cell, we have already found that the zinc 
electrode is negative and the copper electrode is 'positive. This is 
because at the zinc electrode the zinc goes into solution as zinc ion, 
leaving electrons on the electrode, while at the copper pole the 
cupric ions discharge, combining with electrons from the electrode 
to form metallic copper : 

Zn—>-Zn+‘^ + 2e ( —) (Zn oxidized) 

Cu'^+-h2e—(+) (Cu^+reduced) 

The complete cell reaction is: 

^ + Cu++ —Zn++ + Cn 

Metallic zinc reduces cupric ion to metallic copper, while the zinc 
itself is oxidized to zinc ions. 

(2) In the cell : 

Zn 1 Zn+^ (1 m) || H+ (1 m) | ^ H 2 (1 atm.), Pt 
the chemical reactions at the electrodes are: * 

Zn —>- Zn++ + 2 € (Zn oxidized) 

^ i H 2 (gas) (H*^ reduced) 

The complete cell reaction is: 

Zn + 2H+—^ 


Ha + Zn’’’'*’ 
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(3) In the cell: 

Cu I Cu'^'^(lw) II Cl~(lm) I ^ Clj (1 atm.), Pt 

the electrode reactions are : 

Cu —Cu+'^ + 2 € (Cu oxidized) 

^ CI 2 + e —Cl“ (CI 2 reduced) 

The complete cell reaction is: 

^ + CU—^-CuCh 

Oxidizing and Reducing Substances in Solution. Hitherto we 
have considered the E.M.F. of half-cells consisting of a neutral 
substance and an ion. Many substances may exist in solution in 
two different states of oxidation, and these substances also may 
function in reversible half-cells. If we put an inert conductor 
such as a platinum wire into a solution containing a mixture of 
ferrous and ferric salts in solution, we find that this system func¬ 
tions as a reversible half-cell, the magnitude of the potential of 
which in a solution of constant hydrogen ion concentration depends 
upon the ratio between the two ion concentrations. The following 
cell: 

(-) Pt,iH 2 (latm.) I H+(lm) || (1 m), (1 m) | Pt (+) 

we find has an E.M.F. of 0.748 v., which must therefore be the 
standard oxidation-reduction potential of the ferrous-ferric half¬ 
cell : 

Fe+ + + (1 m), Fe++ (1 m) j Pt = 0.748 v. 

Under the conditions existing in the cell above the equilibrium 
reaction: 

^H 2 + Fe+++=^H+ 4- Fe+ + 

will tend to go to the right, oxidizing H 2 . 

In Table 78 we have listed a number of standard oxidation- 
reduction potentials of the type we have discussed above. 

As an example of a cell involving two ionic oxidation-reduction 
electrodes, we may consider the following: 

(—) Pt I Fe+++(lm),Fe++(lm) || Sn+-^ + +(lm),Sn++(lm) | Hg (4^ 

The electrode reactions are: 

Fe++ —Fe+ + + 4* € (Fe++ oxidized) 

Sn+ + + + 4- 2i —►-Sn++ (Sn++ + ‘^ reduced) 
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TABLE 78 

Standard Oxidation-Reduction Potentials (25° C.) ^ 


Electrode Reaction 

Electrode 

E^ (Hydrogen 
Scale) 

Cr+++ + €- 

(Cr+++ Cr++) Ilg 

— 0.40 volts 

Ti+++ + e — 

(Ti+++, Ti++) Hg 

0.37 

Mn 04 '“ + e->- Mn 04 ^ 

(MnO< , M 11 O 4 ) Pt 

0.664 

Fe’^'^+ -}- € — Fe'+‘+ 

(Fe+++, Fe++) Pt 

0.748 

-f 2€ - >-Sn++ 

(Sn++++ Sn++) Hg 

1.256 

Ce+ + -i-+ ^ ^ ^ 

(Ce++++-, (>+++) Pt 

1.55 


(Co+++ Co++)Pt 

1.817 


^ Values chiefly from I. C. T., VI, 332. For additional values see Dole, Theoreti¬ 
cal and Experimental Electrochemistry, p. 400 (1935) 


The complete cell reaction is, therefore: 

Sn+ + + + + 2Fe+ + —+ 2Fe++ + 

The foregoing illustrations have shown how standard potentials, 
based on studies of chemical reactions under equilibrium condi¬ 
tions, enable us to determine the direction in which a chemical 
reaction tends to proceed. We shall now see how electrode po¬ 
tentials allow us to calculate quantitatively the driving force 
behind a chemical reaction. 

Electrode Potentials and Free Energy Change. The electrode 
reactions which we have considered are all reversible; in fact, the 
E.M.F. of cells must be measured under conditions of balance, i.e.y 
when no current is being drawn and the E.M.F. of the cell is just 
balanced by the potential difference of the potentiometer. A 
minute change in the potentiometer setting will reverse the cell 
reaction. Such a reversible cell is an extremely important example 
of chemical equilibrium ; and the E.M.F. of the cell is a measure of 
the/ree energy of the reaction, its tendency to proceed (cf. page 178). 
The E.M.F. is only one factor, the intensity factor, and we must 
multiply it by the capacity factor, the quantity of electricity, in 
order to obtain the free energy change in the reaction. In general, 
the decrease of the free energy of the system: 

= nFE 

where F is the faraday, E the E.M.F. of the cell, and n the number 
of electrons. For instance, in the reaction: 


Cu+ Cl 


CuCl 


(n = 2) 
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two electrons are lost by the Cu and gained by the Cl 2 . The free 
energy decrease when 1 mole of CuCU is formed from Cu and Cl 2 , 
under the conditions under which the cell was studied (in a solution 
1 m in each ion) is therefore: 

- AF = 2 X 96,500 X 1.014 = 195,700 joules 

= == 46,800 15®-calories (See footnote.)^ 

4.185 

This figure illustrates the great driving force behind this reaction, 
and is a convenient method of evaluating it. Thus a study of the 
E.M.F. of cells, as well as a study of equilibria in gaseous systems, 
gives us invaluable information as to the available chemical energy. 
The study of the free energy of chemical reactions is one of the 
most important objects of modern thermodynamic research. 

Electromotive Force and Concentration. We have emphasized 
the fact that galvanic cells represent chemical systems in equilib¬ 
rium. Since this is the case, we should expect the E.M.F. of 
such cells would be influenced by a change in the concentration 
of the ions around the electrodes. This is indeed the case, and we 
have already stressed the neccvssity of carefully specifying the ionic 
concentrations in writing the standard cell arrangements. To take 
a specific case, if we are considering the equilibrium in the Daniell 
cell: 

Zn, + Zn'‘'+ + Cu 

our experience with other equilibria would lead us to expect that 
the equilibrium would be shifted to the right by increasing the 
cupric ion concentration and also by decreasing the zinc ion con¬ 
centration, This is actually the case, and in practice this cell is 
made with a saturated solution of cupric sulfate around the copper 
pole and no zinc salt (but dilute sulfuric acid) around the zinc pole 
initially. Considering the equilibria at the two electrodes, if the 
zinc ion concentration is decreased, the zinc atoms of the electrode 
can go into solution as ions more easily, shifting the equilibrium: 

^=^Zn++ + 2e 

to the right. Since the electrons set free when the zinc ions are 
formed remain on the electrode, it will become more negative the 

* The joule is the absolute unit of energy. One 15°-calorie is equal to 4.186 
joules, or 1 joule is equal to 0.2389 16°-calorie. 
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more dilute the solution of zinc salt into which it is dipping. 
Similarly, when the cupric ion concentration is increased, it will 
shift the equilibrium: 

to the left. Since the electrons combining with the cupric ions 
must come from the copper electrode, it will become less negative^ 
or more positive, the more concentrated the solution of cupric salt 
into which it is dipping. 

On the basis of this picture of the electrode mechanism, which he 
worked out in great detail, W. Nernst, in 1889, derived an equation 
which shows how the potential of a single electrode changes with 
the concentration of the ions in the solution. The same equation 
may be derived on the basis of purely thermodynamic or mathe¬ 
matical reasoning. It is: 

E = E« ±^\nc 
nF 


where c is the concentration of the ion, if it behaves as a perfect 
solute — or, in practice, the corrected concentration, or activity 
which will be discussed in more detail in Chapter 16. Substituting 
the values of the gas constant, /i, the absolute temperature, T, 
and the faraday, F = 96,500 coulombs, and changing from natural 
to common logarithms gives, at 25° C.: 


E ^ ± 


0.059 


log c 


n being the number of electrons involved in the electrode reaction 
and E the electrode potential when the ionic concentration is c 
molal. If the solution is 1 molal in the ion, c == 1 and log c = 0; 
hence: 

E == E^ 

IP is therefore the constant, characteristic of the electrode, which 
we have already defined as the standard electrode potential of the 
electrode. 

The double sign (±) in front of the last term in two of the preced¬ 
ing equations indicates that the sign of the ion must be taken into 
consideration. If the ion is positive, the plus sign is taken; if 
negative, the minus. Thus, if we were calculating the electrode 
potential, relative to the standard hydrogen electrode, of a zinc 
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electrode in contact with a solution 0.001 m in zinc ions, the equa¬ 
tion would be: 

E = - 0.762 + 5:^ log(10->) = - 0.762 + X (- 3) 

M 2) 

= - 0.762 - 0.089 - - 0.851 v. 

If we were calculating the electrode potential of a chlorine elec¬ 
trode, in a solution 0.01 m in chloride ion, it would be: 

E = 1.358 - log 10-’= 1.476 v. 


In the first case the electrode potential is more negative than the 
standard, because the zinc at the electrode ionizes to a greater 
extent, leaving more electrons on the electrode. In the second 
case the electrode potential is more positive than the standard, 
because the chlorine at the electrode ionizes to a greater extent, 
taking more electrons from the electrode to form the chloride ions. 

If the half-cell is one containing an oxidation-reduction system, 
like the ferrous-ferric electrode, its potential will be affected by 
a change in the concentration of either substance. It will be 
increased by a higher concentration of the oxidized form and 
decreased by an increase of the concentration of the reduced form. 
In general, for such a half-cell the Nernst equation takes the form: 


E 


= + 


0.059, [oxidized] 
n ' [reduced] 


where n is now the difference in valence between the two states. 
As this equation shows, the actual reduction potential of such an 
oxidation-reduction half-cell is dependent not on the particular 
concentration of either ion but on the ratio of the two concentra^ 
tions. We are now in a position to calculate the reduction potential 
of any reversible electrode reaction of which we know the standard 
potential. 

Concentration Cells. Because the electrode potential may be 
changed by changing the concentration of the ions in contact with 
the electrode, as we have just shown, it is possible to construct 
concentration cells with identical electrodes of the same material 
dipping into solutions one of which is more concentrated in the 
ion furnished by the electrode than the other one is. Such cells 
are of great scientific importance and are useful in studying the 
effective concentrations of the different ions in solution. As an 
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illustration of a concentration cell, we may set up a cell with two 
identical zinc electrodes and two solutions of zinc chloride as elec¬ 
trolyte, one dilute, e.gf., m, the other concentrated, 1 m. 
From this cell we would obtain an electromotive force of about 
0.15 volt — not large, but significant. This cell we would repre¬ 
sent thus: 

(-) Zn I Zn++ (0.00001m) || Zn++ (1 m) | Zn (+) E = 0.15v. 

The E.M.F. of the cell easily can be calculated with the aid of the 

equation, E ^ ± ^ 0 -- ^ log c (page 378). For the left-hand (—) 

electrode: ^ 

E = + 5:5^ log [Zn++] = £» + X (- 5) 


For the right-hand (+) electrode: 


For the cell: 


E - (e^ - 


0.148 V. 


We can see that, in general, the E^ value cancels from any con¬ 
centration cell and the Nemst equation becomes: 

^ In log (at 25° C.) 

nF C 2 n ci 

Here — is the concentration ratio of the concentrated to the dilute 

C2 

solution. Thus the nature of the electrode has no effect on the poten¬ 
tial, which depends only on the value of n and the concentration 
ratio of the two solutions. If, for example, the ratio of the con¬ 
centrations of the ion concerned is 0.1: 0.01, and n = 1: 

E = 0.059 log 

= 0.059 log 10 
= 0.059 volts 


Applications of the Nemst Equation. The Nernst equation is 
extremely important and may be applied in many useful ways for 
various purposes. A few of these will be discussed briefly in the 
following pages. 

(1) To determine the hydrogen ion concentration of a given solution 
by means of the hydrogen electrode. Prepare two hydrogen elec- 
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trodes; immeree one in a molal solution of hydrogen ion (ci = 1), 
the other one in the solution to be examined (c* = [H+]). Connect 
the two solutions electrolytically by means of a “salt bridge” con¬ 
taining potassium chloride solution. Measure the electromotive 

force of the cell. The equation E = E® ± - —— log c now takes 

n 

the form: 

E = 0.059 log 

E is measured, hence the hydrogen ion concentration [H+] may be 
calculated very simply. Notice that this last equation may be 
expressed directly in terms of pH thus: 

E = 0.059 pH or pH = 17 X E 

u.uoy 

Thus we can determine pH directly by means of the hydrogen 
electrode. The method is in wide use for determining hydrogen ion 
concentration in biological fluids, like blood, urine, and gastric 
juice, in health and in disease. 

(2) To find the valence of an ion. The valence of the mercurous 
ion, and hence the formula for a mercurous salt, has long been a 
matter of dispute. Ogg,^ in 1898, reported the following experi¬ 
ment, the result of which would seem to indicate that the mercurous 
ion is Hg 2 '^ and that mercurous chloride, for example, would be 
HgsCU. He set up the cell : 

Hg 0.001 AT mercurous nitrate 0.01 AT mercurous nitrate Hg 
0.1 iV nitric acid 0.1 A^ nitric acid 

The observed value for the electromotive force of the cell was 0.029 
volts at 18® C. Substituting this value and the values for the 

RT 

concentrations and temperature in the equation E = TP ± In c, 
we obtain: 

0.029 log 10 

from which n = 2. 

(3) To find the ion product for water. Set up a cell with two 
hydrogen electrodes, one dipping into 0.1 m hydrochloric acid, the 
other into 0.1 m sodium hydroxide; connect the two solutions by a 

» Ogg, Zeit. phys. Ckem., 27 , 285 (1898); Getman, Theoretical Chemistry, 4th ed., 
p. 356. 
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neutral salt bridge, like potassium chloride. Determine the E.M.F. 
of the cell. Here we have: 

F = 0.059 log 

where [H"*"] is the unknown concentration of hydrogen ion in 0.1 m 
sodium hydroxide solution. This leads to a value of approximately 
10“^^ for the [H*^] in 0.1 w sodium hydroxide. Since the [OH'"] in 
this solution is about 0.1, the ion product for water: 

= [H+][OHi = 10-1® X 0.1 - 10-1^ 

(4) To find the solvhiliiy of an insoluble^* salt. This may be 
done for silver chloride. Set up a cell like: 

(-) Ag I Ag+(in sat’d AgCl) || Ag+(0.1 m) | Ag (+) 

where the concentration of silver ion in the electrode on the right is 
0.1 m, and that in the electrode on the left, made up with saturated 
silver chloride solution, is unknown. Measure the E.M.F. of the 
cell. Here, we have: 

E = 0.059 log, 

[Ag+ 

and froin this the one unknown factor, [Ag+], can be found. Since 
ionization may be assumed complete in this dilute solution, the 
concentration found in this way corresponds to the molal solubility 
of the silver chloride. Multiplying this concentration by the molec¬ 
ular weight gives the solubility in grams per liter. 

(5) To calculate the completeness of displacement reactions. 
Many chemical reactions involve the displacement of one sub¬ 
stance by another. Thus tests in qualitative analysis frequently 
depend upon the precipitation of one metal from a solution of its 
salt by means of a more active metal. If we put an iron nail into a 
solution of a copper salt, the copper plates out and the iron goes 
into solution. Does the reaction go to completion, or does it stop 
before the copper is all plated out? The principles we have just 
been discussing will allow us to answer this question. The dis¬ 
placement mentioned above may be represented by the equation: 

Fe + + Fe+ + 

If the ions are each 1 m, we may calculate the tendency for the 
reaction to proceed from a consideration of the cell: 

Fe I Fe++(lm) || Cu+-*’(lm) | Cu 
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The potential of this cell is: 

E = Ecu- Ef, = 0.344 - (- 0.441) = 0.785 v. 

The free energy decrease in this reaction is therefore: 

X 0.785 = 36,200 15°-carories 

4.loo 

Under these conditions iron has a strong tendency to displace copper 
from solution. 

Suppose, however, that we allow current to flow in the cell. 
Iron will go continually into solution, increasing the ferrous ion 
concentration; cupric ions will continually plate out, decreasing the 
cupric ion concentration. Under these conditions the potential 
of the iron electrode will continually increascj i.e., become less 
negative, while that of the copper electrode will decrease^ f.e., 
become less positive, according to the Nernst equation: 

Ecu = 0.344 + log [Cu++] 

A 

Ef. = - 0.441 + log [Fe++] 

By subtraction; 

E„„ = Ecu- Ef, = 0.785 + 0.0295 (log [Cu++] - log [Fe++1) 

or Ec .,1 = 0.785 + 0.0295 X log 


Since [Cu*^"^] is continually decreasing and [Fe++] continually 
increasing, the last term will become a larger and larger negative 
number, and the E.M.F. of the cell will gradually decrease. The 
displacement will continue as long as there is any free energy 
decrease; but it will cease when the E.M.F., and hence the free 
energy decrease, becomes zero. At this point we shall have a state 
of equilibrium, and no further displacement will take place. We 
can find the value of the equilibrium constant: 
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We may solve this equation for K thus: 

g * [Fe++] 0.0295 

= - 26.6 = - 27 4- 0.4 

or X = = 2.5 X 10-^ 

« [Fe++1 

Hence, at equilibrium: 

[Cu+'^j = 2.5 X 10-27 

Even if the final ferrous ion concentration were 10 m: 


[Cu++] = 2.5 X 10-2« m 

We may safely consider the Cu"*"^ completely precipitated, when only 
this infinitesimal amount remains. If a less active metal than iron 
had been used with cupric ions, or if ions of a more active metal 
than copper had been in solution, the displacement might be much 
less complete. Calculations of this sort are very useful in picking 
a suitable metal for such a displacement. 

Another interesting application of these principles is involved 
in calculating the direction in which a reaction like the following 
will tend to proceed: 

Ag + Ag+ + 

Set up the corresponding cell: 

( —) Pt 1 Fe+^-^Clm), Fe++(lm) || Ag-^ (1 m) | Ag (+) 
The E.M.F. of this cell is calculated and found to be 0.05 v.: 


E = 0.798 - 0.748 = 0.05 v. 

The ferrous-ferric electrode is negative, and the silver electrode 
positive. Therefore, in a solution 1 molal in each of the three ions, 
silver ion oxidizes ferrous ion. However, the potential of the cell 
is small, and if the silver ion concentration were reduced to 0.1 m 
or the ferric-ferrous ratio increased to 10, the reaction would tend 
to go the other way and silver would reduce ferric ion. This is 
strikingly illustrated by an experiment shown by A. A. Noyes. In 
one test tube, aim solution of ferrous nitrate slowly precipitates 
silver from aim solution of silver nitrate and becomes colored, due 
to the formation of colloidal ferric hydroxide: 


Fe++ + Ag+—+ Fe+++ 
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followed by: 

+ 3 H 2 O —^ Fe(OH)3 + + 3 

In the second test tube, powdered silver slowly decolorizes ferri- 
thiocyanate solution, reducing the ferric ions to ferrous, because 
the concentration of the silver ion is kept very low (8.4 X m) 
by the precipitation of insoluble silver thiocyanate: 

Fe(SCN)6--" + Ag —^ Fe(SCN) 2 + AgSCN + + 3SCN- 

The algebraic decrease in the reduction potential caused by the 
insolubility of a compound of the higher state of oxidation explains 
why it is sometimes possible to oxidize a substance which is usually 
unaffected by even the strongest oxidizing agents. Thus, the value 
of the standard electrode potential of the cobaltous-cobaltic elec¬ 
trode is 1.817 v. as compared with 1.358 v. for such a strong 
oxidizing agent as chlorine. Accordingly, only in forming such an 
insoluble compound as cobaltic hydroxide or such a stable complex 
ion as the cobaltinitrite ion, both of which furnish an extremely low 
concentration of cobaltic ions, do we obtain cobalt in the higher 
valence. 

Electromotive Force and Temperature. We have seen that the 
driving force in any galvanic cell is a reversible chemical reaction. 
We should expect that any such reaction in which there is a heat 
change at the electrodes would shift in one direction or the other 
with changing temperature according to the general thermo¬ 
dynamic principle which we have already discussed on page 182 — 
the theorem of Le Chatelier. This is indeed the case, and thermo¬ 
dynamics has found a most fruitful application in this field. In 
general, the electromotive force of a cell changes with temperature, 
although the change is not great for small temperature intervals. 
In the case of the Zn:Cu cell the change in E.M.F. is about 
0.04 V. for an 80° change. For the cells given in Table 79 it is 
of the same order. Since the E.M.F. of galvanic cells changes 
with temperature, the standard electrode potentials must also 
change; hence we must specify the temperature as well as the 
ionic concentration, in order to fix the standard electrode potential 
values. The values in Tables 77 and 78 correspond to 25° C. 

Thermodynamics shows that there is a simple and exact relation¬ 
ship between A/?, the heat absorbed during a chemical reaction, E, 
the KM.F. of a galvanic cell in which the same reaction is carried 



386 


ELECTROMOTIVE FORCE 


dE 

out, and its temperature coeflScient. This is the famous 
Gibbs*Helmholtz equation: 



E + 


nF 


where T is the absolute temperature, n the number of electrons 
involved in the reaction, and F the faraday. 

This equation is analogous to that derived by van^t Hoff, con¬ 
necting the heat of the reaction, —AH, with the temperature 
coefficient of the equilibrium constant (page 177). 

This equation frequently has been applied to calculate the heat 
absorbed in a chemical reaction — often with greater precision than 
it has been measured directly in a calorimeter. Table 79 gives a 
few results which illustrate such applications. 


TABLE 79 

Comparison or AH Calculated from the Gibbs-Helmholtz Equation with 
Calorimetric Values, 25® C. 



E(v.) 

dE 

df 

(v./Dbo.) 

- AH (Kal.) 


Calc. 

Calorim¬ 

eter 

Pb + 2 Agl =» Pbl2 4- 2 Ag » . . . 

0.21069 

0.000138 

11.61 

11.65 

Cd + 2 AgCl + 2.5 H,0 - 

CdCla.2.5H,0 +2Ag« 

0.67531 

0.00065 

40.03 

39.53 

Cd + PbCl, + 2.5 H,0 = 

CdCli.2.5 H,0 + Pb* 

0.18801 

0.00048 

15.25 

B 


^ Taylor, J. Am. Chem. Soc., 38 , 2303 (1916). 
* Taylor and Perrott, ibid., 43 , 489 (1921). 


The Source of the E.M.F. in a Galvanic Cell. We have already 
shown that the ultimate source of the electromotive force pro¬ 
duced by a galvanic cell is the chemical reaction taking place 
in it. We have also found that it is possible to define electrode 
potentials and to use them in predicting the direction and extent to 
which an ionic equilibrium will proceed and in calculating correctly 
the electromotive forces of cells, values which can be checked by 
experiment. In all this discussion we have confined ourselves to 
measurable quantities and have not attempted to speculate as 
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to the mechanism by which the E.M.F. is produced in a cell. 
Although there is no single generally accepted theory by which 
we can account for the origin of the E.M.F. in a cell, it will be 
interesting to see what theories have been advanced. 

If we consider any galvanic cell such as the Daniell cell shown 
in Figure 79, we see that it contains a number of points of contact 
between the different substances making up the circuit. Thus 
the copper wire from the voltmeter, F, is in contact with the zinc 
electrode at A, the copper electrode is in contact with the cupric 
sulfate solution, the zinc electrode is in contact with the zinc 
sulfate solution, and the zinc sulfate and cupric sulfate solutions 
are in contact at some intermediate position indicated by B. 
All of these interfaces may give rise to 
differences in potential, the sum of which 
is the E.M.F. measured by the voltmeter, 

F. The potential set up where the two 
solutions are in contact is known as the 
liqxiid junction potentialj due to the un- 79^ 
equal rates of diffusion of the ions of 

the two solutions into each other. It may be made negligibly 
small by separating the two solutions by a ‘'salt bridge,” usually 
a saturated solution of potassium chloride. It cannot be con¬ 
sidered as the chief source of the E.M.F. of the cell, except 
possibly in a concentration cell. 

There has been considerable animated discussion in the past as 
to whether the chief source of the E.M.F. of such a cell was the 
metal-metal interface, A, or the interfaces between the electrodes 
and the solutions. In general, the physicists have championed 
the first or Volta potential difference theory, while chemists have 
adhered to the second, which was elaborated in great detail by 
W. Nemst, in 1889.^ At the present time it appears that both 
ideas are at least partially correct. 

According to Nernst’s idea, when a metal is put into a solution, 
it has a certain inherent tendency to dissolve by forming ions. 
This ionization can proceed only to a very small extent, since the 
electrons left behind on the electrode charge it negatively, and a 
large attractive force between the electrode and the oppositely 
charged ions prevents their further motion. Also, the ionization of 

11. Langmuir, “ The Relation between Contact Potentials and Electrochemical 
Action,” Trans. Amer. Electrochem. Soc., 29 , 125 (1916), gives a good historical 
review of this controversy. 

MGC — 26 
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particles from the electrode is hindered by the presence of other 
ions of the same kind in the solution. The tendency of a metal to 
lose electrons and to pass into solution as the corresponding ioUj 
Nemst called its solution tension. If the solution tension is 
large, the metal has a great tendency to pass into solution as ions — 
in other words, it is an active metal, like zinc. If the solution 
tension of the metal is small, it is an inactive metal, like copper. 
The electromotive force of any cell he considered as due to the 

difference between the solution tensions 
of the two metals making up the cell. 
The solution tension of a metal depends 
upon the concentration of the ions of the 
metal already in solution, as we have 
said above. Thus if we put a zinc elec¬ 
trode into a solution, the mental tends to 
lose electrons and to ionize thus: 

Zn —^ 4 - 2 € 

This process cannot proceed indefinitely 
Fig. 80. Electrode Equilib- .. i o i . i i i i 

rium (after Nernst). Since it builds up on the electrode a nega¬ 
tive charge which prevents the loss of more 
zinc ions. Eventually, after a very small amount of zinc has 
ionized, an equilibrium is attained (illustrated in Figure 80) thus: 

Zn; :Zn^-+-}-2 6 

In accordance with the principles of chemical equilibrium, increasing 
the concentration of zinc ion in solution would tend to shift this 
equilibrium to the left. In effect this would diminish the tendency 
of the zinc to pass into solution as ions — in other words, it would 
diminish the solution tension of the zinc. On the basis of this 
picture of the electrode mechanism, Nernst derived the equation 
0 059 

E — ± * log c, showing how the potential of a single elec¬ 

trode would change with changing concentration of the ions in 
solution. 

The ^solution tension of a metal, in a solution 1 m in its ions, 
might be either positive or negative, i.e., the metal might, under 
those conditions, tend to ionize spontaneously or the ions of the 
solution might tend to plate out spontaneously. Unfortunately 
all attempts to determine experimentally the solution tension of 
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a metal have led to inconclusive and often contradictory results. 
It is now generally agreed that there is no method of measuring the 
potential of any single electrode, which would be necessary in 
order to fix numerically the value of the solution tensions. 

An even more serious objection to the Nernst theory is that 
according to it the electrode-solution junctions are the only 
source of the E.M.F. Studies by many physicists in the last 
few decades have established certain facts which indicate that 
a part at least of the E.M.F. may arise at the metal-metal junction. 
It has been shown that, while the valence electrons in a metal are 
fairly free to move within the metal and thus to conduct the electric 
current, they cannot he removed from the metal, either thermally 
or photoelectrically, without the application of a certain amount 
of energy, which can be expressed in volts per electron. The 
energy required is different for different metals and is least for those 
metals with most negative standard electrode potentials, as we 
show more fully in the comparison of ionization potentials and 
standard reduction potentials on page 572. According to the ideas 
of certain theoretical physicists,^ among whom may be mentioned 
Gurney and Fowler, when two metals like copper and zinc are 
brought together, the electrons will tend to pass through the junc¬ 
tion from the more active to the less active metal — in the case 
of the Daniell cell, from the zinc to the copper. Since the zinc is 
now charged positively with respect to the copper, zinc ions with 
their positive charges will have a greater tendency to leave the 
zinc electrode, while, conversely, positively charged copper ions 
will be attracted to and tend to plate out on the more negative 
copper pole. 

Since it is impossible to measure single-electrode potentials, it 
is impossible to verify this new theory, or any other theory, 
quantitatively. It is as difficult to distinguish between these two 
theories of the origin of the E.M.F. as to answer the famous 
question, Which came first, the chicken or the egg?^^ 

Standard Cells. For many purposes of checking and measure¬ 
ment it is desirable to have a standard cell that will give, un¬ 
der easily controlled conditions, a known electromotive force, 
reproducible to a high degree of accuracy. Two such standard 
cells are in common use, the Weston or cadmium cell and the 

^ For a general discussion of these views, with references to the original literature, 
see M. Dole, ExperitnetUcil and Theoretical Elcctrochemifitry, McGraw-Hill Book Ck),, 
New York, 1935, Chapter XXIX, “Quantum Mechanics and Electrochemistry.“ 
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Clark or zinc cell.^ The construction of the former is shown 
diagrammatically in Figure 81. The Clark ceU is constructed in 
much the same way. The container is an H-shaped glass vessel 

designed by Lord Rayleigh. A platinum 
wire is sealed through each tube near the 
bottom to make contact with the elec¬ 
trodes. The positive electrode of the cell 
is a pool of pure mercury, on top of 
which is a paste of specially purified 
mercurous sulfate, ground up with a satu¬ 
rated solution of cadmium sulfate. This 
solution forms the electrolyte of the cell. 
Selected clear crystals of hydrated cad¬ 
mium sulfate, 3 CdS 04.8 H 2 O, distributed 
through <the tubes, insure a saturated 
solution at all times. The negative elec¬ 
trode consists of a 12.5 per cent cadmium 
amalgam. The tubes are plugged at the top by means of corks 
sealed with wax. 

The cell may be written : 

(-) Hg, Cd CdS04 , ng2S04 Hg (+) 

(12,5% Cd Amalgam) (eat. sol. of 3 CdSOi.S H 2 O) (sat. sol in 3 CdS 04.8 H 2 O) 

The cell reaction is: 

Cd + - * Cd++ + 2 Hg 

The electromotive force of this primary standard cell is 1.018300 
international volts at 20° C.; it diminishes slightly, 0.0000406 v. 
per degree, with rising temperature. The international volt is 
defined in terms of the saturated Weston cell. 

A type of Weston cell saturated with cadmium sulfate at 4° C. 
(and hence unsaturated at room temperature) has an even smaller 
temperature coefficient. The E.M.F. of such a cell is about 1.0187 
international volts, but for exact work each cell must be calibrated 
against a standard (saturated) cell. 

The Clark cell, invented by Latimer Clark, in 1874, was used 
as a standard cell before the Weston cell was perfected. It is very 

1 For a good discussion of the historical development of these two cells, the 
different forms in which they can be constructed and the merits of each, see F. A. 
Laws, Electrical Measurements^ New York, McGraw-Hill Book Company, 1917, 
pp. 294 et seq. 
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similar to the Weston cell except that it utilizes zinc instead of 
cadmium. It may be written: 

(~) Hg,Zn I ZnS04 , HgS04 | Hg (+) 

(10% Zn Amalgam) (sat. sol. of ZnSO^.T H 2 O) (sat. sol. in ZnSO*.? H 2 O) 

It gives a potential of 1.4328 v. at 15° C. The value diminishes 
slightly with rise in temperature, 0.00119 v. per degree. The 
temperature coefficient of the Clark cell is thirty times that of 
the saturated Weston cell. 

Both of these cells are easily reproducible. Once made up from 
carefully purified materials, they may be kept for years ^ without 
changing their E.M.F. They are designed to furnish a standard 
voltage, not to supply a current. No chemical reaction occurs 
in either cell unless an external electrical connection is made 
between its terminals. A standard cell is only connected in a 
circuit for a veiy short time, and the circuit is always arranged 
so that no appreciable current flows. If a standard cell is con¬ 
nected through a low resistance so that an appreciable current 
flows through it, concentration changes occur in the immediate 
neighborhood of the electrodes, which change the E.M.F. The 
cell must stand for some time to reattain equilibrium and to recover 
its standard voltage. Eventually equilibrium is restored when 
some of the excess crystals of salt around the electrodes dissolve 
and once more saturate the solution. 

Summary 

Chemical oxidation-reduction reactions furnish the driving 
force for galvanic cells. The electrodes may consist of metals, 
such as Zn and Cu, or even of gases such as H 2 and CI 2 , absorbed 
in a suitable conducting material, like platinized platinum or gas 
carbon. The electrode, in contact with the ions resulting from 
the oxidation or reduction of the electrode material, forms a half¬ 
cell. The E.M.F. of a galvanic cell is the resultant of the poten¬ 
tials of the two half-cells of which it is composed. The standard 
reduction potential of a substance is the potential, relative to the 
standard hydrogen electrode, of a half-cell consisting of the substance 
in contact with a solution containing its ions at 1 m concentration. 
The standard reduction potential of a substance is found by 

1 The Clark cell, however, tends to crack around the glass seal at the negative 
electrode. 
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measuring, with a potentiometer, the E.M.F. of a cell consisting 
of the desired material connected with a standard half-cell — 
hydrogen or calomel. 

Cells are written schematically, starting at the negative elec¬ 
trode, using a | to represent a phase boundary, e.gf., between a solid 
electrode and a solution, and a || to represent a liquid-liquid 
junction. The E.M.F. of a cell is calculated thus: 

E cell ~ E anode E cathode 

This calculation may be illustrated graphically. 

The free energy decrease in an ionic reaction is given by the 
equation: 

— aF = nFE 

The electrode potential changes with the concentration of the ions 
according to the Nernst equation: 

E = Wt log c (at 25°) 

n 

We may treat oxidation-reduction mixtures in solution, 
Fe**"'"’^, Fe'^"’", by means of the equation: 

^ + 0^9 j lox^l 25 .) 

n [reduced] 

The E.M.F. of concentration cells depends only upon the relative 
ionic concentrations and not upon the electrodes. Such cells may 
be used (1) to find [H+] or pH, (2) to find the valence of an ion, 
(3) to evaluate (4) to find the solubility of an ‘‘insoluble salt, 
and (5) to calculate the completeness of displacement reactions. 

The E.M.F. of a cell changes slightly with temperature, accord¬ 
ing to the theorem of Le Chatelier. The heat absorbed during 
a chemical reaction may be calculated from the E.M.F. and its 
temperature coefficient (Gibbs-HelmhoUz equation). 

The source of the E.M.F. in a galvanic cell may be the liquid- 
liquid, the metal-liquid, or the metal-metal junctions. The first 
is usually small. Nernst’s idea that the solution pressure at 
the metal-liquid junction is the only source of potential is giving 
way to the idea that the metal-metal junction may be the seat of 
a considerable amount of the E.M.F. 

Standard cells {Weston^ Clark) are carefully prepared to serve as 
standards of E.M.F., but not as sources of current. 
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PROBLEMS AND EXERCISES 


1. Define and explain the following: 


(а) calomel electrode 

(б) concentration cell 

(c) Clark cell 

(d) Daniell cell 

(e) gas cell 

(/) hydrogen electrode 


(g) Nemst equation 

(h) pH in terms of E.M.F. 

(i) potentiometer 
O') solution tension 

(k) standard electrode potential 

(l) Weston cell 


2. Write the galvanic cells for the following electrode combinations, 
indicating clearly the (~) and (+) poles, and calculate the E.M.F. of 
each if all the ions are 1 m : 

(а) Fe I Fe+^: Zn (d) Sn: Pb 

(б) chlorine: bromine (e) Co+ + +, Co++: chlorine 

(c) saturated calomel: Ni (/) Mn04", MnOa""".* bromine 

3. Write the ionic equilibrium equation for each cell reaction in No. 2 
and indicate in which direction it will proceed. Calculate the free energy 
change in each of the above reactions. 

4. Calculate the E.M.F. of the following cells (rearranging whenever 
necessary to put the (~) electrode on the left): 

(а) Ni I Ni++(0.1w) || Sn++fO.OOOl m) | Sn 

(б) Sn I Sn++(0.01m) || Pb^+(0.001 m) 1 Pb 

(c) Pt, iCl 2 I Cl-(lm) II Br-(10"«m) | i Brj, Pt 
Write the chemical equilibrium equation for each cell reaction and 
indicate in which direction it would proceed. 

5. Calculate the ionic concentration ratios at equilibrium for each of 
the cells in No. 4. Will the more active element “ completely'' displace 
the less active in every case ? 

6. The following cells are set up, and the E.M.F. measured. Cal¬ 
culate the pH in each case. 

(а) Pt, i H 2 I H+ (x) II H+ (0.1 m) | i H 2 , Pt 

(б) Pt, ^H 2 I H-^(x) II Hg 2 Cl 2 (in sat. KCl) 1 Hg 

7. Calculate the E.M.F. of the cell: 

Ag I AgSCN (sat. sol.) || Fe^ + -^, Fe++ 1 


E = 0,125 V. 
E = 0.350 V. 

Pt 


(a) 

[Fe++] 

8. Calculate the 


ih) if 


[Fe^ 


= 0.01 


—J ratio at equilibrium in the cell in No. 7. 
[Ee-^+l ^ .... 

Write the chemical equilibrium equation for the reaction and indicate in 

what direction it proceeds and how completely. 

RECOMMENDED FOR FURTHER READING 

M. Dole, Experimental and Theoretical Electrochemistry, New York, 
McGraw-Hill Book Co., 1935, pp. 211-226 ; 242-268 ; 307-321. 




CHAPTER 15 

APPLICATIONS OF ELECTRODE POTENTIALS 


In this chapter we shall discuss some of the theoretical and 
practical applications of the theories of electrode reactions and 
electrode potentials which we have developed in Chapter 14. 

Decomposition Potentials. We have seen that the passage of 
an electric current through an electrolytic cell causes chemical 
reactions at the anode and cathode of the cell. However, we must 

not think that the application of any 
E.M.F., however small, will necessarily 
cause a continuous flow of current. In 
some cases it will cause a flow of current 
(and hence electrolysis); in general it 
will not. Usually a certain definite vol¬ 
tage, the decomposition, potential, must te 
applied in order to effect changes at the 
electrodes. It is not difficult to realize 
that this must be so. Wlien, for ex¬ 
ample, cupric chloride solution is clec- 

^positioif Potential ^^olyzcd between platinum electrodes, as in 
Figure 82, the electrons flow as indicated 

by the full arrows (->-); copper is deposited at the cathode C, 

and chlorine at the anode, A. When, after a brief electrolysis, the 
electrolyzing circuit is broken by opening the switch S, the volt¬ 
meter V registers the electromotive force (about 1.01 volts) of the 
following cell: 

cL Cu+ Cl- 1 i CU, Pt 1.01 V. 

The electrons tend to flow from the copper to the chlorine electrode 
through the external circuit as indicated by the dashed arrows 

(.*). This is exactly opposite to the direction of electron flow 

during electrolysis. It is obvious that in electrolysis the applied 
electromotive force acts in opposition to that of the cell itself and 
also that the applied electromotive force must exceed that of the 
cell before any appreciable current will flow and any noticeable 
electrolysis can take place. 
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Hence, we may define decomposition potential, or decomposition 
voltage, as the voltage tfmt must be applied in order to bring about 
appreciable electrolysis. It is at least equal to the voltage that 
would result when the products of electrolysis form the electrodes 
of a cell in contact with the electrolyte. 

This does not weaken the argument of Clausius (see page 193) 
that electrolytes must be ionized before the passage of a current 
because the application of the slightest electromotive force is 
sufficient to cause electrolysis. The premise is correct whenever 
the metal composing the anode is ionizable and when it composes 
also the ion discharged at the cathode. In such a case, as, for 
example, the electrolysis of cupric sulfate solution between copper 
electrodes, Ohm^s law is obeyed to the smallest measurable 
electromotive force. 

The decomposition potential may be calculated, at least approxi¬ 
mately, from the standard electrode potentials of the elements 
to be deposited. For example, the decomposition potential of 
zinc chloride in a 1 m solution is just greater than the electromotive 
force of the cell: 

Zn Zn++ Cl- Cb E = 1.358 - 0.762)= 2.120 v. 

and the decomposition potential of nickel iodide would be just 
greater than : 

E = 0.535 -(- 0.231)= 0.706 v. 




The decomposition potential of a given electrolyte may be 
determined experimentally by means of the apparatus shown 
diagrammatically in Figure 83. 

The source of current,. 5, may be a 
six-volt storage battery. It is connected 
in series with a rheostat, i?, through which 
it maintains a steady current. The meas¬ 
uring circuit consists of an ammeter, A, 
in series with either one of two electrolysis 
cells (1, 2). A voltmeter, F, measures the 
potential across the electrolysis cell. The 
measuring circuit is connected between 

the + end of the rheostat and its moving contact. (Since this is 
exactly like the measuring circuit of a potentiometer, it is called a. 
potentiometric resistance connection.) When the moving contact 
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is pushed all the way over to the lefty there is no potential differ¬ 
ence across the measuring circuit. As the contact is moved to the 
righty an increasing potential difference is put across the ends of 
this circuit. 

Let us pour identical solutions of cupric bromide into the two 
electrolytic cells, but put in the first cell a copper anode and a 
platinum cathode and in the second two platinum electrodes. 
Consider now what happens in each cell when we connect it in 
the measuring circuit and, starting with the slider at the extreme 
left, apply an increasing voltage to the circuit. When the anode 
is copper, as in cell No. 1, the current through the cell steadily 
increases as the voltage increases. When the anode is platinum, 
as in cell No. 2, hardly any current flows through the cell until 
a certain definite voltage, the decomposition potentialy is reached. 
Then the current suddenly increases and thereafter continues to 
increase as the voltage is raised. These effects are represented 
by the curves in Figure 84. The break at D shows the decomposi¬ 
tion potential. The reason for the difference in the behavior of 

the two cells is the difference in the 
chemical reaction. In the first cell cop¬ 
per goes into solution at the anode and 
plates out at the cathode; in the second 
cell bromine is liberated at the anode 
and copper plated out at the cathode. 
In the first case the electrolysis involves 
no over-all chemical reaction; in the 

voltage -►Decomposition i i i /. 

potential; pt anode second it mvolvcs the decomposition of 

Fig. 84. cupric bromide. By taking advantage 

of the different depositing potentials of 
various ions, it is possible to separate metals quantitatively by 
electrolysis. For example, if a solution contains silver, copper, and 
zinc nitrates, the silver may be deposited by a voltage just below 
that required to deposit copper; the copper next; and finally the zinc. 

One further complication is encountered when we are dealing 
with the deposition of gases. If we study the decomposition of an 
acid, using a variety of different cathodesy we find that the de¬ 
composition voltage depends upon the cathode material. In other 
words, it requires a higher electromotive force to deposit hydrogen 
on some electrodes than on others. The difference between the 
decomposition potential on the particular electrode and on a re- 
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versible (platinized platinum) electrode is known as the minimum 
overvoltage. Characteristic values for the hydrogen overvoltage 
on certain electrode materials are given in Table 80. 

TABLE 80 


Minimum Overvoltages of Hydrogen on Roughened Cathodes ^ 


Material 

Overvoltage 

(Volts) 

Material 

Overvoltage 

(Volts) 

Pt . . . 

. . . 0.000 

Sb. 

. . . 0.233 

Au . . . 

. . . 0.017 

Al. 

. . . 0.296 

Ag . . . 

. . . 0.097 

C (graphite) 

. . . 0.335 

Cu . . . 

. . . 0.135 

Pb. 

. . . a402 

Ni . . . 

. , . 0.1.38 

Zn. 

. . . 0.482 

Fe . . . 

. . . 0.175 

Hg .... 

. . . 0.570 


^ These values represent the minimum required to evolve gas visibly. 


The large overvoltage of hydrogen on zinc or mercury accounts 
for the fact that pure zinc or zinc amalgam will not evolve hydro¬ 
gen from dilute acids. However, if the zinc is connected to a 
platinized platinum electrode, hydrogen is immediately evolved 
from the platinum, and zinc dissolves. 

Overvoltage also plays an important part, in the use of the mer¬ 
cury cathode for the electrodeposition of active metals from 
aqueous solution. The overvoltage of hydrogen on mercury cuts 
down the tendency of the hydrogen to deposit and allows as active 
a metal as zinc to plate out instead. Zinc may be determined 
quantitatively by means of the mercury cathode. 

Corrosion of Metals. The corrosion of metals, particularly 
iron, is one of the most serious wastes of the present day. It 
causes a prodigious economic loss each year when thousands of 
tons of iron go into the waste heap as iron rust. This represents 
millions of dollars totally lost, for very little of the iron rust thus 
formed could ever be concentrated sufficiently to serve as blast 
furnace material from which the iron could be reclaimed. We 
can easily understand, then, why the “corrosion problem has 
been receiving so much attention from metallurgists and chemists 
and why such large sums have been spent upon corrosion research, 
"lliese sums spent on research are small in comparison with the 
losses caused by rusting. In this text we can touch on only a few 
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of the salient and fundamental features of the problem and of 
the corrosion process itself. 

Mechanism of Corrosion. The process of corrosion is by no 
means a simple one. Many years ago it was proved that three 
factors play an outstanding role in iron corrosion: impurities^ 
moisture in the atmosphere, and oxygen, A pillar of wrought iron, 
probably very uniform in composition and physical state, has 
stood exposed to the dry atmosphere of Central India for centuries 
and gives no indication of corrosion. Hatfield reports, however, 
that a sample obtained by drilling rusted rapidly in the moist air 
of an English laboratory. Experiment has proved that polished 
iron exposed to dry air, or even oxygen, remains bright and un¬ 
touched by corrosion, also that polished iron shows no visible 
corrosion when immersed for a long time in oxygen-free water. 
Both oxygen and moisture seem to be essential for the rusting 
process. 

Various theories have been put forward to account for corrosion 
phenomena. Of these the electrolytic theory of corrosion, apply¬ 
ing not only to iron but to metals in general, seems to give the most 
satisfactory explanation of the change. This theory has been 
well substantiated by experiments, some of which we shall describe 
below. 

Corrosion of iron usually begins at certain spots and proceeds 
most rapidly around these centers. The effect, sometimes desig¬ 
nated as “local action,is due to autocatalysis, the catalysis of 
the rusting process by the rust itself. 

Consider a large bar of iron exposed to a moist atmosphere. 
Water will condense upon it, either by cooling or by adsorption, 

forming drops or at least a film. Un¬ 
less the iron is perfectly uniform in 
composition and perfectly free from 
unequal internal strains, a condition 
difficult to realize in practice, the 
activity of the iron will be greater^ and 
Fig. 86. mu^trating Ae Process hence its electron affinity will be less, at 

the points of strain, one of which is 
represented by A in Figure 85, than at some other point, C, not 
far from it. This means that the tendency of the iron atoms at A 
to lose electrons: 

Fe—>-Fe'*-+ + 2e 
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and pass into solution as ferrous ion will be greater than the 
similar tendency of the iron atoms at C. As we know, the tendency 
cannot satisfy itself, z.e., the change cannot take place to any ap¬ 
preciable extent, unless at the second point, (7, electrons can be 
removed from the iron bar. To accomplish this the electrolyte, 
i.a., the water, provides the necessary mechanism. In the water 
we have the equilibrium: 

H 2 O + OH- 

Hence the electrons may be taken from the bar by the discharge 
of hydrogen ions: 

2 + 2 e —2(H) —>• H 2 

The hydrogen so liberated does not, ordinarily, accumulate and 
appear as bubbles on the surface of the iron. Instead, it is oxidized 
to water, possibly while still in the active state of atomic hydro¬ 
gen, by the oxygen dissolved in the water. The dissolved oxygen 
acts then as a depolarizer and, in this way, tends to speed up the 
corrosion. i 

The removal of hydrogen ions from the solution leaves excess 
hydroxyl ions at C. These diffuse through the solution. The fer¬ 
rous ions, also, diffuse from A. When the two meet the following 
reaction takes place: 

Fe-^ + + 2 OH-Fe(0^2 + 

and this causes a precipitate when the solubility product for ferrous 
hydroxide is reached. Upon the precipitated (and at least partly 
colloidal) ferrous hydroxide, oxygen dissolved from the atmosphere 
is strongly adsorbed and reacts, giving ultimately the hydrated 
ferric oxide well known to us as iron rust: ^ 

4 Fe++ + O 2 + 2 H 2 O — 4 Fe+ + + + 4 OH- 
2 Fe+ + + + 6 OH- + (x - 3) H 2 O —^ 

The hydrated ferric oxide, or rust, so formed is spongy and highly 
porous. Its autocatalytic effect on the corrosion process may be 
due in part to this property, which would bring about strong ad¬ 
sorption of oxygen from the air. 

» This change is favored by the extreme insolubility of the ferric oxide, which 
keeps the [Fe*^ low. 
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The initial change in the rusting process is, then, due to the 
setting up of a galvanic cell, which we may represent: 

Fe I Fe-^+, | HaonFe 

The internal resistance of this cell is ordinarily that of water 
itself and therefore high. The presence of an electrolyte would 
lower this internal resistance and so should increase the rate at 
which the iron would enter the solution as ferrous ion. This is in 
accord with experience. The presence of any electrolyte, except 
one that is basic, does increase the corrosion rate. Corrosion is 
greatly promoted by the presence of even the weak carbonic acid; 
in such a case, not only is the cell resistance lowered, but many more 
hydrogen ions are available for discharge. A base, as would be 
expected, represses the ionization of the water so that fewer 
hydrogen ions are available. The diminished internal resistance 
of the electrolytic film due to the presence of ferrous and hydroxyl 
ions may be a contributory factor in the autocatalysis involved 
in the rusting process. 

The fundamental truth of this electrolytic theory may be dem¬ 
onstrated very definitely by means of the ferroxyl reagent of Cush¬ 
man.^ A 1.5 per cent neutral agar solution is p)repared by heating 
agar with the requisite amount of water, filtering through a cloth, 
and neutralizing with dilute base or dilute acid. Phenolphthalein 
is added as indicator for excess hydroxyl ions, and potassium fer- 
ricyanide solution as indicator for ferrous ions. Some of the hot 
solution is poured into a petri dish or some other flat container and 
allowed to cool and gel. Upon the hardened gel is placed an iron 
nail or bar. Enough hot agar is poured over it to cover the nail 
completely, and this is allowed to cool and gel undisturbed. 
Within a few minutes, and more extensively for several days fol¬ 
lowing, the visible changes offer convincing evidence that iron is 
entering the solution as ferrous ions, at /I, and that hydrogen ions 
are discharging at C, leaving an excess of hydroxyl ions. At A, 
the blue color due to ferrous ferricyanide appears and gradually 
spreads * 

3 Fe'*-+ + 2 Fe(CN)6——>- Fe.,[Fc(CN )«l,4- 

blue 

and at C the red color characteristic of phenolphthalein in basic 
solution extends into the gel. 

^ Bulletin No. 36, Office of Public Roads, Department of Agriculture (1909), 
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If an iron nail is used in this experiment, the blue ferrous ferri- 
cyanide appears, at the head and at the point. (See Plate VII, 
facing page 402.) Evidently the strains introduced by the forming 
process decrease, at these points, the electron affinity of the iron. 
If an iron washer is used, the blue appears, 

z.e., the corrosion takes place inside the . — — 

washer, again the place of greatest strain. Fig. 86. Corrosion inihe 
If an iron screw is used, the blue appears at Reagent, 

the head and along the screw thread. If an iron bar or wire is 
hammered on an anvil and used in the feroxyl gel, the corrosion 
takes place at the point of hammering. 

The same electrolytic theory accounts satisfactorily for the 
corrosion of other metals, notably zinc, cadmium, and magnesium. 
A zinc wire immersed in the ferroxyl gel will show nodes of red 
phenolphthalein and white zinc ferricyanide: 


Zn- 


3Zn-"+ + 2Fe(CN)fl- 


-Zn++ + 2e 
- Zn3[Fe(CN)6]2 4 - 

white 


Prevention of Corrosion. Apart from the use of alloy steels, 
in which iron is alloyed with various other metals or with non- 
metals, and with which we are not here concerned, the methods 
of protecting iron and steel against corrosion fall into three main 
classes: (1) plating with a metal morethan iron ; (2) apply¬ 
ing a covering layer of a metal or of some other material less active 
than iron; (3) surface oxidizing. These we may discuss briefly 
in turn. 

(1) The protection of iron by coating it with an active metal 
like zinc is electrolytic in nature. The electron affinity of zinc is less 
than that of iron; the standard electrode potentials being —0.762 v. 
and — 0.441 v. respectively. Consequently, the zinc corrodes; 
the iron does not. A continuous coating of zinc is not necessary 
for protection. If the galvanizing is chipped off or scratched 
through, as often happens, the protective action of the zinc con¬ 
tinues. This may be shown nicely using the ferroxyl reagent. 
If an iron nail is completely galvanized and immersed in the gel, 
the white zinc ferricyanide appears, but no blue ferrous ferricya¬ 
nide ; the iron is not rusting. If the nail is dipped, head and point, 
in molten zinc and so galvanized, and then immersed in the gel, 
the zinc ferricyanide again app)ears, the exposed iron being sur- 
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rounded by the red phenolphthalein gel. It will be noticed that 
galvanized iron shows mainly white corrosion, not brownish-red. 

(2) Tinning or plating iron with a metal less active than iron 
offers a protection that is entirely mechanical. The protection is 
due merely to the covering of the iron with a complete coating of 
less-active metal and is no sense electrolytic. Tin, so widely 
used, forms a fine, well-distributed coating over the iron. The 
protection continues only so long as the layer remains continuous. 
When it is broken or scratched through, the iron proceeds to go 
into solution as ferrous ion, hydrogen depositing upon the tin. 
Rusting proceeds, then, at least as rapidly as it would if the iron 
were not coated. This may also be shown using the ferroxyl 
reagent. When the head and point of a nail are tinned by im¬ 
mersing in molten tin and it is placed in the ferroxyl gel, the blue 
color of ferrous ferricyanide develops rapidly at the middle of the 
nail at a point not covered by the tin. Plating with copper, nickel, 
chromium, silver, gold, or platinum is likewise effective only by 
virtue of its actual covering power. 

Painting is by far the most used method for corrosion pre¬ 
vention and is one of the most effective. As in the case of tin¬ 
plating the mode of protection is mechanical. The application 
of a first coat of red lead, Pb 304 , in linseed oil, is customary. The 
oxidizing red lead promotes the ‘‘drying” of the linseed oil with 
the formation of a continuous and somewhat elastic film over the 
iron which effectively keeps out air and moisture. Probably for 
the reason indicated in (3), below, the presence of this oxidizing 
agent does not promote the corrosion of iron as might be expected 
but instead renders it inactive. 

(3) Surface oxidizing consists of coating the iron or steel object 
with a surface layer of iron oxide. It is used for the most part 
for decorative iron work and may afford protection for years. 

Under this heading may be considered also passivity of iron. 
If a clean piece of sheet iron is dipped in a dilute nitric acid solu¬ 
tion, there is an immediate reaction, oxides of nitrogen being 
evolved and ferric salt formed. If it is dipped in cupric nitrate 
solution, copper rapidly plates out over the surface: 

Fe + —>-Fe++ + Cii 4^ 

However, if the iron be immersed in a strong oxidizing agent like 
fuming nitric acid, an acid solution of potassium dichromate, or a 
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solution of potassium permanganate contaiiiing sulfuric acid, and 
then rinsed with water, it may be dipped in either dilute nitric 
acid or cupric nitrate solution without reaction. Immersion in 
the strongly oxidizing medium has rendered the iron passive, i.e., 
inactive. This passivity is due, as has been satisfactorily demon¬ 
strated,^ to a very thin coating of an oxide of iron, probably Fe 208 , 
that prevents contact of the iron itself with the reagent, dilute 
nitric acid or cupric sulfate. If in the experiment just described 
the coating of oxide be broken by a slight tap or pinch, reaction 
with either solution begins at once at the point disturbed and in 
a few seconds extends over the entire surface. The passivity has 
been lost. 

Relation between Chemical and Electrolytic Properties. There 
is an intimate relation between the electrolytic properties of solu¬ 
tions and of elements in contact with solutions, on the one hand, 
and chemical reactivity, on the other. 

We have already seen (page 322) the relation between the con¬ 
ductance of solutions and reactivity. The acidity of solutions of 
acids or the alkalinity of bases is in direct proportion to the con¬ 
ductances of the same solutions, and in the case of salts those which 
show low reactivity show also low conductance. In this section 
we shall consider the relation between reactivity and electromotive 
force. 

The Reactivity Series. We frequently speak of the active, or 
base, metals and the inactive, or noble, metals. However, it is highly 
desirable to be able to indicate the activity of a metal in a more 
definite manner. The activity of a metal is indicated by its position 
in the series of standard electrode potentials, which is often called the 
electromotive series or reactivity series. This series gives not only 
the relative electron affinities of the elements, both metallic and 
nonmetallic, so far as it has been possible to determine them, but 
also the relative reactivities of the same elements and, in some 
degree, of their corresponding compounds. Some of the regularities 
to which attention may be called are the following: 

(I) The order of standard electrode potentials is the order of 
displacement. Each metal displaces from solutions of their ions 
those metals which are lower in the reactivity series, i.e., which 
have more positive standard electrode potentials, thus: 

* By suitable methods the iron can be dissolved away, leaving a thin, transparent 
film of oxide which is nearly colorless. See Evans, Journal of the Chemical Society, 
1020 (1927). 

MQC— 27 
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Mg -f Cu-^^—►-Mg’^^ + Cul 
Pb++—>-Zn->-++Pbj 
CU+ 2Ag ^—»- Cu"^^ + 2 Ag| 

3^ + Au+'^+—►'S Ag+ + All I 

Another way of looking at these and all other displacement 
reactions is to consider that the ion of the metal with the greater 
electron affinity, which in the last illustration is the auric ion, takes 
the electron from the metal with the smaller electron affinity, 
which in this case is the silver. 

Those metals above hydrogen in the series displace it from acid 
solutions, and those below it do not. Under suitable conditions 
those metals below hydrogen may be displaced by it. Thus we 
have: 

^ -h 2 Zn'*’ + H 2 -f 

Sii -j- 2 Sn"*" -j- H2 ^ 

When various metals are treated with a solution of hydrochloric 
acid of the same concentration, those which are highest in the 
electromotive series are observed to displace hydrogen most 
vigorously. There is no diflftculty in arranging, for example, 
magnesium, zinc, cadmium, and tin in the correct order in the 
reactivity series on the basis of this reaction. 

The metals with greatest negative electrode potentials, i.c., the 
very active metals, displace hydrogen even from water, in which 
the hydrogen ion concentration, relative to that in acid solutions, 
is extremely low. Thus: 

+ 2H+—)-2Na+ + H 2 I 
Ba -f 2H+—-f 

Hydroxyl ion left in excess after such a reaction renders the solu¬ 
tion basic. At higher temperatures the ionization of the water is 
greater, so that other metals less active than sodium and barium 
react in the same manner, e.g.: 

a reaction followed by: 

Mg+ + + 2 OH- —^ M g(OH)2 1 

At still higher temperatures iron reacts with water, or steam: 

3 ^ + 8 H+ — ^ 2 Fe+++ + Fe+^ + 4KA 
2 Fe+ + + + Fe++ + 8 OH" —^ Ye^O ^ + 4 H^O 


and 
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Just 849 an active metal displaces those less active so does an active 
nonmetal displace those with less electron aflSnity. Many such 
displacements may be realized experimentally, e,g,: 

C1, + 2I‘—^I, + 2C1- 
Ii + S——^S+ +2I~ 


The oxidation of an iodide by means of atmospheric oxygen may 
be represented by the equation: 


followed by: 


0, + 4I-—>-2I, + 20H- 
2 0H- + 2H^—>-2HaO 


Iodides are not oxidized by atmospheric oxygen in alkaline solution, 
as we would predict from the standard potentials (page 372), since 
the standard oxygen potential is less than the iodine potential. 
However, the displacement of iodine by oxygen proceeds readily in 
acid solution. This is exactly what we would expect from the for¬ 
mulation above, since excess hydrogen ion obviously aids the re¬ 
action by removing the hydroxyl ion formed in the first step. 

(2) Ease of oxidation of the metals follows the order of standard 
electrode potentials. The metals with the greatest negative elec¬ 
trode potentials, such as potassium, oxidize with extreme readiness; 
as soon as we expose a freshly cut surface of potassium or of any 
other alkali or alkaline earth metal to the air, it dulls over rapidly 
due to oxide formation. Magnesium and aluminum also oxidize 
rapidly, the oxide forming a protective coating on the surface of 
the metal. Zinc, cadmium, and iron are attacked more slowly. 
Tin, lead, and copper are fairly resistant. Silver, mercury, gold, 
and platinum do not o^dize by exposure to oxygen. 

(3) The thermal stability of corresponding compounds of the met¬ 
als follows, in general, the order of the standard electrode potentials. 
Thus the carbonates of the alkali metals are not appreciably 
decomposed even at the highest temperatures ordinarily attain¬ 
able in the laboratory; the carbonates of the alkaline earth metals 
and magnesium require strong heating; those of zinc and cadmium 
break up more easily; silver and copper carbonate readily decom¬ 
pose ; gold and platinum carbonates do not exist. Similarly, the 
nitrates of the alkali metals alone are decomposed to nitrites by 
heating; the nitrates of the less active metals, like zinc, tin, and 
copper, are decomposed to the oxides; and the nitrates of the noble 
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metals, like silver and gold, are decomposed to the^metote. The 
stability of sulfates and other salts shows a similar gradation. 

Standard Electrode Potentials and Heats of Formation. The 
heat liberated when one gram molecule of a substance is formed 
from its elements is the heat of formation of that compound (page 
154). In the case of a polar compound like solid sodium chloride 
we may write the thermal equation thus: 

Na + i CL —NaCl + 98.36 Kal. 

We may consider this reaction as made up of two steps: (1) the 
loss of an electron by the sodium atom: 

Na—>-Na+ + c 

and (2) the gain of the electron by the chlorine atom: 

Cl + «—^Cl- 

the result being what we usually represent by the formula NaCl. 
Presumably, each of these steps is accompanied by a heat change, 
so that we may rewrite the above to represent these two effects: 

Na —Na+ -f e + a Kal. 

Cl + €—Cl-+ 6 Kal. 

Now if we consider the similar changes involved in the formation 
of the chlorides of the various metals, we notice that one step in 
the formation, and hence one of the two heat effects, is common 
to all, viz.: 

G1 + €—)-Cl- + 6Kal. 

and the differences in the heats of formation of the various chlorides 
(provided that one gram equivalent be considered in each case) 
are presumably due to the other term in the thermal equation, 
that involving the loss of an electron by the metaly which we may 
denote by x in the general equation: 

M —4- 6 + x Kal. 

In a series of chlorides the differences in the heats of formation 
will be due to the different reactivities of the metals. We have 
already seen that the reactivities of the metals are measured quanti¬ 
tatively by their reduction potentials, hence the heats of formation 
should vary linearly with the standard electrode potentials. The 
same should be true for any series of salts with a common 
anion. In Table 81 we include the heats of formation of a series 
of chlorides and a series of sulfates and the corresponding values 
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of the standard electrode potentials. The heats of formation 
are not those of the solid salts, but of the salts in a solution approxi¬ 
mately 1 molal so that they are more directly comparable with the 
standard electrode potentials. 

If we take a series of salts with a common cation, the heats of 
formation vary nearly linearly with the reactivities of the non- 
metals. This is also shown by the values given in the second part 
of Table 81. The results are plotted in Figure 87, where the linear 
relationship for the sulfates and chlorides of all the metals and for 
the potassium salts is at once apparent. The values for the sodium 
salts are omitted from the graph because they nearly coincide with 
those of the potassium salts. 


TABLE 81 


A Comparison op Standard Electrode Potentials and Heats op 
Formation per Gram Equivalent in Solution MX.50H20^ 



Standard Elec¬ 
trode Potential 

Heat of Formation (18° C.) in 15°-Kal. 

(Metxil) 


{CfUorides} 

{Sulfates) 

K ! 

- 2.92 

100,1 

166.7 

Na 

- 2.72 

97.3 

164.1 

me 

- 2.40 

94.3 

160.6 

iFe 

~ 0.44 

49.9 3 

116.0 2 

iCd 

- 0.40 

47.8 

114.0 

iNi 

- 0.23 

46.7 

113.52 

H 

0.00 

39.2 

103.6 

^Cu 

-f 0.34 

30.4 

97.2 

{Nonmetal) 


{Potassium Salts) 

{Sodium Salts) 


- 0.51 

55.5 

52.7 

I 

-f 0.54 

73.7 

70.92 

Br 

-f 1.06 

89.0 

86.5 

Cl 

+ 1.36 

100.1 

97.3 


^ Data from L C. 7\ V, pp. 176 et seq. * MX. 2 OOH 2 O. ^ MX. 4 OOH 2 O, 


That the standard electrode potential and the heat of formation 
are so related might be predicted from the Gibbs-Helmholtz 
equation (page 386), which may be written: 

-aH = nFE - 

The variation would be exactly linear if the temperature coefficient 
of the electromotive force were zero. Then the last term in 
the above equation would vanish and: 

— a// = nFE 
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The slight irregularities in the lines in Figure 87 are due to the 
effect of the temperature coefficient term, which is usually small 
but may be quite appreciable. 

200 
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Fig. 87. Heats of Formation and Standard Electrode Potentials. 


The Lead Storage Cell. There are many possible reversible 
oxidation-reduction changes which may be used as single electrodes, 
and numerous combinations of these which will serve as 'primary 
cells to supply current. In these cells, as in others, the chemical 
energy of the reactants is converted into electrical energy. In most 
cases when the chemical change has gone so far that the materials 

are used up, they must be discarded. 


Pb, 

PbSO,^ m 


and fresh ones substituted before the 


^ j I / f cell can be used again. In a few cases, 

however, the cell may be restored to its 
original condition by forcing a current 
through it from an external source and 
reforming the original materials by elec- 
trolysis. Such a cell is known as a 
storage cell or an accumulator. 

Fig. 88 . The Lead Storage Cell. The lead Storage Cell is an oxidation- 

reduction cell of great interest and of 
great practical importance. It consists of two electrodes of lead, 
hardened by the admixture of antimony, one of them coated with 
lead peroxide, Pb02, the other with spongy lead. Both dip into 
the same electrolyte of about 20 per cent sulfuric acid solution 
saturated with lead sulfate. As the name implies, electricity is 
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‘‘stored'' in the cell. When current from an external source is 
forced through the cell, it causes electrolysis, which transforms the 
electrical energy into chemical energy. Then the cell itself may be 
used as a source of current, spontaneously transforming chemical 
energy into electrical energy. During the “storing process, which 
is called charging, lead dioxide deposits on the anode, and spongy 
lead on the cathode; during discharge, when the cell is being 
used as a source of current, the amount of dioxide on the anode 
diminishes, as does also the amount of spongy lead on the cathode. 
The reactions taking place during the charging of the cell may be 
represented thus: 

At the cathode lead deposits: At the anode lead dioxide deposits: 

+ + 2 e —Pb ^ H,0 -h OH- 

Pb++—)-Pb+-^ + + + 2< 
Pb+ + + +-1-4 0H-— PbO a I -h2H20 

The resultant of these two changes is opposed to the natural ten¬ 
dencies at the electrodes concerned, and consequently an external 
force is required to charge the battery. During discharge the re¬ 
verse changes take place spontaneously, the two electrodes giving a 
resultant electromotive force of about 2 volts. When the circuit 
is closed and the cell operates as a source of current, the changes 
that take place are the reverse of those in charging, thus: 

At the cathode: At the anode: 

Pb —>• Pb^ ^ 4- 2 e PbOa + 2 H 2 O —^ Pb+-^ + + + 4 OH- 

4 OH- + 4 4 H 2 O 

Pb+-f + + -f 2e —>-Pb+ + 

Both the spongy lead on the cathode and the lead dioxide on the 
anode are changed, on discharge, into plumbous ion, Pb"^^. 
Because of the insolubility of lead sulfate, this salt deposits on each 
electrode during discharge: 

Pb^ + + SO 4 — —^ PbS04 1 

The sulfate ions come from the sulfuric acid electrolyte, which 
decreases in density during discharge. The condition of the cell 
is determined most conveniently by measuring the density of the 
electrolyte with a hydrometer. 

The Mechanism of Oxidation-Reduction Reactions. The study 
of oxidation-reduction cells furnishes seemingly indisputable 
evidence of the actual mechanism of reactions of the oxidation- 
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reduction type. A convenient apparatus with which to carry out 
this study is represented diagrammatically in Figure 89. C and 
A are electrodes connected with a low resistance through the 
nailhammeter, (?. H and L are beakers containing the two electro¬ 
lytes. D is a ''salt bridge/' consisting of a glass tube (of fairly 
large diameter to cut down resistance) bent as shown, and filled 
with a gel of agar, to which sodium nitrate, potassium chloride, 
or some other salt has been added to make it conducting. Using 



Fig. 89. Apparatus for Demonstrating Reaction at a Distance.” 


this apparatus, we may carry out the following experiments, which 
illustrate the nature of typical oxidation-reduction reactions. 

(1) In L put a solution of bromine containing potassium bromide 
to lower the resistance of the solution; in // a solution of potassium 
iodide. A and C are platinum electrodes. The swing of the am¬ 
meter needle indicates the passage of electrons as indicated by the 
arrow from H through G to L, and the color of iodine develops 
around the electrode C. The bromine is displacing the iodine from 
iodide although the two are not in direct contact. Obviously we 
are justified in considering that the reaction is taking place in two 
definite steps: 

2 I~ — -'>■ I 2 -|~ 2 e 
Br 2 + 2e—)-2Br“ 

Other similar reactions may be carried out by substituting a solu¬ 
tion of potassium sulfide for the iodide solution, or a solution of 
chlorine, or hydrogen peroxide in potassium chloride for the 
bromine. In all cases the final effect will be similar to that 
which occurs on mixing the respective solutions. 
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(2) In L put a solution of silver nitrate with a platinum wire 
as electrode; in H put a solution of zinc sulfate with a zinc elec¬ 
trode. The salt bridge may contain sodium nitrate in an agar 
gel. Upon closing the circuit the meter indicates the passage 
of electrons from H through G to L, and very soon a deposit of 
silver crystals will appear on the platinum electrode, A. The zinc, 
although not in contact with the silver, is displacing it. The 
reaction takes place in the two steps: 

Zn —Zn++ + 2 € 

2Ag+ + 2€—>“2Agf 

(3) In L put a solution of bromine containing potassium bromide, 
which lowers the resistance of the solution, and a platinum elec¬ 
trode; use potassium chloride in the salted agar bridge; in H 
put a zinc electrode in zinc sulfate solution. Upon closing the 
circuit, electrons pass from H through G to L. Here the reaction 
taking place is: 

Zn—Zn+''* + 2 e 
Bra + i'e —2 Br- 

This represents in two steps the direct union of zinc and bromine, 
for which we would write the molecular equation: 

Zn -h Brz —ZnBr 2 

Similar results would be obtained, using other metals in place of 
zinc and other nonmetals in place of bromine. 

(4) In H put stannous chloride solution and a platinum elec¬ 
trode ; in L put ferric chloride solution containing a little potas¬ 
sium ferricyanide and a platinum electrode. The agar bridge may 
contain potassium chloride. The ammeter will indicate the pas¬ 
sage of electrons from H through G to L, and the precipitation of 
blue ferrous ferricyanide around the electrode in L shows that the 
ferric ion is being reduced to ferrous. In this case the two steps 
in the reaction must be: 

+ —>-Sn+ + + + + 2e 
2Fe+ + '^ -f 2 c—>-2Fe-^ + 

The sum of these two reactions would be, of course: 

-f 2Fe+ + + —^Sn+ + + + -h 2Fe^- + 

and this actually takes place although the two solutions are not in 
contact. 
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Instead of using stannous chloride, other reducing agents such 
as hydrogen sulfide, sodium sulfide, and sulfurous acid may be 
used, with like results. With hydrogen sulfide a deposit of sulfur 
will form on the electrode. 

(5) The reaction between potassium permanganate and ferrous 
sulfate may be represented by the molecular equation: 

2 KMn04 + 10 FeS04 + 8 H 2 SO 4 — 

K 2 SO 4 + 2 MnS04 + 8 H 2 O + 5 Fe2(S04)3 

This is a fairly complex reaction. Rewriting this in accordance 
with the ionic theory, we have the vastly simpler representation: 

Mn 04 - -f 5Fe++ + 8 H+—-f 5Fe+ + + + 4 H 2 O 

In this case, too, we may secure experimental evidence indicating 
that this simpler representation also expresses more nearly the 
actual course of the reaction. In addition, we may demonstrate 
the real function of the sulfuric acid that the reaction requires. 
In H put a solution of ferrous sulfate, or of ferrous ammonium 
sulfate, containing a little potassium thiocyanate; in L put neutral 
potassium permanganate solution; in the salt bridge use potassium 
or sodium sulfate in the agar gel; use two platinum electrodes. 
When the circuit is closed, a feeble and diminishing current of 
electrons passes from H through G to L. But no sulfuric acid has 
been added. To which solution should it be added to secure the 
desired result? First try adding it to the ferrous solution; no 
appreciable effect results. Now add it to the permanganate 
solution; at once’ the current increases, and the red color of 
ferrithiocyanate ion appears around the electrode C, showing that 
the ferrous solution is being oxidized to ferric. We may repeat the 
latter part of this experiment, using a neutral ferrous solution ; the 
effect is the same. The acid acts, somehow, in concert with the 
permanganate ion. At the electrode in beaker H the ferrous ions 
lose electrons, thus: 

5Fe++—^-5Fe++-»- + 5e 

At the electrode in the other beaker a reaction takes place in 
which the electrons given up by the ferrous ion are utilized in 
reducing the permanganate ion, hydrogen ions simultaneously 
being used up. The facts may be expressed by the equation: 

Mn 04 ~ + 5 e + 8 Mn+-^ + 4 H 2 O 
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(6) Oxidation by potassium dichromate presents a similar prob¬ 
lem, for which a similar explanation is offered. Put potassium 
iodide in /f, potassium dichromate in L, and potassium chloride 
in the salted agar bridge. Use two platinum electrodes. On 
closing the circuit no current flows, nor is there any increase 
In the current when dilute hydrochloric acid is added to the potas¬ 
sium iodide solution. The addition of acid to the dichromate 
solution results, however, in a sudden increase in current. Almost 
immediately iodine appears around the electrode in the iodide 
solution, and dichromate is reduced to chromic ion. These changes 
are represented by the molecular equation : 

6 Kl-f- 14 HCl + K,Cr,a —^ 8 KCl + 2 CrCh + 7 H^O + 3 I, 

As an ionic equation this would be written : 

61“ + 14 + Cr*07-“ —3 12 4- 2 + 7 H,0 

At the electrode in beaker H the iodide ions lose electrons, be¬ 
coming iodine, thus: 

61“—>-3l24-6e 

At the electrode in the dichromate solution, the change may be 
represented by the equation : 

Cr207-“ + 6c -f 14 + + + 7 H,0 

These and many similar experiments show that in oxidation- 
reduction reactions Ihe reagents need not be in contact. On the con¬ 
trary, they may be some distance away from each other provided 
they are joined by a metallic connection to convey the elec¬ 
trons from one solution to the other, and by an electrolytic con¬ 
nection to allow the excess positive and negative ions formed at 
the electrodes to migrate and thus complete the electrical circuit. 
For this reason such cases have been very suitably termed 
reactions at a distance. There is practically no limit to the 
distance apart of the reagents. Given connection through the 
Atlantic cable and the Atlantic Ocean as a salt bridge with elec¬ 
trode connections at the shores, it is reasonably certain that a 
stannous chloride solution in New York would reduce a ferric 
chloride solution in London! 


Summary 

The decofnpositim potential of a compound is the voltage which 
must be applied to a given solution of the compound in order to 
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cause appreciable electrolysis. It may be measured by a simple 
apparatus or calculated from the back E.M,F. of the resulting 
oxidation-reduction cell plus the overvoltage of liberating a gas 
on a nonreversible electrode. 

Corrosion of metals in moist air or in solution is primarily an 
electrolytic phenomenon. Local action is nicely illustrated by 
Cu&hman's ferroxyl reagent Corrosion is prevented (1) by coating 
with a more active metal, electrolytic 'protection, ( 2 ) by coating 
with a less active metal or paint, or ( 3 ) by surface oxidizing. 
Methods (2) and (3) provide mechanical protection. Passivity 
in iron is due to surface oxidation. 

We can correlate with the standard reduction potential series 
many chemical properties: ( 1 ) reactivity (noble and active metals), 
(2) displacement of one substance by another, (3) ease of oxidation 
of metals, and (4) stability of salts to heat. Heats of formation 
are a linear function of reduction potentials. 

In the operation of the lead storage cell, PbOz at the anode is 
reduced to PbS 04 , and Pb at the cathode is oxidized to PbSO.i, 
the density of the H 2 SO 4 electrolyte decreasing continually. The 
reverse changes take place on charging the cell. 

Suitable experiments with a pair of half-cells connected by an 
agar bridge illustrate “chemical action at a distance.’^ These 
show the electronic nature of such reactions and allow us to 
postulate reasonable mechanisms in many cases, six of which are 
taken up in detail. 

PROBLEMS AND EXERCISES 

1. Calculate the decomposition potentials of the following, present in 
1 m solution: 

(a) aluminum iodide (6) cupric sulfate (c) lead nitrate 

2. Apply the electrolytic theory to explain the corrosion of cadmium. 

RECOMMENDED FOR FURTHER READING 

Rohrman, ‘^Corrosion, the Billion Dollar Thief. J. Chem. Ed., 10, 141, 
215, 297 (1933). 

F. N. Speller, Corrosion, Carnes and Prevention. New York, McGraw-Hill 
Book Co., 1926. 621 pp. 

E. S. Hedges, Inorganic and Theoretical Chemistnj. London, liongmans, 
Green & Co., 1932, pp. 223-245. A brief but interesting discussion. 
Handbook of Chemistry and Physics, 20th edition (1935). On pp. 920- 
921 will be found a good summary of the reactivity series. 
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CHAPTER 16 

MODERN THEORIES OF ELECTROLYTES 

Ceiticism of ARBHENnjs’ Theory of Ionization 

In discussing Arrhenius' theory of electrolytes (Chapter 8) we 
summarized his postulates as follows (page 203); 

(1) Acids, bases, and salts ionize in solution into radicals which 
are the reacting units in chemical reactions. 

(2) Ionization approaches completeness in dilute solutions, 
where the properties of the solution may be considered as the sum 
of the properties of independent ions. 

(3) As the concentration is increased, more molecules are formed 
from the ions so that the degree of ionization decreases. This 
degree of ionization can be measured by two independent methods. 
The first of these is based upon the conductance ratio, and the 
second upon the colligative properties of the solution. 

After our subsequent treatment of the quantitative applications 
of Arrhenius’ theory and our detailed study of the properties of 
electrolytic solutions, we are now in a better position to evaluate 
his theory and to see what modifications we must make in his 
fundamental postulates, in the light of the research of the last 
half-century. We have already seen that the behavior of a large 
group of substances — the weak electrolytes — is expressed quite 
satisfactorily by means of Arrhenius’ theory and its corollaries. 
It is the strong electrolytes, forming the great majority of salts and 
inorganic acids and bases, to which Arrhenius’ theory cannot be 
applied quantitatively. 

According to Arrhenius’ postulates, an electroljdic solution con¬ 
tains an equilibrium between the molecular and the ionic species. 
If such an equilibrium exists, it must obey the law of mass action, 
unless it is different from all the other chemical equilibria we have 
studied. In other words, the ionization constant, Ki, which is the 
equilibrium constant for the ionization equilibrium, should be truly 
constant over a wide range of concentration. We have already 
seen (page 266) that constant values of Ki are obtained in the case 
of weak electrolytes, like acetic acid, but not in the case of strong 
electrolytes, like potassium chloride. Ki changes only 4 per cent 
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between 0.0001 ilf and 0.23 M, in the case of acetic acid, but 6000 
per cent in the case of potassium chloride. These figures show that 
solutions of strong electrolytes cannot contain equilibria between 
ions and molecules of the type Arrhenius postulated. The fact 
that the solubiUty product principle, which Nemst developed as a 
corollary of Arrhenius’ theory, fails to hold quantitatively in all 
cases (page 284) also throws doubt on Arrhenius’ theory. This is 
particularly true of the addition of divalent ions to a uni-divalent 
insoluble salt, and of electrolytes with no common ion, which 
usually increase the solubility of the insoluble salt. The failure of 
strong electrolytes to obey these and other corollaries of Arrhenius’ 
theory has led to a closer scrutiny of Arrhenius’ postulates. 

The Degree of Dissociation (a). Arrhenius assumed that the 
degree of dissociation, a, of any electrolyte could be found from 
the van’t Hoff coefl9icient: 

t - 1 


and from the conductance ratio: 


_ Ac 

Ao 

He found that the available data (which were meager, rather 
inaccurate, and chiefly confined to dilute solutions) seemed to show 
that each of these independent methods gave the same values for a. 
(See Table 52, page 201.) More recent work has shown, however, 
that in general there is no exact agreemerd 
between the conductance ratio and the vanH 
Hoff coefficient. This is well illustrated 
in the case of sodium chloride and po¬ 
tassium chloride solutions, for which we 
have tabulated the van’t Hoff coefficient 
and the conductance ratio at 0® over 
a wide concentration range. We have qq 
shown the difference graphically for ^ 

sodium chloride in Figure 90, where we Vwi»t Hoff Coeffldont 

have plotted the two factors against and Conduc^ce ^tio for Naa 
the square root of the molarity. Both 

are unity at zero concentration (by definition). Up to about 
0.1 Af the van’t Hoff coefficient is slightly less than the conductance 
ratio, although the difference is too small to appear on Figure 90. 
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At higher concentrations the two factors become more and more 
different. The van^t Hoff factor passes through a minimum 
value of about 0.81 at 0.7 M and then increases to 1.15 at 4.5 M. 
The conductance ratio decreases fairly regularly to a value of 
0.43 at 4.5 M. In this concentrated solution, sodium chloride is 
43 per cent dissociated according to one criterion and 115 per cent 
according to the other. Obviously the two calculations yield dif¬ 
ferent results. Which of these, if either, gives us the *^true^^ 
degree of dissociation? 

The vanH Hoff coefficierd usually passes through a minimum value 
in a fairly concentrated solution and then increases at higher 


TABLE 82 

Comparison of van’t Hoff Coefficient (otv) and Conductance Ratio (a^) 
AT 0 ° C. FOR Two Salts 


M 

NaCl 

1 

KCl 

"a 

ay 

"a 


0.00 

1.000 

1.000 

1.000 

1.000 

0.01 

0.945 

0.93H 

0.957 

0.941 

0.05 

0.904 

0.893 

0.906 

0.883 

0.10 

0.863 

0.870 

0.881 

0.855 

0.50 

0.774 

0.812 

0.828 

0.782 

1.00 

0.710 

0.813 

0.806 

0.746 

2.00 

0.019 

0.858 

0.78G 

0.731 

3.00 

0.546 

0.955 

0.770 

0.742 

4.00 

0.471 

1.078 



4.50 

0.434 

1.151 




concentrations. In the case of NaCl and many other electrolytes it 
even becomes greater than unity. According to Arrhenius' inter¬ 
pretation, this would correspond to a dissociation of over 100 per 
cent, which is absurd. We are forced to seek some other interpreta¬ 
tion of the van't Hoff coefficient, since it evidently cannot represent 
the “true" degree of dissociation as postulated by Arrhenius. 

The conductance ratio usually decreases regularly with increasing 
concentration and never exceeds unity. This is in qualitative 
agreement with Arrhenius' postulates, but we can adduce other 
evidence to show that it cannot give us the true degree of dis¬ 
sociation. 

Kohlrausch proved experimentally for strong electrolytes that at 
low concentrations the ions of a salt conduct the current inde- 
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pendently. As we saw on page 332, we can calculate the limiting 
ionic conductances from the value of Ao and the transport numbers. 
Kohlrausch assumed that this ionic conductance was independent 
of concentration. Arrhenius adopted Kohlrausch^s postulate and 
used it to calculate the relative numbers of ions. If the ionic conduct¬ 
ance is independent of concentration, the decrease of equivalent 
conductance with increasing concentration must be due to a 
smaller number of ions. The degree of ionization, ac, at any con¬ 
centration c then follows immediately: 

— Ae — (number o f ions at conc en trat ion c) X (i onic conductance) 
Ao (number of ions at concentration 0) X (ionic conductance) 

Of course, this method of calculating a is no longer valid if the 
ionic conductances change with concentration. How can we test 
the Kohlrausch-Arrhenius postulate and find out whether or not 
the ionic conductances change with concentration? We cannot 
measure the ionic conductances directly at finite concentrations, but 
we can measure the transport numbers of the ions, which are pro¬ 
portional to the ionic conductances. If the ionic conductances are 
independent of concentration, the transport numbers will also be 
independent of concentration; if the transport numbers change 
with concentration, the relative ionic conductances likewise must 
change. 

Jahn, in 1900, first cast serious doubt on the validity of Kohl- 
rauscli’s assumption of constant ionic conductance. G. N. Lewis, 
in 1912, made a careful study of the conductance and transport 
data available in the literature. He found that, in general, the 
transport numbers changed with changing concentration, and he 
concluded that ‘^certainly in many cases and presumably in all 
cases the ion mobilities change with the concentration of the 
electrolyte. . . .’^ More recent work has confirmed this conclusion. 
In Table 83 we have selected some of the very accurate data which 
Longsworth ^ has recently determined in his studies of the transport 
numbers of electrolytes in dilute solutions. Although the changes 
of transport number with concentration are only a few per cent in 
these solutions, they are nevertheless clear and definite. These 
results show conclusively that the ionic conductance cannot be 
independent of concentration and hence that the conductance ratio 
cannot give us the ^Hrue” degree of dissociation. 

I J. Am. Chem. Soc., W, 2741 (1932); ibid. 67, 1185 (1935). 

MGC — 28 
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TABLE 83 


Cation Transport Numbers at Various Concentrations at 26® C. 


Solute 

Normality * 

(0.00) 

0.01 

0.06 

0.10 

0.20 

HCl. 

(0.821) 

0.825 

0.829 

0.831 

0.834 

NaCjHjOi . . . 

( .551) 

.554 

.557 

.559 

.661 

KNOa. 

( .607) 

.508 

.509 

.510 

.512 

KCl. 

( .491) 

.490 

.490 

.490 

.489 

CaCh. 

( .438) 

.426 

.414 

.406 

.395 

NaCl. 

( .396) 

.392 

.388 

.385 

.382 

LiCl. 

( .337) 

.329 

.321 

.317 

.311 


' Values at zero normality were obtained by graphical extrapolation. 


The data of Table 83 are presented in graphical form in Figure 91, 
which clearly shows the change of transport number with concen¬ 
tration in the case of every electrolyte except potassium chloride. 
In general, the transport numbers which are largest in dilute solution 

increase most rapidly as the con¬ 
centration rises, while those 
which are the smallest show a 
correspondingly great decrease 
as the concentration rises. The 
transport number of the potas¬ 
sium ion in potassium chloride 
is so nearly 0.5 that it shows 
little variation with concentra¬ 
tion. 

Another line of evidence shows 
that transport numbers, and 
hence also ionic conductances, 
are not independent of the other 
ions in a solution. A study of 
W the transport numbers and con- 

cA sS?”ata*6» c"”***” ductances of solutions of hydro¬ 

chloric acid in water and in solu¬ 
tions of potassium chloride and of calcium chloride, all of the same 
total normality, have enabled Longsworth • to show that the con¬ 
ductance of the hydrogen ion, in a 0.1 N solution of one of these 
salts, is reduced 5 or 6 per cent below its conductance in pure water. 

1 L. G. Longsworth, J. Am. Chem. Soc., 62, 1897 (1930); ibid. 67, 1698 (1936). 
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Ionic Activity and Activity Coefficients. In developing his 
theory of electrolytes, Arrhenius at first cautiously spoke of ac¬ 
tive molecules^^ and called a the “activity coefficient/^ Later he 
identified it as the actual extent to which the electrolyte was 
dissociated into its ions and spoke of it as the “degree of dissociar 
tion/^ This interpretation of a was possible only if it did not be¬ 
come greater than unity. In the case of strong electrolytes, where 
the value of the van^t Hoff coefficient often exceeds unity, we cannot 
think of a as representing the “degree of dissociation.’’ The 
abnormal effects of such substances upon the colligative properties 
of a solution cannot be due to dissociation alone. Some other 
explanation must be sought. 

There are two points of view from which we can look at a 
scientific question. The first is the kinetic, or pictorial, in which we 
try to picture a model which will have the same properties as the 
system we observe. The second is the thermodynamic, or mathe¬ 
matical, in which we are content with measuring and finding 
mathematical relationships between carefully defined phenomena. 
The latter method is inductive. Until we are able to develop a 
completely satisfactory mechanical model, it is often preferable to 
use the thermodynamic point of view. In this case, whatever the 
cause of the abnormalities of strong electrolytes, there are perfectly 
definite facts which we can measure. Instead of formally tabulating 
the “degree of ionization” of these substances, it is preferable to 
return to Arrhenius’ earlier terms, wliich carry no theoretical 
implications. This method was advocated particularly by Lewis 
and has been followed by many others. They use the term 
activity, a, to represent the apparent or effective concentration of 
a substance as judged by its behavior in solution. The activity 
coefficient gamma, 7 , is defined as the ratio of the activity to the 
molal concentration, m, thus: 

a 

y = 

m 

It is sometimes called the “thermodynamic degree of dissociation” 
but is really independent of any such interpretation. It may be 
determined by measuring any of the colligative properties of the 
solution. These include the osmotic pressure, which, however, 
has little practical importance in this connection ; the lowering of 
the vapor pressure, which is only applicable in fairly concentrated 
solutions; and the lowering of the freezing point or elevation of the 
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boiling point of the solution. These last two methods are obviously 
limited to the particular temperature at which the solution freezes 
or boils. The rigorous definition of 7 in terms of these properties 
and the details of its calculation are beyond the scope of this book. 
They are discussed in books on physical chemistry and thermody¬ 
namics. 

The most generally applicable method of determining 7 is from a 
study of the electromotive force of suitable galvanic cells. We 
have already seen (page 380) that the electromotive force of a con¬ 
centration cell is given by the Nernst equation: 


E - 


0.059 


n 


log 


Cl 

Cz 


where Ci and C 2 were called the molal concentrations of the ions in the 
two solutions. The quantities which should be used here are the 
effective concentrations or activities (a), and this equation may be 
used to define the relative activities thus: 


E 


0.059, ai 


If we express the activity in terms of the molal concentration of the 
salt (m) and the activity coefficient ( 7 ) the last equation becomes: 

E = 9:®'- log I*-!?! 
n yzniz 


In very dilute solutions, the activity becomes more and more 
nearly equal to the concentration, so that 7 approaches unity at 
zero concentration. Consequently, if we study the E.M.F. of 
concentration cells, making the concentration of the ion in one half¬ 
cell more and more dilute, we can detennine the activity coefficient 
of the ion in the more concentrated solution. For instance, if we 
wanted to investigate the activity coefficients in solutions of hy¬ 
drochloric acid, we would set up cells of the type: 

Ft, H 2 (1 atm.) I HCl (mi) || HCl (m,) 1 H 2 (1 atm.), Ft 

in which we would vary the concentration of hydrochloric acid. 
From the observed electromotive forces we could calculate the 
values of 7 h+. Actually, such cells are not suitable for exact meas¬ 
urement, because they involve small potentials at the liquid junc¬ 
tions, which cannot be calculated exactly. Cells without liquid 
junctions are preferable; e.g.: 

Ft, H 2 (1 atm.)|HCl (mi)|AgCllAg-Ag|AgCl|HCl (m 2 )|H 2 (1 atm.), Ft 
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TABLE 84 

Mean Activity Coefficients of Repkesentative Electrolytes at Round 
Concentrations (25° C.) ^ 


m 0.01 0.00 0.10 0.50 1.00 1.50 2.00 3.00 4.00 16 


KCl . . 0,899 0.815 0.764 0.644 0.507 0.576 0.569 0.571 0.581 

NaCl . 0.903 0.821 0.778 0.678 0.6,',6 0.659 0.670 0.714 0.779 

LiCI . . 0.901 0.819 0.779 0.725 0.757 0.819 0.919 1.174 1.554 

HCl . . 0.904 0.829 0,796 0.757 0.810 0.903 1.019 1.320 1.762 43.2 

BaClz . 0.723 0.554 0.495 0.395 0.398 

HrClj. . 0.729 0.571 0.512 0.427 0.449 0.526 0.63S 1.083 

CaCU . 0.732 0.582 0.528 0.510 0.725 1.065 1.555 3.385 

Na2S04 . 0.721 0.514 0.435 0.267 0.206 0.172 0.152 

H2SO4 . 0.617 0.397 0.313 0.178 0.150 - 0.147 0.166 0.203 1.40 

La(N03)3 0.57 0.391 0.,320 


^ Abridged from Harned, “The Electrochemistry of Solutions’' (Chap. XII, 
p .772, of Taylor’s Trmtiae on Physical Chemistry, 2d ed. Courtesy of D. Van Nos¬ 
trand Company, Inc.), except the last entry for HCl and the data for H2SO4, which 
are taken from Lewis and Randall, Thermodyna7nics, pp. 336 and 357, respectively. 

where the two silver-silver-chloride electrodes, reversible to chloride 
ions, take the place of the liquid junction. Under these conditions, 
the E.M.F'. depends upon the chloride ion activities as well as on the 
hydrogen ion activities, and measurements yield the mean aciivity 
coefficient of the ions. Values of the mean activity coelScients of a 
few representative electrolytes are brought together in Table 84. 

By definition, the activity coefficient is unity when the concen¬ 
tration of the solute approaches zero; i.e., in the infinitely dilute 
solution. At first it decreases as the concentration increases, but 
in most cases it passes through a minimum and may then increase 
far above its original value of one. The general characteristics of 
these curves are illustrated in Figures 92 and 93 where y is plotted 



1-1 Electrolytes at 26° C. 2~1 Electrol 3 rtes at 25° C. 
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against the square root of the concentration. This abscissa is often 
used, since it gives a straight line in the very dilute region. Notice 
that the curves for all electrolytes of the same valence t 3 rpe come 
in to the axis on the same line at zero concentration. The slope of 
this limiting line is steeper for salts of higher valence type. The 
curves for y and the van’t Hoff coefficient are somewhat similar in 
shape. The two quantities are not equal but are related mathe¬ 
matically. 

The Interionic Attraction Theory 

What physical significance can we attribute to the activity of an 
electrolyte? What is wrong with the fundamental postulates of 
Arrhenius? Why does neither method which he suggested give us 
the true degree of dissociation of an electrolyte ? Undoubtedly one 
reason for this is the large electrical attraction which is exerted 
between the oppositely charged ions. Arrhenius himself recognized 
this fundamental distinction between dissociation into uncharged 
particles and the dissociation of neutral molecules into charged 
ions. He stated this very clearly in 1887. 

“The dissociation here in question is not quite the same as that, for 
instance, which is shown by the decomposition of an ammonium salt 
at a high temperature. In the first case the products of dissociation 
(the ions) have very large electrical charges of opposite sign . . . from 
which it follows that the ions cannot without a great expenditure of 
energy be separated from each other in any marked degree. In ordinary 
dissociation, on the other hand, where such conditions do not occur, the 
products of dissociation can generally be separated from each other. 

Attempts were soon made to calculate the quantitative effects 
of the electrical attraction between the ions. One of the first to 
try to explain the anomalous activity of strong electrolytes in this 
way was van Laar, in 1894. Later work by many different 
investigators indicated that the molecules of strong electrolytes 
are practically completely dissociated into ions in water solution. 
A. A. Noyes stated this conclusion, and the evidence supporting it 
very clearly as early as 1908. 

Modern investigation of the crystal structure of salts has given 
additional confirmation to this point of view. There is no indica¬ 
tion of the existence of molecules in the crystal of a salt like an 
alkali halide. Such a crystal is found to consist of two interlacing 
lattices, one consisting of the metallic radical^ the other of the non- 
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metallic radical. There is some evidence indicating that the radi¬ 
cals are charged, i.e., ions. This is what we should expect from our 
ideas of atomic structure and valence, according to which such a 
salt is formed by the transfer of an electron from the metal to the 
nonmetallic element. According to this point of view, the salt is 
completely ionized, and as soon as the crystal lattice is broken up, 
by heat or a suitable solvent, the ions are naturally free to carry the 
electric current, as they are known to do in a fused salt or in an 
electrolytic solution. 

If the salt is completely ionized at all times, how can we account 
for the changes in its activity, which Arrhenius considered were due 
to incomplete ionization ? 

According to the modem point of view, the decrease in the ac¬ 
tivity coefficient with increasing concentration is due to the change 
in the electrical energy between independent ions rather than to 
their association into molecules. Several early attempts were made 
to compute the numerical magnitude of the electrical effects. Thus 
Milner, in 1912, calculated the osmotic coefficient in an ionic solu¬ 
tion and obtained results which agreed well with experiment. 
Unfortunately, his mathematical analysis was so complicated that 
his ideas aroused lii^tle interest at the time. Some years later 
Ghosh, in 1918, attempted to calculate the interionic attraction in a 
solution on the basis of the following oversimplified picture. He 
assumed that the solvent simply separated the ions of the crystal, 
expanding the lattice into a static arrangement in which the ions 
occupied fixed positions where they were farther apart than in the 
crystal. Ghosh's theory was discredited, but it stimulated further 
investigation. When it was reported in the physics seminar of the 
University of Zurich, Professor P. Debye, who was then teaching 
in Zurich, realized that this static picture of a solution could not 
possibly be correct, since the large thermal energy of the solvent 
molecules would necessarily break up any such ordered arrange¬ 
ment of the ions. He saw that the thermal energy factor must be 
considered, and developed the fundamental equations of the present 
interionic-attraction theory in time to present it at the next seminar 
a week or so later! He and Hiickel then worked out the theory in 
more detail and found that its predictions were verified by all of the 
data which were then available. 

The physical picture on which Debye and Hiickel based their 
calculations and the general way they attacked the problem may be 
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stated fairly simply, without taking up the mathematical details of 
the development. Their problem was to calculate how the elec¬ 
trical charges on the ions affected the ion activity as the concen¬ 
tration of the solution changed. If we could magnify a solution 
so as to see the individual particles, we should find all of them in 
continuous thermal motion, even more rapid than the Brownian 
movement of colloids (pages 69 et seq.). If we pick out any par¬ 
ticular ion, positive or negative, in a solution, we may consider it 
surrounded by a dynamic *^ion atmosphereof all the other ions in 
the solution. If we watched any particu¬ 
lar small volume, at a fixed distance, r, 
from our chosen ion (Figure 94), we should 
^ AtDwsph^re positive and negative ions 

would wander through this space. It 
would be occupied sometimes by an ion of one charge and some¬ 
times by an ion of the other charge; but on the average^ under 
the influence of the chosen ion, it would be occupied more often 
by an ion of the opposite sign than by one of like sign. For 
this reason, when the solution is diluted, energy is absorbed in 
separating the ions. This electrical energy makes the behavior of a 
dilute solution of an electrolyte dissociated into ions differ from 
that of a nonelectrolyte yielding the same concentration of uncharged 
particles. The difference is such that the apparent concentration of 
the electrolytic solution is less than that of the nonelect roly tic one. 
If it were not for this effect, we should expect the activity of the ions 
to be equal to their concentration, or the activity coefficient to 
equal unity. Because of this effect, the activity coefficient calcu¬ 
lated by the theory, and actually found in dilute solutions, is less 
than unity and decreases as the concentration of ions increases. 

All of the colligative properties of a solution are mathematically 
related to the activity, so that the effect of the “ion atmosphere 
can be calculated for any of them. Its effect may perhaps be 
visualized most easily in the case of the osmotic pressure. For an 
ideal solute, this is proportional to the concentration, and was 
identified by vanT Hoff with the pressure which the same substance 
would exert in the gaseous state under the same conditions of tem¬ 
perature and pressure. In the case of an ionic solution, the osmotic 
pressure is less than it would be if the particles were uncharged, 
because the interionic attraction opposes the dilution of the solution 
and acts against the normal osmotic pressure. 
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The great contribution of Debye and Hiickel was in furnishing a 
rather simple mathematical expression for the interionic-attraction 
effects in very dilute solutions. The publication of their theory has 
led to an enormous amount of experimental work, which has served 
to vindicate completely their fundamental picture of an electrolytic 
solution. Unfortunately, no general theory has been able to 
account for any but the most dilute solutions, to which Bancroft 
once referred as slightly polluted water.^^ 

The difficulties in developing a complete theory for the concen¬ 
trated solution are easily realized when we consider that the os¬ 
motic pressure of an ideal solution is one atmosphere when the solu¬ 
tion is about 0.05 molal. In a 1 molal solution the solute particles 
are as close together as are the molecules in a gas under 22.4 atmos¬ 
pheres pressure. In addition to this, they are crowded among 
solvent molecules and carry large electrical charges. The theory 
of concentrated solutions is necessarily more complicated than that 
of gases under high pressure. 

Some of the “limiting laws^^ of the Debye-Hiickel theory, which 
assume that the ions are simply point charges and which apply to 
real solutions only up to a concentration of about 0.01 molal, can 
be stated briefly as follows: 

(1) The logarithm of the activity coefficieni decreases proportion¬ 
ally to the square root of the concentration. 

(2) The heats of dilution of electrolytes are proportional to the 
square root of the concentration. 

(3) The equivalent conductance decreases proportionally to the 
square root of the concentration. 

We shall now consider these predictions more carefully to see how 
nearly they conform to experimental facts. 

The Activity Coefficient. The logarithm of the activity coeffi¬ 
cient should decrease linearly with the square root of the concen¬ 
tration. This may be expressed by the equation: 

log 7 

where the factor Ki is calculated from natural constants, the dielec¬ 
tric constant of the solvent, and the absolute temperature. For 
water at 25° C. the value of Ki is 0.505. The coefficients Zi and Z 2 
are the charges upon the ions of the electrolyte, and (jl is the ionic 
strength first introduced by I^ewis and Randall. The ionic strength 
is the same as the molality for uni-univalent electrolytes. In 
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general it is equal to one half the sum, S, of the stoichiometric con¬ 
centration, m, of each ion multiplied by the square of its valence. 

i 

Thus a solution m molal in sodium sulfate contains 2 m sodium 
ions, each with a charge = 1, and m sulfate ions, each with a 
charge Zt = 2. Therefore: 

M ^ 2(2 mXl® + wX22)=3m and ~ = 3 

m 

The values of the valence product 2122 , the slope, Kiziz^t and the ratio 

between the ionic strength and the concentration, -, are given 

m 

in Table 85 for several types of electrolytes. 

TABLE 85 


Values op ziZj and ^ for Various Valence Types 
m 


Salt 

Valence Type 

ZiZa 

KiZiZi 

f± 

m 

KCl . . 

1-1 

1 

0.505 

1 

Na2S04 . 

2-1 

2 

l.OlO 

3 

BaCh . . i 

1-2 

2 

l.OlO 

3 

K,Fe(CN)6 

3-1 

3 

1.515 

6 

LaCNOs), . 

1-3 

3 

1.515 

6 


The advantage of the concept of ionic strength is that it allows us 
to put on a comparable basis solutions made up of several ionic 
constituents. Thus the following solutions would all have the 
same ionic strength (/u. = 0,1): 

(а) 0.1 m NaCl 

(б) 0.05 m KCl + 0.05 m HCl 

(c) 0.033 mNa2S04 

{d) 0.01 m La(N 03)3 + 0.01 m BaCU + 0.01 m NaCl 
The student should verify this statement. 

The Debye-Huckel theory predicts that the decrease in the 
activity coefficient of an electrolyte in very dilute solutions is 
greater, the higher its valence type and the greater the ionic 
strength of the solution. The first fact already has been pointed 
out and is illustrated in Figures 92 and 93. The difference in the 
slopes of the uni-univalent and uni-divalent curves in the dilute 
region agrees qualitatively with that predicted by the theory, but 
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the data in these figures do not extend to solutions dilute enough to 
provide a quantitative test. Suitable experiments have been made, 
particularly by Bronsted and LaMer and their coworkers.^ 

Their method depends upon a very simple relationship between 
the solubility of a salt and the activity of its ions. Thermo¬ 
dynamics shows that the solubility product equation (page 277) 
holds rigorously if we substitute activities for concentrations. Thus, 
for a uni-univalent salt, BA, at constant temperature, the solubility 
product is equal to the product of the activities of the ions: 

K.$ *= X 

If the salt is in pure water or in a solution with no comrtum ion, we 
may introduce the mean activity coefficients and molality of the 

salt by substituting for a from 7 = ~ (page 421), giving; 


K. = yhn^ 


In any saturated solution the molality of the salt is equal to its 
solubility, which we shall call So in pure water and S in general. 
Hence the solubility product: 


whence: 


K. = ylSl = 

To _ S 
y So 


In other words, for a slightly soluble uni-univalent salt ^ the activity 
coefficient is inversely proportional to the solubility. In logarith¬ 
mic form this becomes: 

S 

log 70 - log 7 = log 

Bronsted, LaMer, and their coworkers used insoluble cobaltamnaine 
salts, which could be analyzed very accurately by heating with 
sodium hydroxide and titrating the ammonia evolved. Their 
results are therefore free from the possible errors in interpreting 
conductivity measurements (page 284). Some typical results are 
plotted in Figure 95, which illustrates the very satisfactory agree¬ 
ment found in most cases. In these experiments the salt under 


> Brfinsted and LaMer, J. Am. Chem. Soc., 46 , 5.55 (1924); Brftnsted and Brum- 
baus-b, ibi/i., 48 , 2015 (1926); LaMer, King, and Mason, ibid., 49 , 363 (1927). 

* For salts of higher valence types the same general considerations hold, but 
the last four equations become slightly mo e involved. 
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investigation was present in only a small concentration, and 
the ionic atmosphere was chiefly due to other salts which were 
added. These figures show that the activity coefiScient depends on 
the ionic strength of the solution as a whole and not on the concen¬ 
tration of the particular salt. The Debye-Hlickel theory explains 

the increase in solubility of a 
salt when another salt with no 
common ion is added (page 285). 
Any electrolyte added increases 
the ionic strength (ft). This 
decreases the value of log 7 (in 
log 7 = - KiZiZt v/i, page 427) 
and hence more salt must dis¬ 
solve in order to keep the 
activity product constant. The 
Debye-Hiickel theory thus ex¬ 
plains qualitatively the positive 
deviations from the solubility 
product principle (Figure 48, page 285) when salts with high valence 
common ions are added to insoluble salts. 

The constant, ivi, in the equation for 7 contains in the de¬ 
nominator the I power of the dielectric constant and the absolute 
temperature. The theory therefore predicts that for any particular 
salt the rate at which log 7 decreases will be inversely proportional 
to the f power of the dielectric constant and the abvsolute tempera¬ 
ture. Noyes and Baxter have compared the slopes of the activity 
coefficient curves in water, with a dielectric constant of 78.7, and 
in ethanol, with a dielectric constant of 24.6. They found that the 
predicted sixfold steeper slope in the second case agreed with that 
actually observed. The theory does not account very satisfac¬ 
torily for the behavior of electrolytes in solvents of low dielectric 
constant, such as benzene, for which the value is 2 . Baxter sub¬ 
sequently showed that the predicted change of slope at higher 
temperatures was well verified by the results of a series of experi¬ 
ments at 75"" C. 

Heats of Dffution. The limiting value of the heats of dilution 
of solutions of strong electrolytes should be directly proportional 
to the square root of the concentration; 



Fig. 96. Test of Debye-Hiickel Limiting 
Law for Different Valence Type Salts. 
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The theory predicts that the dielectric properties of the solvent 
determine whether heat will be liberated or absorbed when a salt 
solution is diluted, and that in very dilute water solutions all 
electrolytes should liberate heat 
when their solutions are diluted. 

Since LH is heat absorbed, 
should be negative in aqueous 
solutions. When this prediction 
of the theory was first pointed 
out, it found no supporting evi¬ 
dence. The only accurate data 
then available showed that for a 
series of salts of the same valence 
type the heats of dilution were 
very different in magnitude and 
even in sign, as shown in Fig¬ 
ure 96. However, these data 
only extended to about 0.15 m. 

The only way to check the 
Debye-Huckel theory was to study the heats of dilution of much 
more dilute solutions than hitherto had been investigated. This 
important but extremely difficult work was undertaken in 1927 by 

Erich Lange, who was then in 
Munich. He devised an ingen¬ 
ious differential method, using a 
1000 -j unction thermel to measure 
temperature differences smaller 
than a millionth of a degree. 
Thus he determined the extremely 
small amounts of heat which were 
liberated or evolved when even a 
.001 m solution was diluted with 
water. He found that, as the 
Debye-Htickel theory predicted, 
these heats of dilution were posi¬ 
tive, i.e., heat was evolved on 
dilution. He also found approxi¬ 
mately the predicted change of 
slope with valence type, as Figure 97 shows; although, particularly 
in the case of the high valence type salts, the curves for individual 




Fig. 96. Heats of Dilution Down to 0.15 m 
(Richards and Rowe). 
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salts of the same valence type show more individuality than we can 
explain on the basis of theory. This whole question, and the 
elegant experimental methods used by Lange, are discussed in an 
article by Lange and Robinson,^ to which the reader is referred 
for more details. 

Equivalent Conductance. In very dilute solutions, the equiva¬ 
lent conductance of an electrolyte should decrease linearly with the 
square root of the concentration. Debye and Htickel showed that 
the mobility of an individual ion is decreased by other ions present 
in solution. Onsager worked out a more exact quantitative treat¬ 
ment of the problem. When an electric current passes through a 
solution, the motion of the ions is opposed by two effects. The 
first is due to the ion atmosphere which is distorted by the motion 
of the ions in such a way as to oppose this motion. The second is 
due to the water molecules which are dragged along with the ions, 
so that each positive ion moving toward the cathode is retarded by 
the stream of water carried in the direction of the anode by the 
motion of the negative ions. The negative ions similarly plow 
through a stream of solvent molecules moving toward the cathode. 
The greater the concentration of the electrolyte, the greater will be 
the drag upon the ions due to these two causes. The theory pre¬ 
dicts that the equivalent conductance of a salt should be given by 
the equation: 

A = Ao - AVm 

where A depends on the dielectric constant and viscosity of the 
solvent and the valence of the ions. This affords a theoretical 
derivation of the same equation which Kohlrausch, in 1900, found 
empirically for dilute solutions. The value of the constant A cal¬ 
culated for different salts agrees very well with the experimental 
results in extremely dilute solutions. 

This shows the error of Arrhenius^ assumption that the ionic 
mobility was independent of concentration and explains why it is 
not possible to determine the true degree of dissociation directly 
from the conductance ratio. 

The Interionic-Attraction Theory and Weak Electrolytes. The 

interionic-attraction theory is sometimes called the ^Hheory of 
complete dissociation.^^ The two terms should not be confused. It 
is true that most strong electrolytes appear to be completely 

* “Tho Heats of Dilution of Strong Electrolytes,” Lange and Robinson, Chem. 
Rev., 9 , 89 (1931). 
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dissociated throughout the whole range of concentration to which 
the Debye-Hiickel limiting laws apply. In the same concentration 
range, however, the dissociation of weak electrolytes may be very far 
from complete. Here we may use the Debye-Huckel equations to 
calculate the interionic-attraction force, and thus we may some¬ 
times determine the true dissociation of the electrolyte from con¬ 
ductance data. The method was first used by Sherrill and Noyes 
and by Macinnes, in 1926. In principle it consists in correcting 
the equivalent conductance of the completely ionized electrolyte 
in pure water (Ao) for the retarding influence of the other ions which 
are present at any particular concentration. This value is called 
Ae. The ratio of the observed conductance to Ac gives the ^Hrue^' 
degree of dissociation: 

A 

a = — 

Ac 

The size of the correction is indicated by the work of Macinnes and 
Shedlovsky,^ who found that the equivalent conductance of com¬ 
pletely dissociated acetic acid would change from 390.6 in pure 
water to 384.2 in a .023 N solution of acetic acid. In this solution 
the ionic concentration is only 0.020, yet the uncorrected conduct¬ 
ance ratio — is 1.6 per cent less than the corrected ratio —. 

Ao Ae 

Another extremely important application and extension of the 
ideas and methods of Debye and Htickel has been the recent work of 
Kraus and Fuoss, to which we have already referred in discussing 
the factors which influence ionization. Their work has shown 
that there is no such thing as a strong or weak electrolyte per se 
but that the degree of dissociation depends to a very large extent 
upon the dielectric constant of the solvent. They studied a single 
salt, tetraisoaraylammonium nitrate, in mixtures of dioxane and 
water, in which they could vary the dielectric constant from 2.2 to 
78.6. They found that this salt, which was a very weak electro¬ 
lyte in dioxane and mixtures of low dielectric constant, became a 
very strong electrolyte in water and mixtures of high dielectric 
constant. By a study of the conductance of the different solutions, 
they determined the conductance ratio and, correcting for the 
interionic-attraction forces, calculated from these data the *Hrue’^ 
degrees of dissociation at different concentrations and thus the 
dissociation constant for the salt in the different mixtures. They 
* Jour. Am. Chem. Soc., 54 , 1429 (1932). 
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found that this varied enormously with the dielectric constant, as 
their theoretical equations had indicated. Thus the dissociation 
constant is 2 X 10“^® in a mixture with a dielectric constant of 2.38, 
but has increased to 9 X 10~^ in a mixture with a dielectric con¬ 
stant of 11.9. In the first case, the salt is less dissociated than water 
at room temperature; in the second case it is a stronger electrolyte 
than acetic acid. More striking still, when the dielectric constant 
of the solvent is greater than 43.6, the salt becomes completely dis¬ 
sociated. These results are shown in 
Figure 98, which is taken from their 
paper.^ The line is the graph of their 
theoretical equation, while the points 
represent experimental values of the 
dissociation constants at known values 
of the dielectric constant. According 
to their ideas, which seem to be fully 
substantiated by these data, the degree 
of dissociation will be small if the ions 
are small and the dielectric constant of 
the solvent is small, so that the energy 
of dissociation is large. For any salt 
there will be a critical value of the 
dielectric constant, above which the 
salt will be completely dissociated and 
there will be no tendency for the ions to form pairs. In the case 
of tetraisoamylammonium nitrate, for which they find a mean 
ionic diameter of 6.4 X 10“^ cm., dissociation is complete if the 
dielectric constant of the solvent is greater than 43.6. If it is 
less, the salt is incompletely dissociated. A salt made up of larger 
ions would be completely dissociated in solvents with dielectric con¬ 
stants less than 43.6, while one made up of smaller ions would only 
be completely ionized in a medium of higher dielectric constant 
than this particular critical value. Similarly, in any particular 
solvent with a fixed value of the dielectric constant, salts with a 
mean ionic diameter helow a certain critical value will be incom¬ 
pletely dissociated, while those with a mean ionic diameter above this 
value will be completely dissociated. In water at 25° C. they 
calculate that the critical value of the mean ionic diameter is 
3.5 X 10”® cm. Their theoretical studies are supported by experi- 

1 Kraus and Fuoss, J. Am. Chem. Soc., 56, 102G (1933). 



Fig. 98. Change of Bissocia- 
tion Constant of Tetraisoaxnyl> 
ammonium Nitrate with the 
Dielectric Constant of the Me¬ 
dium. 
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(For brief biographicol sUtlemenls cmwerning Kirchhoff and Bunsen see page 4S7. 
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mental evidence from conductivity data, which show a marked 
transition from a weak to a strong electrolyte at the predicted 
value of the dielectric constant, as Figure 98 illustrates. 

The fundamental postulates of the Debye-Hiickel interionic 
attraction theory seem well established, since the theory success¬ 
fully accounts for nearly all the properties of very dilute solutions 
of strong electrolytes. It may also be extended to deal with weak 
electrolytes at somewhat higher concentrations and to enable us 
to predict under what circumstances a substance will behave as a 
strong electrolyte and under what conditions we may expect it to 
be a weak electrolyte. Unfortunately, the theory cannot deal with 
even moderately concentrated solutions. Why do the activity 
coefficients usually pass through a minimum and then increase in 
more concentrated solutions? Why do the heats of dilution of 
concentrated solutions show such great individuality ? Why do the 
equivalent conductances no longer obey the simple law in concen¬ 
trated solutions? We do not yet have any satisfactory answer to 
these questions. Perhaps some day a complete and comprehensive 
theory of electrolytic solutions will be evolved, embracing strong 
and weak electrolytes of all concentrations. At present the very 
incompleteness of our theories makes the subject especially fas¬ 
cinating. 


Summary 

The postulates upon which Arrhenius based his theory of elec¬ 
trolytes must be modified in the light of our modern work. The 
two methods which he suggested for calculating a do not in gen¬ 
eral agree. The van’t Hoff factor frequently exceeds unity and 
hence cannot represent the true degree of dissociation. Transport 
numbers, and hence the ionic conductances, usually change with 
concentration, so that the conductance ratio is not a measure of the 
true degree of dissociation. 

The (vcMvity, a, of an ion in solution may be considered its ‘^effec¬ 
tive concentration.^' The activity coefficient is defined by the 
equation: 

a 

^ m 

where m is the stoichiometric concentration of the ion. Activity 
coefficients may be calculated from any of the colligative properties 
MGC— 29 
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of an electrolytic solution, but most conveniently from the E.M.F. 
of concentration cells: 

E = log ym 
n y%M% 

or the solubility of ‘insolublesalts: 

A 

* 7 Sq 

At zero concentration 7 = 1, by definition. Representative values 
of y for various salts at different concentrations are given in the 
tables and graphs. 

Attempts to evaluate the interionic attraction in salt solution 
were made by Milner in 1912, Ghosh in 1918, and, most successfully, 
by Debye and Hiickel in 1924. The Debye-Hiickel theory success¬ 
fully explains the magnitude and the change with valence type and 
with the square root of the concentration of ( 1 ) the logarithm of 
the activity coefficient, (2) the heats of dilution, (3) the equiva¬ 
lent conductance. In mixtures of electrolytes, the ionic strength 
is defined as: 

M = i 

The activity coefficient of a dilute solution of any electrolyte is 
the same in any solution of the same ionic strength, and its loga¬ 
rithm decreases linearly with the square root of the ionic strength 
(Figure 95). 
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CHAPTER 17 

RADIATIONS AND SPECTRA 

Spectra and Spectrum Analysis 

For a long time many substances have been known to impart 
characteristic colors to flames. Thus copper salts heated with a 
bunsen burner give a brilliant green color to the flame, sodium salts 
a characteristic orange color, and strontium a bright red. A glance 
at the flame color will often give a clue as to the element present, 
although a small trace of an element like sodium may mask the 
presence of a much larger amount of another element. Robert 
Bunsen,^ while teaching qualitative analysis in the University of 
Heidelberg, found that a glass prism held in front of the flame 
resolved the light into a series of different colors. The separated 
colors were more easily identified than the unresoh'ed flame color 
and allowed the detection of several elements in the presence of 
each other, which formerly had not been possible. Bunsen and 
Kirchhoff, who was teaching physics in the same institution, then 
evolved a more satisfactory instrument for analyzing light, which 
they called the spectroscope. The use of this instrument in study¬ 
ing light from different sources has been remarkably fruitful in 
discovering new elements and in suggesting new ideas about the 
constitution of the atoms. The spectroscope is one of the most 

1 Robert Wilhelm Bunsen (1811”1899) was born in Gottingen, where his father 
was librarian of the university. His first important work was with the dangerous 
organic compound cacodyl. An explosion during the course of these experiments 
cost him the sight of his right eve. 

His investigations of the analysis of gasc^s (especially those from blast furnaces) 
led to his book Methods of Gas Measuring, a standard reference for many years. 

Bunsen was an unusually skillful laboratory worker who invented many useful 
devices such as the bunsen burner, bunsen valve (a slit rubber tubing), the grease 
spot photometer, etc. In 1841 he invented the carbon-zinc electric cell. With this 
he was able to isolate by electrolysis a number of metals, among which was 
rmynesium (1852). His photochemical work was described by Ostwald as the 
model of all that a physicochemical investigation should be. 

In 1852 Bunsen became a professor at Heidelberg, where he taught for thirty- 
seven years. He was famous as a teacher and attracted to his lalx)ratory many 
distinguished students who admired him for his knowledge and loved him for his 
humor and kindliness. 

G. G. R. Kirchhoff (1824-1887) was an outstanding physicist and one of the 
founders of modern thermodynamics. From 1854 to 1874 he was professor of 
physics at Heidelberg. During this time he collaborated with Bunsen on the 
development of the spectroscope. 

Bunsen so well appreciated the interdependence of the two sciences that he once 
remarked: “Der Chemiker der kein Physiker ist, ist gar nichts.” 
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powerful tools in the hands of the physicist, chemist, and astron¬ 
omer at the present time. 

The way in which light is broken up by a prism is shown schemat¬ 
ically in Figure 99. Light from a source at the left passes through 
L a slit S (perpendicular to the 

, plane of the paper) and then 

s -through a converging lens L. 

This lens would focus an image 
p prism were 

interposed. The prism P re- 
tracts, i.e.f bends, the light as 

Fig. 99 . Refraction by a Prism. ^hown. The red light {R) is 

refracted less than the violet 
(F) so that the different colors are separated and the original light 
is spread out into a spectrum. 

The essential features of the spectroscope are shown in Figure 100. 
Light from a suitable source enters the collimating slit S. After 
passing through the lens L, it falls as a parallel beam upon a glass or 
quartz prism P. There it is refracted as we explained above. In a 
visual spectroscope, the light then enters the telescope, where it is 
focused in the plane 72F at the focus of the eyepiece E. The 
spectrum then appears to the 

observer magnified to the di- X 

mensions R'V'. r 

In a photographic spectro- 
scope, or spectrometer^ the light 

is focused by the lens 0 upon a ^ 

, , , . , , 111 - Fig-100. The Spectroscope. 

photographic plate held in a 

suitable camera which takes the place of the telescope. The lens 
0 in this case usually has a longer focus than that in the telescope, 
so as to magnify the image and enlarge the spectrum as much as 
possible on the plate. 

Classification of Spectra. When spectra from different sources 
are examined, they are found to belong to several different types. 
The spectrum may be continuous, extending without a break over 
the whole region examined. Such a spectrum is usually due to 
emission from a hot solid body. It is less characteristic of the na¬ 
ture of the substance than of the temperature to which it is heated, 
and it does not concern us here. 

A second type of spectrum is the line spectrum, which is found to 
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originate in heated gases. It is typical of particular atomSy arid 
consists of one or more series of lines, spaced according to certain 
laws which have been worked out with great precision. Finally 
there is the band spectrum, which consists of such closely grouped 
collections of lines that their individuality is lost except under the 
highest dispersion. This spectrum is characteristic of molecules or 
groups of atoms. 

Spectra can also be classified as emission spectra and absorption 
spectra. The former is a bright spectrum corning from the emission 
of light by a suitable source. The latter is a dark spectrum caused 
by the absorption of certain colors when light is passed through some 
particular medium. It is the continuous spectrum of white light 
minus the radiations absorbed by the medium. Earchhoff (1859) 
made the discovery that the emission and the absorption spectra of 
the same substance are the same. Thus, if a sodium salt is intro¬ 
duced into a flame, a pair of very brilliant yellow lines (the sodium 
D lines) appear close together in the spectroscope. If white light 
is passed through a tube of vaporized sodium, a pair of correspond¬ 
ing black lines will appear at the same point on the spectrum. 
This illustrates the Kirchhoff effect and shows that we can recognize 
elements either by their emission spectra or by their absorption 
spectra. 

Units. In order to distinguish the different spectral lines and to 
measure their relationships, it is necessary to decide upon an appro¬ 
priate unit. In many ways light behaves as though it were 



propagated as a series of waves like those on the surface of a pond 
or the sound waves which radiate from a vibrating body such as a 
bell. On the basis of this picture, we can calculate that longer 
waves will be less refracted than shorter ones, so that the red light 
must consist of longer waves than the violet. We can also calcu¬ 
late the wave length, X, of a particular color — the distance be- 
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tween the peaks of successive waves. The reciprocal of the wave 
length of a particular color represents the number of waves in unit 
length. If the wave length is measured in centimeters, its recip¬ 
rocal is known as the wave number and represents the number of 
waves per centimeter. The relationship between wave length and 
wave number is illustrated in Figure 101, using a wave much longer 
than any in white light. A third method of designating a particular 
color is to state its oscillation frequency, or the number of waves 
which pass a given point in one second. This is simply equal to the 
number of waves per centimeter, multiplied by the number of 
centimeters which they travel in one second. The velocity of light 
of all colors is the same and is designated by c. Apparently it 
represents the highest possible velocity. Its value is: 

c = 2.9986 X 10'^ cm. per sec. in a vacuum 


When passing through a material body, the velocity of light is 
reduced, the amount of this slowing down depending upon the 
wave length of the light as well as upon the nature of the material 
through which it passes. 

The different units are related as follows: 


wave number =-^ - -:-, or v = ~ ; 

wave length in centimeters A 

oscillation frequency = (velocity of light) X (wave number). 

Both wave number and oscillation frequency are loosely desig¬ 


nated as frequency and symbolized by v. 


Although the centimeter is the ultimate standard of wave length, 


it is much too large when we are dealing with visible light, for 
which the practical standard is the Angstrom unit (A., or A.U.); 
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Fig. 102. Some Prominent Spectral Lines and Visual Color Distribution. 


1 A. = 10~® cm. The sensitivity of the human eye varies some¬ 
what from one individual to another, but the visible spectrum 
stretches from about 4000 A., the extreme violet, to about 8000 A., 
the extreme red. The wave lengths of a few of the most prominent 
spectral lines are given in Figure 102. 
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Although we usually refer to light as that part of the spectrum 
visible to the human eye, this is only one section of a far vaster 
spectrum of radiant energy, which stretches from the long Hertzian, 
or radio waves, which are measured in thousands of meters, even 
beyond the shortest X rays to the y rays, measured in hundredths 
of an Angstrom unit. Figure 103 gives a survey of the positions of 
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Pig. 103. Wave Length Ranges of Radiant Energy. 
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the different kinds of radiant energy upon the complete spectrum. 
The regions adjacent to the visible are named with reference to it, 
the ultraviolet and infrared. In designating the longer waves in 
the latter portion of the spectrum, the micron (fi) is a more con¬ 
venient unit than the Angstrom unit. A micron is one thousandth 
of a millimeter, or one millionth of a meter. 

1 M = 10 ”® cm. 1 A. = 10 ”® cm. 1 A. = 10 "^ m 


Line Spectra. One of the results of an enormous amount of 
research within the last three quarters of a century has been to show 
that the line spectrum is a unique property of an element. That 
is, each element emits a spectrum which is characteristic of it and 
different from the spectrum of every other element. This does 
not mean that the spectrum of a substance will always be the same. 
The flame spectrum of an element is usually different from the arc 
and spark spectra, which are produced at progressively higher tem¬ 
peratures by means of an electric discharge. Changed conditions 
do not, however, alter the positions of individual lines, although 
they may make some series of lines disappear and other series 
appear. All of the series are characteristic of the element, and no 
change in conditions will cause one element to emit a spectrum 
which is characteristic of another. 

This individuality of the spectra of the different elements is what 
makes the spectroscope such a very important tool in the labora¬ 
tory. If we are given a sample of a salt and asked to determine 
what metallic elements are contained in it, we can often answer the 
question by studying the sj>ectrum which the salt gives when it is 
heated in a bunsen burner or in an electric arc. It is not usually 
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necessary to map the entire spectrum, since certain lines in every 
spectrum are particularly bright and characteristic. It is not even 
necessary to measure the wave lengths of the lines and to compare 
them with the loiown lines of different elements. We can simply 
photograph, on the same plate with the spectrum of the mixture, 
spectra of the elements suspected of being present. Wherever 
the lines of the known elements coincide with lines in the spectrum 

^ _ » » of the mixture, it is safe to infer that 

these elements are present. If the lines 
fail to appear, the elements may be 
considered absent. Thus in Figure 104 
we have illustrated schematically the 
spectrum of a mixture, M, and of three 

^ _elements, I, II, III, which it might 

Fig. 104. Spectroscopic Analysis contain. A Comparison of lines shows 
(Schematic;. absence of element I, and the pres¬ 

ence of II and III, and of one or more other elements giving rise 
to the starred lines. 

The spectroscope is often used to test the purity of a chemical 
compound or an element. If the spectrum of the desired element 
alone appears, it may be considered very pure, while if other lines 
appear, they indicate the impurities present, and their intensity the 
quantity. Although it is quite easy in this way to determine ap¬ 
proximately the amount of impurities present, it is not safe to 
estimate that a certain impurity is present, for instance, to the 
extent of 0.1 per cent because its spectrum appears a thousandth 
as bright as that of the chief constituent. Some substances give 
very intense spectra, even if present in extremely minute quanti¬ 
ties, while others are difficult to excite. We must know the charac¬ 
teristics of the particular substances before we can draw any valid 
conclusion. As an example, it is very hard to obtain the spectrum of 
any substance free from the yellow sodium lines. This is true even 
if the substance originally was free from sodium. The dust floating 
in the air of even the best laboratory always carries enough traces 
of sodium compounds to give this telltale line unless the room is 
freshly washed or other extreme precautions are taken. Neverthe¬ 
less, by controlling the conditions carefully and studying thoroughly 
the characteristics of the different elements, spectroscopic quantita¬ 
tive analyses of mixtures may be made much more rapidly than the 
usual chemical analyses. 
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Because of the difficulty of standardization, the spectroscopic 
method has been of only limited applicability in quantitative 
analysis. It has been found useful, however, in the analysis of 
certain alloys. For example, the per cent of cadmium in zinc may 
be determined by photographing the spectrum of the metal and 
comparing the intensities of the spectral lines with those obtained 
under Hke conditions for a series of samples of which the cadmium 
content is known. The quantitative spectroscopic determination 
of lead in a sample of zinc die-casting alloy is illustrated by the 
photograph reproduced in Plate IX (facing page 450). This pho¬ 
tograph shows two spectra of the alloy photographed between 
standard alloys containing known amounts of lead. The percent¬ 
age of lead in the alloy is determined by a comparison of the in¬ 
tensities of the lines. 

Even gas mixtures may be analyzed qualitatively by means of 
the spectroscope. By passing an electrical discharge through a 
Plucker tube, the gas in the tube is rendered luminescent and its 
spectrum may be observed. Just as flames are colored differently 
by sodium, lithium, barium, and other metals, so various gases 
emit light of various colors: helium, orange; hydrogen, reddish 
blue; mercury, greenish blue; and so on. Such luminescent gases 
give very distinct bright-line spectra, which may be used for the 
identification of the constituents of a gas mixture. 

The great sensitivity of the spectroscope makes it an admirable 
instrument with which t o search for new elements. Over a dozen 
elements were actually discovered by its aid.^ Bunsen and Kircb- 
hoff, within a few years of their development of the spectroscope, 
proved the existence of two new alkali elements, cesium and 
rubidium, which were present to the extent of only a few grams in 
twenty tons of Durkheirn mineral water. They were named for 
their most brilliant spectral lines, those of rubidium being a very 
deep red and those of cesium two strong blue lines. Similarly 
thallium, discovered by Sir William Crookes, was named for the 
brilliant green line of its spectrum. 

Perhaps the most spectacular spectroscopic discovery was made 
by Lockyer and*Frankland. While investigating the spectrum of 
the solar chromosphere mapped by Janssen during the eclipse of 
1868, they discovered a series of lines, including a particularly 

* An interesting discussion of the development of the spectroscope and its 
service to chemistry is fouiul in Weeks, The Discovery of the Elements, Chapter XIII, 
“Some Spectroscopic Discoveries,” 
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bright orange one, unknown before that time. They concluded 
that these lines were due to an element not yet discovered on the 
earth, which they named helit^n from the Greek word for sun. 
The element remained unknown on earth until 1895 when Ramsay 
discovered it in cleveite and in the earth^s atmosphere, and by its 
spectrum recognized that it was identical with the gas whose exist¬ 
ence had first been indicated 93,000,000 miles away on the sun. 
The spectroscope proved invaluable in the course of this research 
of Ramsay^s, in indicating the presence of the other rare gases 
which were present in air to a much smaller extent than helium. 

Salts of most of the rare earths in solution give strong absorption 
bands. Mapping these for varying concentrations yields a series 
of absorption spectra quite characteristic of the rare earth element. 
Neodymium, praseodymium, and others of this group of elements 
were discovered by means of their absorption spectra. 

The application of the spectroscope in criminology is interesting 
and important. If one examines with the spectroscope the light 
transmitted through a solution of arterial blood he will see two 
dark bands; upon the addition of ammonium sulfide solution the 
oxyhemoglobin is reduced by the removal of oxygen, and the two 
bands coalesce. When carbon monoxide is passed into the solu¬ 
tion, the two bands narrow, the spectrum now being that character¬ 
istic of carbon monoxyhemoglobin. This compound is relatively 
stable and is not reduced by ammonium sulfide, so that when the 
reducing agent is added, the bands remain separate. The combina¬ 
tion of these effects constitutes a very dependable test for blood. 
It may be applied to ascertain whether or not a stain is due to 
blood. Obviously also it affords a delicate and satisfactory test 
for carbon monoxide, one of the best at our disposal. 

The spectroscope is an invaluable aid to the astronomer, who can 
determine the constituents of distant stars with as much certainty 
as the chemist can deal with substances in the bunsen burner. As 
Bunsen wrote in 1859: Thus a means has been found to determine 
the composition of the sun and fixed stars with the same accuracy 
as we determine sulfuric acid, chlorine, etc. with our chemical 
reagents. Substances on the earth can be determined by this 
method just as easily as on the sun, so that, for example, I have been 
able to detect lithium in twenty grams of sea water.^' ^ Indeed, the 
spectra of stars provide us with the only possible proof that the 

' Weeka, The Discovery of the Elements, p. 185. 
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universe, as far as the telescope can probe, contains the same ele¬ 
ments with which we are familiar on the earth. 

If the light of the sun is passed through a prism, it is spread out 
into a continuous spectrum crossed by great numbers of black lines. 
These are called Fraunhofer lines, after the German physicist who 
first carefully studied them. Kirchhoff, in 1859, showed that they 
were absorption lines due to the gaseous envelope of the sun, which 
its light must traverse in order to reach the earth. This layer con¬ 
sists chiefly of gaseous calcium and hydrogen with considerable iron, 
magnesium, and sodium. A study of these lines and of the corona 
and prominences of the sun during eclipse allows us to determine 
the constitution of the different layers of the atmosphere of the sun 
with as much certainty as if we could take samples for chemical 
analysis. 

Another unexpected type of information which we can obtain 
from solar or stellar spectra is the relative velocity of a star 
toward or away from our earth. This is because of the Doppler 
effect, which is so pronounced in the case of soui;jd from a moving 
source. As an express train approaches a station, its whistle will 
sound higher pitched to a stationary observer than it does to a 
passenger on the train. As it recedes, the whistle will sound cor¬ 
respondingly lower pitched to the observer than to the passenger. 
This is easily explained on the basis of sound waves. The pitch of 
the whistle depends upon the number of these waves which reach 
the ear in a second, in other words, the frequency. If the source 
of a sound is at a fixed distance from the listener, the same number 
will reach the ear during each second, and the pitch will remain 
constant. If the source is moving toward the listener, a greater 
number will reach the ear than when it is stationary. The addi¬ 
tional number of waves will be those which are brought to the ear 
by the motion of the whistle. Since a larger number of waves 
strike the ear each second, the pitch of the sound will be increased. 
The reverse effect will cause a decrease of the pitch as the whistle 
recedes. Of course, the effect is due to the relative velocities of 
the observer and the whistle, and the same effect would be observed 
if the observer sp>ed by a stationary whistle. In each case the 
sound waves are moving with a fixed velocity, and it is the number 
striking the ear per second which determines the pitch. 

A mechanical illustration will help to visualize the process. Sup¬ 
pose a very long train is coming down the track at a uniform speed, 
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and an observer stands still and counts the number of cars which 
pass him in a fixed time. If he then moves rapidly toward the 
direction from which the train is coming a greater number of cars 
will pass him in the same time, while if he moves rapidly in the 
direction of the engine, a smaller number of cars will pass him in 
the same time. If the number of cars in each case is compared 
to the number of sound waves, the analogy is complete. 

As a closer consideration of the mechanical analogy will show, 
the relative change in frequency depends upon two factors: first, 
the velocity of sound waves and, second, the relative velocity of 
the whistle and the observer. Since sound waves are propagated 
through air at the rate of only 331 meters per second (740 miles 
per hour), the change of pitch is very noticeable if the relative 
motion of the observer and source is 50 or 60 miles an hour. We 
should expect a similar effect in the case of light, but it would be 
much less evident, because the velocity of light waves is so rapid 
(186,000 miles per second) that no mechanical motion possible on 
the surface of the earth could cause a displacement of spectral lines, 
but if the relative speeds of the earth and the stars were great 
enough, it should indicate such a shift. Actually, measurement 
shows a slight shift in the frequency of characteristic lines from 
different stars, by which it is possible to measure the velocity with 
which they are approaching or receding from the earth. Stars 
which are approaching the earth show spectra shifted toward the 
violet end of the spectrum, while those which are receding from 
the earth show shifts toward the red. Of course, these measure¬ 
ments indicate only relative motions, since neither the earth nor 
the star is standing still. Systematic studies indicate that our 
solar system probably is moving in the general direction of Arcturus 
with a velocity of about 9 miles per second. The Doppler shift 
has also enabled the astronomer to measure the velocity of motion 
of gases in the sun spots, which may be as great as 250 miles per 
second, and of double stars rotating around their common center of 
gravity. In Plate IX (facing page 450) are reproduced actual 
photographs of the Doppler effect in the case of two stars, a 
Tauri (Aldebaran) and a Bootis (Arcturus). These photographs 
were taken at the Mount Wilson Observatory in California. A 
measurement of the displacement shows that a Tauri is moving 
from the earth at the rate of 7 km. per second, while a Bootis is 
receding at the rate of 20 km. per second. 
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Strangely enough, a systematic study of stars at different dis¬ 
tances from our solar system has shown a red shift which is pro¬ 
gressively greater the farther away the star. This has teen 
interpreted as meaning that the universe is exploding away from 
our solar system, but there are other possible explanations of the 
red shift, and until it is proved to be due to actual motion alone, 
we shall leave the theory of the ''Expanding Universe'' to the cos- 
mologists. Only when phenomena can be repeated under controlled 
laboratory conditions can we be sure of their correct interpreta¬ 
tion, and even then chances of error must be recognized. This is 
illustrated by the fact that a number of series of spectral lines 
discovered in the stars were at first thought to correspond to new 
elements. Thus nehuliunij coronium^ and many others have been 
reported from time to time. In almost every case the lines have 
teen found to come from already familiar elements subjected to 
conditions which are often beyond those available in the laboratory. 
The development of the Iheoiy of spectra and the improvement of 
laboratory technique has shown the true origin of these spectra. 

Spectral Series. If one of the most important aims of science 
is to find the regularities which underlie a whole group of seemingly 
isolated phenomena, the early spectroscopists who discovered the 
orderly system on which spectral lines are laid out must rank among 
the greatest of scientists. An inspection of the spectra of chemi¬ 
cally similar elements will show considerable similarity in the 
arrangement of the lines. This is particularly true of the alkali 
and alkaline earth metals, the spectra of wiiich are comparatively 
simple. The spectra of potassium, rubidium, and cesium show one 
very striking similarity. Each has a pair of blue or violet lines 
quite close together. If one considers these elements in the order 
of their atomic numbers, two regularities become apparent: first, 
the blue lines shift in the direction of longer wave length; and, 
second, they become progressively more distantly separated from 
one another. These trends are illustrated by the wave lengths of 
the lines under consideration, which are: 

Potassium Rubidium Cesium 

4044.16 A. 4201.8 A. 4555.5 A. 

4047.22 4215.6 4593.2 

It was a study of the spectrum of the lightest of all elements, 
hydrogen, which first showed series of lines connected by a simple 
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relationship. In 1885, Balmer discovered that the wave lengths of 
all of the fourteen known lines of the hydrogen spectrum could be 
calculated by means of a simple formula. This series of lines, lying 
in the visible region of the spectrum, is known as the Balmer series. 
Five years later Rydberg discovered a more general formula, of 
which Balmer's equation was a special case. The frequencies 
(vi, V 2 , etc.) of the spectral lines of hydrogen are given with great 
exactness by this equation: 



where R is called the Rydberg constant and n and m are integers, 
of which m is always the larger. The numerical value of the Ryd¬ 
berg constant is one of the most exactly known natural constants: 

R = 109,677.8 cm.~^ 

The frequencies of the successive lines of the Balmer series are 
obtained by putting n = 2, and giving values of 3, 4, etc., to m, 
as illustrated in Table 86. An inspection of this equation will show 
the general characteristics of such a spectral series. Corresponding 

TABLE 86 

Frequencies of Balmer Series Lines 
=(.,!)* = 0.139 « 


to successive values of m, we will obtain larger and larger values of 
F, but the successive differences will be less and less. In other 
words, we will have what the mathematicians call a cmverging 
serieSf which approaches the limiting value R slb m becomes very 


large. 


This is because the second term, 


1 


approaches 0 as m 


approaches infinity. 

Such a series therefore consists of lines which are spaced fairly 
far apart at the low frequency, or long wave length, end, but are 
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closer and closer together toward the high frequency (short wave 
length) end, which is called the head of the series. This is illus¬ 
trated in Figure 105. The remarkable agreement between the wave 
numbers of some hydrogen lines calculated by the preceding equar 
tion and those observed is shown in Table 87. 


TABLE 87 


Application of the Ryuberq Equation to the Balmbr Series of Hydrogen 


Wave Number Caixjulated 


Wave Number Observed * 


15,233.0 cra-» 

20.664.6 
23,032.3 
24,372.8 
25,181.1 

25.705.7 


15,233.216 cm“i 

20,564.793 

23,032.543 

24,373.055 

25,181.343 

25,705.957 


» W. E. Curtis, Proc, Roy. Soc. (Lond.), A90, 605 (1914); ibid., A96, 147 (1919). 


Rydberg suggested that other series of lines might exist, which 
could be calculated by giving other values q.isr o.20R o.25R 

to n besides the value of 2 corresponding 
to the Balmer series. These series were 

discovered many years later and named V 2 »'3 •'4 »'io*'oo 

after their discoverers. The four hydrogen Fig. 106. Balmer Series (for 
series with the dates of their discovery Hydrogen), 

and the portions of the spectrum in which they appear are shown 
in Table 88. 

TABLE 88 

Spectral Series of Hydrogen 


(1900) Lyman sKiries (ultraviolet) . . . .* . . n = 1, m = 2, 3, 4 . 

(1885) Balmer scrie.s (visible).. = 2, m = 3, 4, 5 . 

(1908) Paachen aeries (infrared).n « 8, m = 4, 5, 6 . 

(1922) Brackett series (far infrared).n = 4, m = 5, 6, 7 . 


Similar formulas have been evolved for the spectral series of 
other elements, but most of them are very much more complex 
than that for the hydrogen series. Thousands of lines are often 
present in the arc spectrum of a metal like iron, and it is a very 
difficult task to disentangle the different overlapping series and to 
find which lines belong to each. 
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Two other important properties of line spectra should be men¬ 
tioned before we leave the discussion of this subject. In 1896 
Zeeman discovered that if the source of light is put into a strong 
magnetic fields many (but not all) of the usual spectral lines may be 
broken up into doublets or triplets appearing at very nearly the 
same frequency. 

Similarly, Stark in 1913 found that a strong electric field would 
also cause the appearance of a much more complicated pattern of 
lines than the ordinary spectrum. The Zeeman and Stark effects 
have proved important clues as to the architecture of the atom, 
which we will discuss in a later chapter. 


Vacuum Tube Radiations 


For the last hundred years many scientists have studied the 
discharge of electricity through gases at. low pressure. Within the 
last forty years the vacuum tube has proved a veritable Aladdin^s 
lamp. It has enabled us to see through solid walls and to discover 
weakness in steel rails and disease in the human body. In the 
skillful hands of the trained scientist it has yielded up the electron, 
one of the building blocks of all matter. It has enabled us to 
weigh and measure the properties of relatively isolated atoms and 
molecules instead of the myriads which compose the smallest visi¬ 
ble speck of matter the scientist formerly knew. It has thrown 
an unexpected flood of light on the nature of matter and its con¬ 
nection with energy and radiation. 

Cathode Rays. Although many characteristics of the discharge 
of electricity through rarefied gases were determined a century ago 
by that remarkable pioneer, Faraday, a new universe was dis¬ 
covered when Sir William Crookes, the 
English chemist, began to study the 
problem in 1874. Working with the 
much higher vacuum then obtainable, 
he discovered that the glass opposite 
the cathode, or negative electrode, 
glowed with a beautiful fluorescent 
light. An opaque object, such as the Maltese cross in Figure 106, 
placed in front of the cathode casts a sharp shadow on the glass 
behind it. The shape and position of this shadow shows that the 
fluorescence of the glass is caused by a beam of rays emitted from 



Fig. 106. Shadow Cast by 
Cathode Rays. 
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Fig. 107. Focusing 
Cathode Rays. 


the cathode, which are known as cathode rays. These not only 
cause temporary fluorescence but also permanent chemical effects. 
They impart a permanent violet color to a crystal of rock salt on 
which they fall, and cause a similar but more 
intense coloration of a crystal of lithium 
chloride. Since the rays come out perpendicu¬ 
larly from the inner surface of the cathode, 
they can be focused on a small spot by means 
of a concave cathode (Figure 107). Such a 
concentrated beam of cathode rays heats an object placed at the 
focus, and will quickly raise a piece of platinum to incan¬ 
descence. 

Cathode rays are corpuscular and behave in some ways like a 
stream of gas. They will turn a paddle wheel mounted in the tube 

(Figure 108) just as a stream of com¬ 
pressed air or water would do, although 
in producing this effect the mutual re¬ 
pulsion of the gas molecules and the 
vanes of the wheel due to heat is added 
to the mechanical effect of the particles 
themselves. For this reason Crookes spoke of the rays as ‘^radiant 
matter.In other respects they differ from a jet of gas, for they 
are easily deflected by means of a magnet or the electric field be¬ 
tween the plates, P 1 P 2 , of a condenser, as shown in Figure 109. 
The direction in which the rays are 
deflected shows that they must carry 
a negative charge. Experiments by ^ 

Lenard, J. J. Thomson, Hertz, Perrin, t 
and others showed that cathode rays 
were always identical, whatever the 


Fig. 108. Mechanical Action of 
Cathode Rays. 
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Fig. 109, 


Electrostatic Deflec-' 
tion of Cathode Rays. 


material of the cathode, and that they 
evidently consisted of unit negative elec-- 

trie charges. Johnstone Stoney gave them the appropriate name 
electron, which has superseded the earlier designations. 

Quantitative experiments by Sir J. J. Thomson showed that 
cathode rays moved with the enormous velocities of 10,000 to 
90,000 miles per second, depending upon the voltage applied to 
the tube. These speeds are so much greater than those of a rifle 
bullet, mile per second, that they can be compared only to the 
speed of light, 186,000 miles per second. These velocities were 

MGC —30 
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measured by deflecting the cathode rays in a strong electric or 
magnetic field. Obviously, the greater the velocity of the electron, 
the less it will be deflected by a field of given strength. 

Similar experiments fixed the ratio of the charge to the mass of 

the electron, as 1845 times that of the ion of the lightest known 
m 

chemical element, hydrogen. The mass of the electron, at low 
velocities,^ is therefore 0.000546 on the scale of atomic weight, or 
9.00 X 10“28 grams. 

Despite the speed with which they move, cathode rays do not 
penetrate any great thickness of matter. They are completely 
stopped by the glass wall of the discharge tube, but Lenard found 
that they would pass through a very thin windowof aluminum 
foil. Thus they can be studied outside of the vacuum tube in 
which they are produced. The Lenard rays,^^ as they are often 
called, are absorbed in direct proportion to the density of the 
material through which they pass, whether this material be gas, 
liquid, or solid. That is why a light metal, like aluminum, is used 
for the window through which they are transmitted. This type of 
absorption is very different from that of light, which will traverse 
thick plates of glass yet will be reflected completely by a thin film 
of metal. 


Positive R^s (Gas loi^) 


Positive Rays. In 1886 Goldstein experimented with gases at 
low pressures, using a Crookes tube with a perforated cathode 
(Figure 110). He noticed the appearance, behind these perfora¬ 
tions, of streamers of light which he 
called Kanalstrahlen” or caiial rays^ 
y because they passed through the holes 

An ode/ in the Cathode. Wien later showed 

J that these rays could be deflected by a 

m magnetic field, which indicated they had 

^ r both mass and an electric charge. Sir 

Cathode t t rr.i 

Pig. 110. Positive (Canal) Rays. J- J* Thomson also investigated their 

properties very completely and gave 
them the more descriptive name of positive rays, since they always 
carried a positive electrical charge. 


* We must stipulate that the velocity is low in stating this value because, when 
the velocity of a particle becomes comparable with that of light, the value of 

“ decreases in a manner which was predicted by the theory of relativity as being due 
m 

to an increase of mass with velocity. 
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In contrast to the cathode rays, which are all alike, the positive 
rays are different, depending upon the gases present in the tube 
and the conditions under which the discharge is passed. They 
prove to be the gaseous ions formed when the atoms or molecules in 
the discharge tube lose one or more electrons. Atoms like those 
of oxygen can lose one or two electrons, while mercury atoms can 
lose at one time as many as eight electrons, which they may sub¬ 
sequently recapture. The positive rays of mercury may therefore 
carry any charge from one to eight, depending upon the conditions 
under which they are formed. At first sight it may seem strange 
that positive rays can be formed in appreciable quantities in the 
rarefied atmosphere of a ^'vacuumtube; yet even the highest 
attainable vacuum actually contains millions of molecules per cubic 
centimeter. 

Because of their charge, positive rays are accelerated rapidly 
toward the cathode as soon as they are formed. Since they are 
thousands of times as massive as cathode rays, they do not move 
nearly so fast even when they fall through the same electric field. 
Because of this lower velocity they are even less penetrating than 
cathode rays and are easily stopped by thin films of matter or even 
by the molecules of a gas under quite low pressure. Despite 
this fact they may be studied conveniently by much the same 
methods as those applied to the cathode rays. Such a study shows 
us what atoms and molecular fragments are present in the discharge 
tube. More important still, it allows us to measure the actual 
masses of these isolated atoms or groups of atoms, instead of the 
millions of atoms which make up the tiniest trace of matter familiar 
to the chemical analyst. For this reason the subject of positive 
ray analysis^ which we will describe in detail in the next chapter, 
has been one of the most important scientific developments of the 
last quarter century. 

X Rays. Crookes tubes had been known for twenty years, and 
many of the interesting characteristics of cathode rays had been 
demonstrated in various laboratories, without a suspicion of one 
of the most striking properties of the rays. In 1895 W. C. 
Ronlgen of the University of Wurzburg accidentally discovered 
that, under the bombardment of the cathode rays, the glass wall 
of the tube emitted invisible radiations as well as the visible 
fluorescent glow. Since Rontgen was not sure of the nature of 
the new rays, he named them X rays. They are still known by 
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this apt designation, but are sometimes called Rontgen rays in 
honor of their discoverer. 

Although X rays are invisible to the human eye, they darken a 
photographic plate and cause certain characteristic physical and 
chemical effects by which they can be recognized. In most 
respects they are very different from the cathode rays which gave 
rise to them. They are very much more penetrating than cathode 
rays and pass through the glass of the tube as easily as does visible 
light. They will also pass through substances which are completely 
opaque to visible light. A powerful beam of X rays can penetrate 
several inches of lead or several feet of brick. The degree to which 
they are absorbed is almost directly proportional to the density of 
the material through which they pass. 

This property is the basis of the X-ray photography of the human 
body, which is so helpful in modern medicine. When the radiation 
from an X-ray tube passes through the body, the denser bones cast 
a heavy shadow, while the lighter flesh is nearly transparent to the 
rays. A photographic film placed behind the body will be most 
darkened where the most radiation has struck it; hence it will 
show “negative” when it is developed. The bones will appear 
light against the background of the darker flesh. Cavities in the 
teeth appear as darker spots in comparison with the image of the 
teeth. 

Photographs of the alimentary canal are taken by administering 
insoluble barium sulfate in the food of the patient. This salt is 
dense enough to cast a good X-ray shadow and to outline the posi¬ 
tion of the food. Within recent years many chemical compounds 
have been discovered which will be concentrated in particular 
organs of the body and will render them less transparent to X rays. 
By administering these substances, the physician can now take 
X-ray photographs of the organs of the body, which could not 
otherwise be examined directly in this way. He can often dis¬ 
tinguish conditions which otherwise could only be inferred from a 
study of external symptoms. 

In addition to the effects which X rays produce on the photo¬ 
graphic plate, they also cause fluorescence in certain substances 
which they strike. A screen made of powdered willemite (zinc 
orthosilicate, Zn 2 Si 04 ) shows a greenish fluorescence when it is 
exposed to X rays and thus serves to render visible the patterns 
which would otherwise escape the human eye. On such a screen 
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the eye can see immediately the same picture which could later be 
developed upon a photographic plate. These screens are often 
used by physicians who want to follow visually the functioning of 
some part of the body, e,g,, the beating of the heart, when it is 
illuminated by X rays. They are also used in machines which are 
often employed in shoe stores to determine how well a particular 
shoe conforms to the shape of a person’s foot. X rays coming from 
a tube beneath the foot pass through it and cast upon the screen a 
picture which shows exactly the position of the bones of the foot 
and clearly detects any distortion caused by the shoe. 

A recent application of X-ray photography made by Jesse du 
Mond of the California Institute of Technology gives the effect of 
perspective, which is lacking in most X-ray photographs. Two 
pictures are taken simultaneously from slightly different angles. 
They are then viewed simultaneously by means of a suitable 
stereoscope and give the appearance of a transparent solid in three 
dimensions. 

X rays, unlike cathode rays, are totally undeflected by electric 
and magnetic fields. This and other facts soon indicated that they 
might belong to the same category as ordinary visible light, but all 
attempts to determine their wave length by refracting or dif¬ 
fracting them proved unsuccessful for many years after their dis¬ 
covery. 

The refraction of light by a prism already has been described 
(page 438). An ordinary diffraction grating consists of a flat surface 
on which are ruled a large number of very fine parallel scratches. 
One such grating in the possession of one of the authors has 25,100 
lines to the inch. Such a grat¬ 
ing resolves white light into its 
constituent colors, forming a 
series of spectra of different 
orders (n = 1, 2, etc.) on either 
side of an undiffracted white 
spot 0 at which the light would 
be focused by the lens L (Fig¬ 
ure 111) if no grating were 
present. In each spectrum 
the red light (R) is more diffracted than the violet (7). Notice 
that this is exactly opposite to the effect of refraction where the 
red light is less refracted than the violet. The angle a between 



Fig. 111. Illustrating the Diffraction 
Grating. 
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the undiffracted beam and a beam of light of any particular color 
is given by the relationship: 


Bin a = 


n\ 


rays 



where n is the order of the spectrum, X the wave length of the light, 
and a the grating constant, i.e., the distance between successive 
rulings. This equation shows that the diffraction for any particu¬ 
lar wave length depends upon the grating constant. As we go to 
smaller wave lengths (higher frequency) we must use more closely 
ruled gratings to obtain appreciable diffraction. 

Von Laue, in 1912, suggested that X rays could not be diffracted 
by optical gratings because their wave length was so small that they 
were unaffected by even the most finely 
ruled grating which could be constructed. 
He suggested that they might be diffracted 
by the much more closely spaced rows of 
atoms which occur in regular crystals. This 
proved to be the case. The only differ¬ 
ence between a ruled grating and the crystal 
lattice of a salt is that the former is two 
dimensional while the latter is three dimen¬ 
sional. Thus if we compare a ruled grat¬ 
ing and a cubic crystal, like sodium chloride, 
the former consists of one series of lines, while the latter consists 
of successive series of rows of atoms superimposed one atK)ve the 
other. If a beam of monochromatic X rays 
is collimated by the slits S and passed through , . 

a crystal C (see Figure 112) perpendicular to one ^ ‘ ^ 

of the faces, it will be diffracted, and the dif- * / ^ 

fraction pattern will consist of a series of spots • *. .* • 

which may be recorded upon a photographic . 
plate. This method of studying X-ray dif¬ 
fraction was carried out first by Friedrich, Knip- 
ping, and Laue. From the pattern of the 
diagram it is possible to determine the type of crystal which caused 
the diffraction. Thus the Laue pattern in Figure 113 is due 
to a cubic crystal. Photographs of Laue patterns are shown in 
Plate X, facing page 466. 


Fig. 112. Laue Diffraction 
Method. 


Fig. 113. 


Laue Pat¬ 
tern for KCl. 
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Sir W. H. Bragg and his son W. L. Bragg ^ developed a method of 
X-ray spectroscopy, based upon Laue^s discoveries. In their ar¬ 
rangement (Figure 114) X rays generated in the tube T at the 
left are collimated by means of lead slits Si and then fall at a 
glancing angle upon a crystal C, 
from which they are ‘‘reflected,” 
passing through a second lead 
slit S 2 and then through a thin 
aluminum window into a lead- 
sheathed ionizing chamber /, 
which takes the place of the 
telescope in a visual spectro¬ 
graph. The “reflection” of the 
X rays is not like that of light from a mirror but is selective 
due to diffraction of the X rays in the few outer planes of the 
crystal lattice. The angle, 6, at which the first maximum re¬ 
flection is obtained is read from a graduated circle on the spectro¬ 
graph. The value of 6 depends upon the wave length, X, of the X 
rays and the distance, d, between the atomic planes, according to 
the equation: 

X = 2 d sin 0 



Fig. 114. Bragg X-Ray Spectrometer. 


The value of d can be determined for a cubic crystal from the atomic 
volume and Avogadro^s number. Thus in sodium chloride it is 
found to be 2.814 X 10~® cm., or 2.814 A. By the use of such a 
crystal the wave length of any X ray may be determined by means 
of the above equation. By these methods X rays are analyzed as 
readily as visible light. We now know beyond doubt that they 
differ from visible light only in possessing a much shorter wave 
length, or higher frequency. They comprise one region of the 
great energy spectrum (Figure 103, page 441). 

X rays cause extensive ionization in substances through which 
they pass. This is because they possess so much energy that they 
readily knock electrons from molecules, leaving positively charged 
particles behind. This is very pronounced when a beam of X rays 
is shot through an electroscope. 

The gold-leaf electroscope, shown diagrammatically (Figure 115) 
on the following page, consists of a leaf of very thin gold foil, 
(7, fastened at the top to a metal strip, Af, which is supported 

^ Bragg and Bragg, X Raya and Crystal Structure^ London, G. Bell and Sons, 
1915. 
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from a metal bar, B, terminating in a knob or plate. The bar 
is insulated from the case by passing through a plug, P, of amber 
or sulfur. The cyhndrical metal case, C, with glass front and back 
protects the electroscope from drafts. 

When an electrified body is touched to B, the 
gold leaf acquires a charge of the same sign as 
that on the strip M. Consequently the gold 
leaf is repelled from M and stands out at an 
angle. If B is connected to the case, the 
charge is lost and the gold leaf falls back in 
contact with M. If a beam of X rays is passed 
through the electroscope, the gaseous ions 
formed by the X rays striking the molecules of 
gas in the cylinder conduct away the charge 
Fig. 116. Gold-Leaf from the gold leaf, which falls rapidly and very 
Electroscope. becomes completely discharged. 

It was soon found that more penetrating X rays were produced 
when the cathode rays fell upon a heavy metal target instead of the 
glass walls of the tube. Many changes were made in the gradual 
evolution of these tubes. The most modem ones not only are 
more powerful but are also simpler in operation than the older 
tubes. They are more highly evacuated harder tubes, which 
do not depend upon the residual gas to carry part of the current. 
A modern tube of the type designed by W. D. Coolidge of the 
General Electric Co. is shown in Figure 
116. The plain cathode is replaced by 
a flat spiral tungsten filament, P, heated 
by an external battery, P. The heated 
filament emits electrons which are accel¬ 
erated toward the anode by means of a 
potential of about 40,000 volts applied be- ^^8* x-Ray 

tween the anode and cathode. They are 

focused by means of the cylinder, C, which surrounds the filament 
and is connected to it. When the electrons strike the anode, T, 
they give rise to very penetrating X rays, which come off as indi¬ 
cated. In order to dissipate the large amount of heat liberated 
when the cathode rays strike it, the anode is made of a high- 
melting substance, such as tungsten or molybdenum. Sometimes 
also the anode is cooled by means of a stream of water circulating 
through it. 
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X-Ray Spectra and Atomic Numbers 

Early investigators found that an X-ray tube gave rise to radia¬ 
tions which were not all alike but differed in penetrating power. 
Those with high penetrating power were known as Jiard X rays, 
while those which were less penetrating were known as soft X rays. 
The discovery that X rays could be diffracted by the very closely 
spaced rows of atoms in a crystal led to a determination of the wave 
length, or frequency, of the X rays, by which they could be located 
on the same scale as visible light. The hardest rays proved to be 
those of highest frequency. 

When the X rays from a tube are examined in this way, they are 
found to consist of two types: (1) a background of continuous 
radiation, upon which is superimposed (2) a series of lines, which 
are known as the characteristic radiations. These depend upon the 
nature of the anticathode. Like visible line spectra they are 
characteristic of particular elements^ not of the particular compounds 
in which they are found. Experiments show that Fe, Fe 203 , 
Fe 304 , and K 4 Fe(CN )6 all give the X-ray spectrum characteristic 
of iron. The same characteristic spectrum which is emitted as a 
result of electron bombardment also results when X rays of a suit¬ 
able (higher) frequency are focused upon the substance. It is then 
known as the jiuorescent spectrum, since it is analogous to the 
fluorescence observed in the case of visible light. 

The characteristic spectrum of a particular element is found to 
consist of one or more series of lines analogous to the visible series 
which we have already described. The series of lines of the highest 
frequency is known as the K series, while those of successively lower 
frequency are known as the L, ilf, and N series. The K series 
alone appears in the light elements, while the L and M series appear 
successively in the spectra of heavier elements and the N series is 
observed only in the case of a few of the very heaviest elements. 

Compared with tbe visible spectra, characteristic X-ray spectra 
are marked by their extreme simplicity. The K series consists of 
only two prominent lines, the Ka and the the first of which is 
the stronger. The other series show more lines, but even these are 
relatively few compared with the visible spectra of the same ele¬ 
ments. X-ray and optical spectra are nevertheless very similar 
in one respect. The different X-ray series can be cslculated by 
means of the same type of formula which Rydberg found applicable 
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to the visible line series. In the case of any element which emits 
K, L, Af, and N series, these may be calculated by means of the 
formulas: 


K series . 

• • 


a 

- M 

nV 

n = 2, 3, 4 

L series . 

, . 

. v = Q^R[ 

<1 

-i.) 

n == 3, 4, 5 

M series . 


. V = 

<1 


n = 4, 5, 6 

N series . 

• ■ 

. >' = Q^R( 

'1 

.42 

-a 

n = 5, 6, 7 


In these equations, R is the Rydberg constant as before, and Q 
a constant characteristic of the particular element whose X-ray 
spectrum is studied. It differs from one element to another in a 
way which we shall describe presently. 

In 1913-14 the young British physicist H. G. J. Moseley pub¬ 
lished the complete results of a pioneer study of the X-ray spectra 
of thirty-eight different elements. Under the title of “The High 
Frequency Spectra of the Elements,” ^ ho described many of the 
characteristics of these spectra which we have sketched above. In 
addition to this, he discovered a simple relationship underlying all 
the X-ray spectra, which provided a new method of classifying the 
elements and has proved to be one of the most beautiful and impor¬ 
tant generalizations ever to be found in nature. 

Moseley^s apparatus was very much like the Bragg X-ray spec¬ 
trograph ; but he used a special X-ray tube containing a sort of 
movable rack or trolley which could accommodate a number of 
different elements. By moving the rack, any one of these could be 
made the target of a strong beam of cathode rays which would 
cause it to generate its characteristic X-ray spectrum. The rays, 
which were collimated by means of a slit in a platinum plate, then 
fell upon the cleavage plane of a crystal of potassium ferrocyanide, 
which acted as a diffraction grating. The grating constant of this 
crystal was known by a prtwious comparison with a crystal of rock 
salt (cf. page 457), so that the frequency of the X-ray lines could be 
found from the setting of the spectroscope. In practice, the spec¬ 
tra were photographed, and those of different elements were readily 
compared by swinging the desired elements successively into the 
focus of the cathode rays. 

» Phil Mag. (6) 26, 1024 (1913); ibid. (6) 27, 703 (1914). 
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When the spectra of successive elements in the periodic table 
were studied, Moseley found that each followed the same pattern 
but that the frequencies of the corresponding lines became higher 
and higher as he went to heavier 
and heavier elements. This is 
clearly illustrated in Figure 117, 
adapted from a photograph repro¬ 
duced in Moseley's first paper. 

The two strong lines in the spec¬ 
trum of each element are the Ka 
(stronger) and Kfi. Other fainter 
lines are due to impurities. Thus 
the Co spectrum shows the Fea 
faintly and the Nia strongly, in¬ 
dicating traces of these elements in 
the cobalt. The spectra in Fig- 
ure 117 show a regular shift from 

Cu through Ti and an obvious gap between Ti and Ca, which would 
be filled by the spectrum of Sc. The regularity became even clearer 
when Moseley showed how the value of Q in the line series fonnula 
changed from element to element. 

Moseley in his first paper ^ discussed this regularity as follows: 


20 ca 

21 (Sc) 

22 ]] 

23 

24 Cr 

25 Mn 

26 Fe 

27 Co 

28 Ni 

29 Cu 

-•-Increasing r 


discussion will now be given of the meaning of the wave lengths 
found for the principal spectrum line a. In Table 1 [89, page 462] the 
values are given of the quantity: __ 




f ^0 


y being the frequency of the radiation a, and fo the fundamental frequency 
of ordinary line spectra. The latter is obtained from Rydberg’s wave 


number,2 No = = 109,720. The reason for introducing this particular 

c 

constant will be given later. It is at once evident that Q increases by 
a constant amount as we pass from one element to the next using the 
chemical order of the elements in the periodic system. Except in the 
case of nickel and cobalt,^ this is also the order of the atomic weights. 
While, however, Q increases uniformly, the atomic weights vary in an 
apparently arbitrary manner, so that an exception in their order does 


1 Phil. Mag. (6) 26, 1030-1031 (1913). We have changed Moseley s symbol for 
atomic number, N, to Z, to avoid confusion with Avogadro’s nunitx^r. 

3 Moseley used for the Rydberg constant, iVo. ,which we designated as /?, 
a slightly different value from that now accepted, which we gave on page 448. 

’ Cf. Barkla, Phil. Mag., 14, 408 (1907). 
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TABLE 89 

Moseley’s Function (Q) and Atomic Numbers of the Elements* 


Element 

Atomic 

Weight 

Q 

Atomic 
Number (Z) 

Calcium. 

40.09 

19.00 

20 

Scandium. 

44.1 


21 

Titanium. 

48.1 

20.99 

22 

Vanadium. 

51.06 

21.96 

23 

Chromium. 

52.0 

22.98 

24 

Manganese. 

54.93 

23.99 

25 

Iron. 

55.85 

24.99 

26 

Cobalt. 

58.97 

26.00 

27 

Nickel. 

58.68 

27.04 

28 

Copper. 

63.57 

28.01 

29 

Zinc. 

65.37 

29.01 

30 


* From Moseley’s first paper, loc. cit. Some of the values of the atomic weights 
which Moseley used do not coincide with those in current use. 


not come as a surprise. We have here a proof that there is in the atom 
a fundamental quantity which increases by regular stops as we pass 
from one element to the next. This quantity can only l)e the charge 
on the central positive nucleus, of the existence of which we already have 
definite proof. Rutherford has shown, from the magnitude of tlie scatter¬ 
ing of a particles by matter, that this nucleus carries a + clmrge approxi¬ 


mately equal to that of ~ electrons, where A is the atomic weight. 


Barkla, from the scattering of X rays by matter, has shown that the 
number of electrons in an atom is roughly which for an electrically 


neutral atom comes to the same thing. Now atomic weights increase 
on the average by about 2 units at a time, and this strongly suggests 
the view that Z increases from atom to atom always by a single electronic 
unit. We are therefore led by experiment to the view that Z is the 
same as the number of the place occupied by the element in the periodic 
system. This atomic number is then, for H, 1, for He, 2, for Li, 3, . . . 
for Ca, 20, . . . for Zn, 30, etc. This theory was originated by Broek ^ 
and since used by Bohr.'-^ We can confidently predict that in the few 
cases in which the order of the atomic weights A clashes with the chemical 
order of the periodic system the chemical properties are governed by 
2, while A is itself proba])ly a complicated function of Z The very 
close similarity between the X-ray spectra of the different elements shows 
that these radiations originate inside the atom and have no direct con¬ 
nection with the complicated light-spectra and chemical properties 
which are governed by the structure of its surface.’' 


2 Phil. Mag., 26 , 1, 476, 867 (1913). 


1 Phys. Zeit., 14 , 32 (1913). 
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If we take Mendelfeff^s periodic table and beginning with hydro¬ 
gen as number 1 count the elements in the order in which they 
appear, we find that titanium, vanadium, and the others listed are 
respectively the twenty-second, twenty-third, etc., elements in the 
list. These atomic numbers, which represent the position of the 
elements in their natural sequence, are listed in the final column 
of the table above. It is at once evident that the atomic number 
Z is in each instance one unit larger than Q, or: 

Q = (Z — h) where 6 = 1 

From this relationship Moseley saw that he could show his general¬ 
ization in a slightly different way. He plotted the square root 
of the characteristic frequency 
of corresponding lines in the 
X-ray spectra of the different 
elements against the atomic 
numbers of the elements and 
thus obtained a series of points 
which were found to lie along 
a nearly straight line. On such 
a Moseley diagram the position 
of any missing element is 
apparent and from the plot the 
corresponding characteristic 
frequency is easily estimated. 

We can see from Figure 118, 
which has been plotted from 
the data of Siegbahn ^ that the K and also the L and M lines show 
this simple relationship very clearly. 

Moseley studied the spectra of thirty-eight different elements 
from aluminum to gold. Taking the atomic number of aluminum 
as 13, he was able to fix the atomic numbers of all the others. More¬ 
over, the values calculated in this way agreed, without exception, 
with those determined from chemical evidence. The inversions 
noted in Mendelfeff^s table disappeared. In Moseley’s own words: 

“The order chosen for the elements is the order of the atomic weights, 
except in the cases of A, Co and Te, where this clashes with the order of 
the chemical properties. Vacant lines have been left for an element be- 

\ M, Siegbahn, The Spectroscopy of X Rays, translated by G. A. Lindsay, Oxford 
University Press, 1925. The reader is referred to this comprehensive book for 
further details. 



10 20 30 40Z 50 60 70 80 90 
Fig. 118. Moseley Diagram. 
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tween Mo and Ru, an element between Nd and Sa and an element between 
W and Os, none of which are yet known, while Tm [thulium], which 
Welsbach has separated into two constituents, is given two lines. This 
is equivalent to assigning to successive elements a series of successive 
characteristic integers. ... We can therefore conclude from the evi¬ 
dence of X-ray spectra alone, without using any theory of atomic struc¬ 
ture, that these integers are really characteristic of the elements. Further, 
as it is improbable that two different stable elements should have the 
same integer, three and only three more elements are likely to exist 
between A1 and Au. As the X-ray spectra of these elements can be 
confidently predicted, they should not be difficult to find.” 

Moseley’s work allows us to state the periodic law in a way which 
is much more satisfactory than Mendel&ff’s formulation on the 
basis of atomic weights. 

If the elements are arranged in the order of their atomic numberSy 
as determined by their characteristic highest frequency spectray they 
exhibit a periodic similarity in chemical and physical properties. 

Moseley’s work also allows us to fix the possible number of ele¬ 
ments between hydrogen and uranium as 90, and to calculate the 
characteristic X-ray frequency of each missing element. Thus it is 
often possible to prove the presence of a missing element and to 
concentrate traces of it long before it is actually isolated. The first 
element whose discovery was facilitated by the X-ray spectrum w^as 
element 72, hafniumy the X-ray lines of which Coster and von 
Hevesy first detected in zirconium ores in 1923. Later X-ray 
studies of zirconium ores showed that some of them contained as 
much as 30 per cent of hafnium, although the commoner ores con¬ 
tained from 2 to 6 per cent. Its remarkable chemical similarity to 
zirconium, from which it is separated only with great difficulty, 
accounts for the fact that hafnium escaped previous isolation. 

By means of X-ray spectra B. S. Hopkins of the University of 
Illinois was able to prove the existence of minute traces of element 
61 in rare earth fractions containing the neighboring elements 
neodymium and samarium. This element he named illiniumy and 
its discovery completed the list of the rare earth elements. Mose¬ 
ley’s generalization allows us to state this fact with certainty and 
precludes further search for missing elements in this group. With¬ 
out this criterion, it would be extremely difficult to fix the number 
of these elements, all of which are so very similar in physical and 
chemical properties, 
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In addition to the foregoing practical applications, Moseley^s 
results also furnished important information concerning the struc¬ 
ture of the atom. In order to appreciate its significance, we shall 
discuss briefly another type of experiment, 
on the results of which Rutherford postu¬ 
lated ^ the nuclear atom. When a particles 
(swiftly moving 116^“^) from a radioactive 
source R fall upon a thin sheet of matter S 
(Figure 119), most of them pass through 
to the other side; but some are deflected 
from their course or '^scattered.^^ Geiger, 
in 1908, found that elements of high aiomic weight caused greater 
scattering than those of low atomic weight, and that some a 
particles might be scattered through more than 90° so that they 
emerged on the same side of the sheet which they entered. Con¬ 
sidering these and similar experiments Rutherford, in 1911, con¬ 
cluded that the scattering was due to the massive, positively 
charged atomic nucleus, which was very much smaller than the 
volume of the atom. This hypothesis explained why most of the 
a particles were undeflected — they never passed near an atomic 
nucleus (Figure 120). On the other hand, 
some were appreciably deflected, and a 
very few were hurled back almost in the 
direction from which they came. From 
r+z. Rutherford^s mathematical treatment of 




y— the problem, he was able to show that the 

/ \ _^ nuclei carried positive charges equivalent to 

—f —V— about one half the atomic weight. If the 
Fig. lao. Paths of a net nuclear charge was + Zc, it must be 
Particles Atomic balanced by Z electrons arranged outside 

it, since the atom was electrically neutral. 
Rutherford^s calculations showed that the nuclear radius was 
about 10~^2 cm. (10~^ A.). Since the radii of atoms are of the 
order of 10”^ cm. (1 A.), the nucleus takes up very little of the 
atomic volume. The whole atom is much like the solar system, 
and the electrons are often called ‘‘planetary” electrons. 

In 1913, van den Broek suggested that the nuclear charge, Z, 
was exactly equal to the atomic number of the atom, in other 


* These experiments are well and simply described by Briscoe, The Structure 
and Properties of Mailer, New York, McGraw-Hill Book Co., 1935, pp. 146-149. 
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words, that the nuclear charge defined the position of the element 
in the periodic table. Moseley^s work, showing the regular change 
of X-ray line frequencies, provided strong support for van den 
Broek^s ideas. This view has been confirmed by subsequent more 
exact work (see page 521). 

SuMMAKY 

Light may be resolved into a spectrum by means of a spectro¬ 
scope containing a prism or a ruled grating. Spectra may be classi¬ 
fied as continuous, band, or line, and as emission or absorption. 
A particular point in the spectrum may be described in terms of the 
wave length, X, or frequency, y, of the light. The usual units are 
A or fjL. Visible light is only one region of the energy spectrum 
extending from y rays to Hertzian waves. 

Line spectra are characteristic of the atoms of each element and 
may be used to distinguish a particular element. The absorption 
and emission lines are equally useful. Rapid motion in the line of 
sight will change the color of light (Doppler effect). 

Spectral series are characterized by lines which come closer 
together at the high frequency (short wave) end, known as the head 
of the series. The frequency of every line in the hydrogen scries 
is given by the Rydberg formula. 

Discharges through vacuum tubes give rise to (1) cathode rays 
(electrons), (2) positive rays (gas ions), and (3) X rays. X rays 
are electromagnetic, like visible light, but of such high frequency 
that they are not diffracted by optical gratings. They are diffracted, 
however, by rows of atoms in crystals, causing Laue spots. The 
Bragg X-ray spectrometer allows the measurement of wave lengths. 
X rays penetrate matter and ionize gases, discharging an electro¬ 
scope. 

X-ray spectra are (1) continuous, (2) characteristic. Moseley 
showed that the square root of the characteristic X-ray frequency 
is proportional to the atomic number of the element, which was 
identified with the net positive charge on the nucleus of the atom, 
according to Rutherford^s picture. 

The periodic law may be restated in terms of atomic numbers 
rather than atomic weights. 
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CHAPTER 18 

RADIOACTIVITY 


Discovery. The discovery of X rays by Rontgen in 1895 led 
directly to the disclosure of other secrets of nature that were to 
prove enlightening and important — the facts of radioactivity. It 
led to the discovery of a new and unsuspected phenomenon of 
nature, added about forty new names of radioactive substances 
to the list of the elements, and revolutionized our concepts of 
atoms and elements. 

Rontgen noted that the highly penetrating X rays were emitted 
from the luminescent spot on the glass of a cathode-ray tube where 
the cathode rays impinged most strongly. Also he noted that this 
spot was not only fluorescent but phosphorescent as well, i.e , the 
glass continued to glow after the exciting radiation was removed. 
This concomitance of X rays and phosphorescence suggested to 
Henri Becquerel,* in 1896, that phosphorescent substances in gen¬ 
eral might emit this penetrating radiation in addition to the rays of 
visible light. To test the correctness of this hypotlu'sis, he selected 
various phosphorescent substances, exposed them to light, then 
wrapped them in black paper to exclude all light, and placed them 
on photographic plates similarly wrapped in black paper and 
Substance. thus Carefully protected from light rays (Figure 
j 121). After leaving them so exposed in the 
dark for twenty-four hours, he developed the 
plates. Most of them showed no markings 
* whatever — indicating the absence of X radia- 

Fig. 121. Becquerei’s tion — but one of the substances tested did 
Experiment. affect the plate. This was the double salt, 
potassium uranyl sulfate, K 2 U 02 (S 04 ) 2 . 21120 . It was natural to 
conclude, as Becquerel did, that X rays were being emitted by this 
salt. “I thought, then,” said Becquerel, “that it wiis necessary, 
and only necessary, to expose the substance to light to provoke 
this penetrating emission, but a short time later I recognized that 
the emission of the rays was spontaneous and took place even when 
the substance had been completely guarded from any previous 
exposure to light.” Furthermore, he found that whereas the 
1 CompUs Rendus, 122, 420, 559, 1086 (1896). 
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luminescence due to exposure to light in that and other substances 
gradually weakened, the penetrating rays from the uranium 
compound maintained their intensity in a remarkable manner. 
He found, too, on extending his studies, that other uranium 
compounds showed the same peculiar property whether they were 
phosphorescent or not, and that metallic uranium emitted the 
rays more strongly than any of its compounds. 

Inasmuch as these radiations were emitted from a particular 
group of substances, were apparently quite independent of fluo¬ 
rescent phenomena, and were emitted spontaneously and with 
apparently undiminishing intensity, they were given the dis¬ 
tinguishing name of Becquerel rays, renamed two years later, 
by Mme. Curie, radioactive rays. As Becquerel demonstrated, 
they were an atomic property of uranium, depending upon the 
amount of uranium present, not on its state of combination. 

The discovery of this new and spectacular property of the 
element uranium opened up an attractive field for research to the 
rising generation of scientists. Soon there were many workers 
in the field. If uranium was radioactive, might not other elements 
show the same proj^erty? Early in 1898 Schmidt and Mme. Curie 
independently showed that thorium compounds were also radio¬ 
active. 

In 1897 Mme. Curie,^ then a graduate student at the Sorbonne, 
was selecting a subject for her research for the doctorate. At¬ 
tracted by this new field of work, she chose as the subject of her 
research a quantitative comparison of the intensities of the radio¬ 
activity of various substances. She used as a means of measure¬ 
ment the gold-leaf electroscope (page 458, Figure 115), comparing 
the rates of discharge of the charged electroscope when exposed 
under controlled conditions to the radiations from the same amount 
of the different substances under examination. Most of the sub¬ 
stances used were salts and minerals of uranium and thorium. 

‘ “I was born in W^arsaw of a family of teachers. I married Pierre Curie and 
had two children. I have done my work in France.” This was the modest auto¬ 
biography which Marie Sklodowska Curie inserted in her biography of her husband, 
Pierre Curie, to which reference is given at the end of this chapter. It gives little 
idea of the busy and extraordinarily fruitful years of work which resulted in the 
discovery of polonium and radium and many other facts of imt>ortance in the field 
of radioactivity. Born in Poland in 1807, she lived to become professor of physics 
at the Sorbonne, in Paris, and to be twice honored by the award of the Nobel Prize, 
once in physics and once in chemistrv, the only person who has ever been twice the 
recipient of this coveted honor. Although primarily a scientist, she always worked 
for the public good and placed at the disposal of hospitals or institutions oi learning, 
the radium which she isolated as well as that which was presented to her by the 
women of America in 1921. She died in 1934, 
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In the course of this work she made the startling discovery that 
certain uranium minerals, pitchblende (impure UsOs), were 
more intensely radioactive than the pure salts of uranium or even 
metallic uranium itself. Some of the values obtained by Mme. 
Curie, given here as relative intensities only, are shown in 
Table 90. 

TABLE 90 


Radioactivity of Varioub Suustancer Compared 


Urariyl sulfate 

... 0.7 

Cleveito . . . 


1.4 

IVunium . . 

. . . 2.3 

C^halcocite . 


5.2 

Carnotite . 

. . . G.2 

Pitehhliuidc* . . 

. . . 

7.0 


A careful check of the method satisfied Mme. Curie that the 
abnormally great activities of pitchblende, carnotite, and chalco- 
cite were not due to experimental error. It was important and 
significant, too, that synthetic chalcocite, CuoS, was entirely lacking 
in radioactivity. Consequently she was forced to the conclusion 
that there was present in pitchblende an element more strongly 
radioactive than uranium. Mme. Curie and her husband, Pierre 
(yurie, thereupon applied themselves to the task of concentrating 
this hypothetical element. 

Using pitchblende from St. Joachimstahl in Bohemia as their 
raw material, they started a long and tedious series of separations 
by processes of precipitation and crystallization. As the work 
went on, they examined the various crystals and their mother 
liquors quantitatively for radioactivity, using the gold-leaf elec¬ 
troscope to determine whether or not any concentration of the 
radioactive substance was taking place. They were gratified to 
find that such a concentration was indeed noticeable. The radio¬ 
activity was growing more intense, not in one fraction, but in two, 
and they were in a position then to announce the existence of two 
elements, hitherto unknown, more strongly radioactive than 
uranium or thorium. These elements they named polonium, 
announced in July, 1898,^ and radium, announced in December 
of the same year.^ It was significant of the chemical characteristics 
of the new elements that the polonium concentrated in a fraction 
in which bismuth predominated, while the radium concentrated 
with barium. Later work showed unmistakably that barium 

I Comptes Rendus', 127 , 175-178 (1898). ^ Ibid., 127 , 1215-1217 (1898). 
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and radium are very similar chemically and that radium belongs 
properly to the alkaline-earth group of elements. 

Having proved the existence of polonium and radium by their 
radioactive effects, the Curies next set themselves the task of 
satisfying the '^sceptical chymists^' by isolating pure compounds 
of the new elements. In this, also, they succeeded after a long 
and tedious series of operations. From two tons of pitchblende, 
furnished them by the Austrian Government, they finally isolated 
about 0.2 grams of radium bromide, RaBr 2 , and about 0.0004 grams 
of polonium bromide, PoBr 4 . 

Early in the course of this work the radioactivity of the already 
known element, thorium, was established. Its intensity was of 
the same order as that of uranium. Some evidence was obtained, 
too, that still another radioactive element was present in pitch¬ 
blende. This element was detected in the mixture precipitated 
by ammonium hydroxide, that is, in the iron group. A few years 
later Debierne, in Perrin’s laboratory, worked up this fraction 
and discovered actinium. The only American contribution to 
this particular line of development came from the laboratory at 
Yale University. There Boltwood demonstrated the presence of 
an intensely radioactive element in minerals containing thorium. 
This element, announced in 1906, Boltwood named ionium. 
Neither it nor any of its compounds has been isolated. Other 
radioactive elements are known, and some have been isolated, 
but their discovery resulted from the study of radioactive rays. 

Properties of the Radiations. The discovery and study of radio¬ 
activity brought to light properties of a most novel and remark¬ 
able sort. 

(1) Spontaneity of emission, A radioactive substance emits its 
radiations spontaneously and without previous exposure to ex¬ 
citation of any kind. The intensity of radiation seems to be en¬ 
tirely unaffected by the application of heat, light, pressure, or any 
form of energy from outside sources. Very recently, however, 
radioactivity has been induced in the laboratory. This subject is 
discussed on page 547. Also, the intensity of radiation depends 
upon the amount, or concentration, of the radioactive element, 
not at all upon its state of combination. Radioactivity is, then, 
an atomic property^ not in any sense a constitutional property of 
the matter which exhibits it. 

(2) EvolvJtion of light. The evolution of light usually accom- 
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panies the emission of radioactive rays. Radium and its com¬ 
pounds glow visibly in the dark, and even uranium and thorium 
compounds show a faint luminescence visible in the dark if the 
eyes are rested for an hour or so in absolute darkness so that the 
pupils become enlarged. 

0) Evolution of heat. Radioactive materials always liberate 
large quantities of heat. The temperature of a radioactive sub¬ 
stance of considerable intensity is always noticeably above that 
of the surroundings. This evolution of heat may be measured 
quantitatively by means of the Bunsen ice calorimeter, illustrated 

in Figure 122. The space be- 
c tween the walls of the double- 

walled vessel, Ay is filled with 

water, and the attached side- 
ice and water , 1 . , 

tube, which terminates in a 

graduated capillary, C, with 
mercury. The water is frozen 
in part by immersion in a freez¬ 
ing mixture, and the whole 

Fig. 122 . Bunsen Ice Calorimeter. apparatus is thermostated in a 

mixture of ice and water. When 
the inner tube, By is empty, the position of the mercury column 
in C remains practically constant over a long period. When, 
however, a small tube, T, containing a radium salt, or other radio¬ 
active substance, is placed in By a steady and continuous recession 
of the mercury column takes place, due to the melting of the ice 
in the space between the walls, and the consequent contraction of 
the contents of the vessel. By suitable means the measurement 
may be made quantitative. The rate of emission of heat is slow 
but the total quantity emitted is very great in comparison with 
the amount of radioactive substance. From such measurements 
it has been estimated that 1 gram of radium emits a total of 2,000,- 
000,000 calories, a quantity of heat sufficient to raise the tempera^ 
ture of 20,000 liters of water from 0° C. to the boiling point. The 
actual rate of emission is about 132 calories per hour per gram of 
radium. 


mm 




Fig. 122. Bunsen Ice Calorimeter. 


(4) Energy loss. A radioactive substance emits heat, light, and 
radioactive rays. The total amount of energy emitted in all forms 
by a gram of radium is enormous. All of the radiations are 
dependent only upon the quantity of radioactive element present; 
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they are the result of some change within the atom of the radio¬ 
active element. The questions naturally arise: How long can 
a given mass of a radioactive element continue to emit energy? 
Is the energy emitted at a constant rate? The answer to the 
second question is negative; the rate of emission is constantly 
diminishing. In the case of radium, for example, the rate of 
energy emission will fall to one half the initial rate at the end of 
1600 years, to one quarter the original rate at the end of 3200 
years, and so on. The answer to the first question is, then, at least 
theoretically, “infinitely long.'’ The rate of energy loss given 
above applies only to radium. For other radioactive elements 
the rates may be very different from this. The time during which 
a given quantity of thorium loses one half its radioactive intensity 
is much greater than that for radium, about 16,500,000,000 years. 
The time required for any radioactive element to lose one half its ac¬ 
tivity is known as the half-decay period or half life of that element. 
The half life for uranium is about 4,500,000,000 years. The half 
lives of the more strongly radioactive elements are much shorter: 
polonium, 136 days; actinium, 13.4 years; radon, 3.8 days; 
radium A, 3.05 minutes. 

(5) Effect on chemical reactions. Visible and ultraviolet radia¬ 
tions very frequently increase the rate of chemical reactions which 
proceed very slowly in the dark. Sometimes they induce reactions 
in systems which can absorb light of a particular frequency. For 
example, white phosphorus exposed to light changes noticeably 
within a day or two into the red modification, while iodoform 
similarly exposed decomposes, liberating iodine. Photosynthesis 
of sugars from COo and water goes on rapidly in green leaves 
every sunny day. Radioactive radiations have far greater influ¬ 
ence in accelerating and in inducing chemical reactions. They 
change white phosphorus rapidly into the more stable red allotrope, 
liberate iodine rapidly from iodoform, convert oxygen partly to 
ozone, and gradually turn glass violet in color, due perhaps to the 
liberation of sodium and potassium and their presence as particles 
of colloidal dimensions. They even decompose water. Bubbles 
of hydrogen and oxygen rise continuously through a solution con¬ 
taining a little radium salt. 

(6) Effect on the photographic plate. This is merely another 
example of the effect of the radiations on a chemical system, but 
it is one to which special emphasis must be given because of its 
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applicability in the study of radioactivity and radiations. It 
may be recalled that the darkening of the photographic plate in 
Becquerers first experiment gave the first indication of the exist¬ 
ence of these radiations. The change brought about in the 
plate by exposure to the rays is, as far as we know, of exactly 
the same nature as that due to exposure to light. On those parts 
of the sensitized plate exposed to the radiations, the silver bromide 
is partially reduced to silver, and the silver forms in grains of 
colloidal dimensions, which catalyze the reduction of the unchanged 
silver bromide to silver when the plate is immersed in the reducing 
developer; in other words, a latent image is produced which is 
brought out by development in the usual manner. This partial 
reduction of the silver bromide implies, of course, the absorption 
of some of the energy of the radiations by the silver bromide. 

An illustration of the photographic effect of radioactive rays is 
given in Plate VII (facing page 402), which shows a picture of an 
ordinary Welsbach gas mantle, taken by the radioactive rays from 
the thorium in the mantle. 


(7) Nature of the radiations. We have already stated some 
general properties of radioactive substances, due to the radiations 
they emit. Experiments soon showed that these rays were of 
three distinct kinds which differ considerably in their properties. 

This is easily shown by the following experi- 
I = 3 ment: 

oT y 

\ / If some radioactive material be placed in a 

_J / 1+_ hole bored in a lead block B (Figure 123), the 

Q rays will be absorbed or stopped in all direc- 

tions except that of the bore. By means of 
suitably placed lead screens and slits, S, a narrow 
beam of radiations may be obtained. This beam 
is allowed to pass perpendicularly through a 
strong electrostatic field applied between the 
of^kadioactivrRay^ plates of the condenser, C, and finally falls 
on the photographic plate, P. The electric field 
separates the rays into three distinct kinds. Some are slightly but 
definitely deflected towards the negative pole and are known as the 
alpht (a) rays, others are much more strongly deflected away from 


the negative and towards the positive pole and are designated as 
beta (0) rays, the third are quite unaffected by the electrical field 
and are known as the gamma ( 7 ) rays. 
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The a rays are attraxsted towards the negative pole and are 
relatively slightly deflected from their course by the electrical 
field; they are composed, therefore, of particles which are charged 
positively and are of a mass much greater (nearly 8000 times greater) 
than the mass of the ^ particles. The work of Mme. Curie, Sir 
William Ramsay, Frederick Soddy, and Lord Ernest Rutherford ^ 
established the fact that they are particles of helium, not neutral 
atoms but doubly positively charged helium ions, He’^'^. In 
1902 Rutherford called attention to the fact that helium is almost 
invariably found enclosed in radioactive minerals and suggested 
that in some manner it must be produced in the radioactive 
process. This was definitely proved by Ramsay and Soddy in 
1903. They collected the gas evolved spontaneously from a 
solution of radium bromide, recombined the hydrogen and oxygen 
set free by the action of the radiations on the water itself, trans¬ 
ferred the one small bubble of residual gas to a Geissler tube, and 
examined it with the spectroscope. They observed in its proper 
position the characteristic orange line of helium although, as was 
realized later, the bubble of gas obtained was not entirely helium 
but chiefly radon. 

It remained for Rutherford ^ and Royds to show that the a par¬ 
ticle is in fact the helium atom carrying two positive electrical 
charges. They enclosed a radioactive substance in a small tube of 
very thin glass, not more than 0.01 mm. in thickness, through which 
it was known that the a particles would pass. This small tube was 
enclosed within a thick-walled glass tube, which was evacuated. 
From time to time tbe gas in the evacuated outer tube was exam¬ 
ined spectroscopically. During the first twenty-four hours no 
helium whatever could be detected; after two days the orange 
helium line, Ds, was faintly discernible; after six days this line 
had become very distinct, and all of the stronger lines of the 

* Pre-eminent among the many scientists who have devoted their efforts to the 
study of radioactivity stands Ernest Rutherford, Born at Nelson, New Zealand, 
in 1871, he was educated at Nelson College and the University of New Zealand. 
In 1894 he was awarded an 1851 Exhibition scholarship, which he held at Trinity 
College, Cambridge. In 1898 he was appointed professor of physics at McGill 
University, Montreal, wdiere during the following nine years he made many of his 
most brilliant discoveries in the rapidly developing field of radioactivity. In 1907 ho 
became professor of physics at Manchester and remained there until 1919, when he 
was called to Camliridgo as professor of experimental physics and director of the 
Cavendish Lalxiratory. A brilliant experimenter and a keen thinker, he has con¬ 
tributed many of the studies fundamental in radioactivity and atomic structure. 
In 1908 he was awarded the Noliol Prize in Chemistry. In 1914 he was knighted 
and in 1931 had liestowed upon him the hi^ifher title of Baron Rutherford of Nelson. 
Lord Rutherford is still one of the most active w'orkers in the field of nuclear physics. 

Mag., (6) 17, 281, 1909. 
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helium sp)ectrum could be seen. This experiment proved con¬ 
clusively that the helium was emitted during the radioactive 
change and that as the change went on the amount of the gas 
increased continuously. 

We must not suppose that the terms helium ions” and 
particles” are quite s 3 rnonymous. They differ in one respect. 
The a particles are helium ions shot out by a radioactive atom 
with a velocity of about 10,000 miles per second. Upon impact 
with glass or other matter the energy of this motion is lost, elec¬ 
trons are acquired, and the a particle becomes a helium atom 
with no motion except that of any other gas molecule. 

The rays are deflected from their course to a much greater 
extent than are the a rays, and they are repelled by the negative 
pole. They must therefore be of much less mass than are the 
a particles, and they must be negatively charged. It has been 

shown, in fact, that the actual mass of a /3 particle is about —^ 

1845 

of that of the hydrogen atom, or about 9.00 X lO-^s gram. 
The particle is identical in nature with the cathode ray particle. 
In fact, rays differ from cathode rays only in their source and 
velocity. In general, the velocity of the ray, from 30 per cent 
to 99 per cent that of light, is much greater than that of the 
cathode ray. The velocity of the ^ ray depends upon the radio¬ 
active atom which is its source; that of the cathode ray depends 
upon the voltage in the evacuated tube in which it is produced. 
Apart from their motion both particles are identical in all respects 
with the particle of negative electricity, the electron. 

The 7 rays, as we have seen, are unaffected by an electrical or 
a magnetic field. So far as it has been possible to determine, 
they are identical in nature with X rays, differing from them only 
in source and in wave length, not in velocity. A comparison of 
wave lengths is given in Table 91. 

TABLE 91 

Wave Lengths of y Rays, X Rays, and Light 


Longest visible light . . 

Shortest visible light. . 

Longest ultraviolet rays 
Shortest ultraviolet rays 

X rays . 

y rays . 


8 X 10-6 cm. 
4 X 10 6 cm. 
4 X 10“6 cm. 
1 X 10-« cm. 
10-6 - io-i» cm. 
10-» - 10~io cm. 
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Some evidence that 7 rays may be diffracted and reflected like 
light and like X rays has been obtained in the case of the “softer/^ 
i,e.y longer, rays; but in general little success has been met along 
these lines. Apparently the atomic gratings in crystals are too 
coarse, the distances between the atoms in a crystal being at 
least 100 times the wave length of the ray and hence unable to 
diffract the ray. 

( 8 ) Ionization of air. A remarkable property of radioactive 
rays is their ability to ionize the air or other gas through which 
they pass. That is, they bring about, by some means, the removal 
of one or more planetary electrons from the atom of nitrogen or 
of oxygen or whatever the gas may be, thus producing an ion 
of oxygen or of nitrogen or of some other gas. This ionization 
may be detected by two simple and easily applied methods: 
first, by the discharge of a charged electroscope and, second, by 
the direct observation or by the photographing of fog tracks in 
supersaturated water vapor. 

The gold-leaf electroscope has already been described and illus¬ 
trated (page 458, Figure 115). When it is given an electrostatic 
charge, the gold leaf stands out at an angle from its support. If, 
now, a radioactive substance is brought into the neighborhood of 
the instrument, the air becomes ionized, the charge leaks off, and 
the gold leaf slowly collapses. The more ions present in the air, 
other things being equal, the more rapidly will the electroscope 
discharge; the more intensely radioactive the substance under 
examination, the greater is the extent of ionization; hence, by 
controlling conditions, the rate of collapse of the gold leaf may be 
taken as a quantitative measure of the intensity of radioactivity. 
It was so used by Mmc. Curie. The gold-leaf electroscope has 
proved extremely useful in the study of radioactivity, for the 
detection of radioactivity in a given substance, and also for the 
quantitative comparisons of radioactive intensities of different 
substances. On several occasions also it has proved invaluable in 
locating radioactive materials that, in the course of the day^s work, 
have been misplaced. Cases of this type have been reported 
from the Bureau of Standards, from hospitals, and from other 
places where radioactive materials are in daily use. 

An ingenious application of the ionization of air by radio¬ 
active rays is the removal of the electrical charges generated by 
rubbing or brushing on the parts of an analytical balance. Such 
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charges alter the apparent weight of a substance by several hun¬ 
dredths of a milligram. For very accurate analytical work, 
work ‘‘of atomic weight accuracy,” an error of this magnitude 
is intolerable. If a tube containing a little radium bromide or 
other radioactive substance is placed in the balance case, the air 
is ionized, any accumulated charges leak away in a few minutes, 
and the error due to such a cause is eliminated. 

The second method of studying the ionization due to radio¬ 
active rays is by means of fog tracks. If air saturated with water 
vapor is suddenly cooled, it will become supersaturated; and if 
conditions are favorable, it will form a fog — a colloidal suspension 
of minute water droplets. The formation of a fog requires the 
presence of some nuclei in the air to start the drop formation. 
The nuclei may be dust particles or gaseous ions. Fog is con¬ 
veniently formed by taking air saturated with water vapor and 
cooling it by allowing it to expand suddenly. Thus if a flask 
containing air saturated with moisture is connected to an evacuated 
bulb, a fog will be formed in the flask. If, however, the air in this 
flask is carefully filtered, so as to remove all dust particles, no gen¬ 
eral fog will form. C. T, R. Wilson, in 1912, found that if gaseous 
ions are admitted to the vessel, fog drops will condense upon them, 
apparently because the gaseous ions attract water molecules and 
thus form nuclei for fog droplets. Wilson developed the “cloud 
chamber” based on these principles by which he was able to view 
and photograph the tracks caused by individual radioactive rays. 
The cloud chamber has been improved and used by Shimizu, 
Blackett, Harkins, Perrin, and their collaborators to study radio- 
^ active rays. One form of the apparatus is shown 
“ Cb schematically in Figure 124. A heavy glass 

'-c plate. A, is fastened on over the end of a metal 
cylinder, C, by means of clamps, which are not 
shown. The joint is made tight by a suitable 
Fig. i2f Wilson- f?asket B, The “cloud chamter,” containing 
filtered air saturated with moisture, is closed at 
the bottom by the piston, D, By means of a 
suitable mechanism this piston is suddenly pulled down, causing an 
expansion and the formation of fog tracks along the path of the 
radioactive rays emanating from a source of radioactive material 
at R. The fog tracks reflect light and so are easily observed with 
the eye; also they may be photographed. Photographs of fog 


Cloud 
R Chamber 


u 
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tracks have been extraordinarily important in the study of the 
minutiae of matter, giving us, for example, the first indication 
of the transmutation of the elements by a-ray bombardment; 
they have given, too, interesting evidence of what happens when 


an a particle collides directly with a gas 

molecule. In Figure 125 such fog tracks —--- a tracks 

are illustrated diagrammatically. Actual ' V. 


photographs of fog tracks are shown in 
Plate XI (facing page 482). 


0 tracks 


These fog tracks not only demonstrate pig. 125 . Fog Tracks, 
that gaseous ionization takes place but 


also show the extent and nature of the ionization due to the 


different kinds of radioactive rays. The fog tracks due to 0 
rays are weak and irregular, because the light rays bounce 
about from collisions with gas molecules. Tracks of 7 rays arc 
even weaker, most of the ionization being caused by electrons 
liberated by the 7 rays. The fog tracks due to a rays are hca\^, 
distinct, nearly straight lines, which often show bends near the end 
of their course, due to collisions with gas molecules. 

The a rays from a particular source all travel practically the same 
distance under the same conditions before they lose their mo¬ 
mentum and become gas molecules. This distance is known as 
the range. Thus the range of a rays from radium in air at 15° C. 
is 3.39 cm. Other substances have other characteristic ranges, 
varying from 2.73 cm. for III to 8.62 cm. for thorium C'. In 
general, the substance with the shortest half life emits a rays with 
the longest range. 

The range of the a particles in air may be determined readily 
by the measurement of fog tracks, by measurement of ionization 
at varying distances, or by the production of scintillations on a 
fluorescent screen. This measurement has had an important 
bearing upon the study of transmutation of the elements when 
subjected to a-ray bombardment. The ranges in air, at standard 
pressure and 15° C., of a particles shot out from various substances 
are given in Table 92. 

An examination by the fog-track method would show that practi¬ 
cally all of the a particles shot out from a single radioactive material 
lose their energy of motion at exactly the same distance from their 
source. In some cases, however, more than one range is associated 
with what is considered a single substance. Thus radium C, 
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TABLE 92 

Rajioeb of a Pahticlbb from Various Radioactive Sources 


Source 

Range 

(Cm. in Air at 15® C.) 

Uranium I. 

.2.73 

Radium. 

.3.39 

Radium C' .... 

.6.97 

Thorium. 

.2.90 

Thorium C .... 

.4.79 

Thorium C' . . . . 

.8.62 


thorium C, and actinium C all yield relatively few long-range 
(9 to 11 cm.) rays in addition to the usual shorter-range rays. 
Of every 10,000 a rays for thorium C, 9,999 have a range of 
4.79 cm.; while the remaining one has a range of 11.3 cm. A 
beautiful illustration of the sharpness with which the fog tracks 
define the ranges of a particles is given by Harkinses photograph of 
the tracks of a particles from thorium C and thorium C' reproduced 
in Plate XI (facing page 482). 

(9) Penetrating power of the rays. The three rays differ widely 
in their ability to pass through matter. The 7 rays are far more 
penetrating even than the X rays because of their shorter wave 
length. Other things being equal, the longer the wave length of a 
ray, the more readily it is absorbed by matter. Beta rays are 
only 1 to 10 per cent as penetrating as 7 rays but about 100 times 
as penetrating as a rays.^ Thus a sheet of aluminum foil or mica 
0.06 mm. thick or a sheet of writing paper will absorb the a rays 
completely. Beta rays will pass through such a foil as if it were 
a window but arc stopped by 5 mm. of aluminum or 1 mm. of lead. 
Gamma rays will pass through the aluminum or lead, but will be 
95 per cent absorbed by 25 mm. of lead. 

Other things being equal, the distance which the rays will travel 
in a particular medium depends on the density of the medium. 
The stopping power of any atom is nearly proportional to the 
square root of the atomic weight, as Bragg and Kleeraan first 
pointed out. An a particle with a range of 4 cm. in air has a range 
of only 0.04 mm. in aluminum and less than 0.004 mm. in lead. 

( 10 ) Production of fluorescence. All three kinds of radioactive 
rays produce fluorescence when they impinge upon certain sub- 

^ Rutherford, Radioactive Substances and Their Radiations, 1913, p. 117. 
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stances, such as calcium sulfide, zinc sulfide, and calcium tung¬ 
state. The use of radiothorium mixed with zinc sulfide on 
luminous watch dials, compasses, fish hooks, and the like, is a 
well-known application of the effect. The blue fluorescence of a 
diamond under the influence of the rays has proved to be an 
almost certain test for the stone; no glass has been made that 
can imitate it. The color of the fluorescence depends upon the 
substance. For instance, willemite, a zinc silicate, fluoresces 
green; kunzite, a silicate of aluminum and potassium, red; and 
zinc blende, the natural-occurring zinc sulfide, green. If a tube 
containing a radioactive substance is placed in front of the closed 
eye in a dark room, it causes a sensation of general luminescence 
due to fluorescence in the membrane of the eye. This glow is 
visible even to a blind person, provided the retina and optic nerve 
are unimpaired. 

Fluorescence due to p and 7 rays is general, z.e., distributed over 
the fluorescent substance. In the case of certain fluorescent sub¬ 
stances the effect of a particles is very different. Each a particle 
as it hits the fluorescent substance causes the evolution of a single 
flash of light — a scintillation. By counting the flashes on a zinc 
sulfide screen, the actual number of a particles bombarding it 
can be determined with ease. This effect can be observed very 

nicely in the spinthariscope invented by _ l 

Crookes (Figure 126). Alpha particles 

thrown off from some radioactive substance 

supported on the point, P, collide with a 

zinc sulfide screen, causing scintillations Fig. 126 . Crookes» 

which are observed through a magnifying Spinthariscope. 

glass, L. The actual rate at which a particles are emitted has 
been determined in this way. The number of a particles expelled 
per gram of radium has been found to be 37,200,000,000. 

( 11 ) Physiological effects. The fact that radioactive rays exert 
pronounced physiological effects was brought to light accidentally 
and in a very striking manner. M. Becquerel had a small quantity 
of radioactive material sealed up in a small glass tube which he 
carried in his vest pocket for some time in order to show it to his 
friends. After a few days he noticed a red, inflamed spot on 
the skin; this later developed into a painful sore that healed very 
slowly. M. Curie found that an eight-minute exposure to the 
rays is sufficient to cause a reddening and inflammation of the 
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skin which does not appear at once but only after several weeks. 
A longer exposure produces the same effect in a shorter time. 

Although short exposures have been found decidedly beneficial 
in the treatment of certain skin diseases, overexposure of the skin 
or tissue is extremely harmful. Painful and sometimes fatal 
ulcers develop as a result, due probably to the rays. In the 
treatment of cancer with radioactive material, it is chiefly the 
highly penetrating y rays, and, to a lesser extent, the p rays that 
come into play, since the a rays barely penetrate the skin. The 
effect of the rays in this treatment is apparently to inhibit cell 
division, rather than to kill germs. Germ cells are, however, 
highly sensitive to the rays; and if not actually killed by the 
exposure, they at least have their development seriously inhibited. 
In the case of plants a short exposure to the rays usually has the 
effect of stimulating growth; an overexposure either kills the 
plant or retards development. 

The Nature of Radioactive Change. (1) Disintegration theory. 
We have already seen that during radioactive changes material 
bodies (a and 0 rays) are given off by the radioactive substances. 
The change is an atomic one, different from any chemical change, 
since it cannot be affected by heat or cold or pressure. Intensive 
research developed a maze of facts which seemed at first confusing 
and puzzling. Metal plates placed near a radioactive source 
acquired ‘^inducedradioactivity, which lasted for a few hours. 
Active gases, or emanations,were discovered, and new radio¬ 
active substances were found, many of a very fleeting nature. 
Finally, in 1902, Rutherford and Soddy advanced the hypothesis 
that radioactive changes were atomic disintegrations in the course 
of which a and P particles were thrown out by explosions of the 
atomic nuclei. These disintegrations led to the formation of new 
elements, which usually were also radioactive. This theory, 
revolutionary as it seemed when it was first put forward, has been 
entirely successful in interpreting all the Complicated experi¬ 
mental facts of radioactivity and is universally accepted at the 
present time. 

It is well known that radium emits a rays, but how complete is 
the atomic disintegration? How many a particles are emitted by 
each exploding atom? Since the atomic weight of helium (and 
hence of each a particle) is 4, the loss in weight during any radio¬ 
active change should be 4 per a particle emitted. If we assume 
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that each radium atom loses only one a particle, then it should form 
an atom of another, lighter element with an atomic weight 4 less 
than that of the radium atom (226). The new element therefore 
should have an atomic weight of 222. Is such an element produced 
from radium by this spontaneous change ? It was a most thrilling 
discovery that such a new element was produced — a gas, first 
known as radium emanation^ later called niton^ and now officially 
designated radon. Ramsay,^ working with less than 1 cu. mm, of the 
gas (which, incidentally, was continually undergoing radioactive 
change and diminishing by one half every 4 days), determined the 
molecular weight of this new element by measuring the rate of its 
diffusion through a small aperture. Although the radon was mixed 
with other gases, Ramsay was able to apply Graham’s law of diffu¬ 
sion and by assuming that the gas was monatomic obtained the 
value 222 for the atomic weight of radon — the predicted value. 
Ramsay also examined the chemical properties of radon as far as 
he could with the small quantity available. He noted its extreme 
inertness; this placed it in the zero group of the periodic table along 
with helium, neon, and argon, all of which are monatomic gases. 

If the radioactive changes are classed as chemical changes, 
although of a decidedly unconventional sort, the disintegration of 
radium may be represented by the equation: 

Ra —Rn + a + 2 € 

Or, as a summation that is practically the same: 

Ra — Rn + He 

This case illustrates the disintegration theory of radioactive 
change, proposed by Rutherford and Soddy. This theory is simply 
that radioactive change is a process of ^^iegradation” or disintegra- 

* William Ramsay, one of the most versatile of modern scientists, was bom in 
Glasgow in 1852. Educated at the universities of Glasgow, Heidelberg, and 
Tiibingen, with organic chemistry as his major field, he entered upon a teaching 
career at Glasgow in 1873. Six years later he moved to Bristol, and there, in spite 
of a hea\ry teaching load, soon attracted attention by his brilliance in research. 
After five years at Bristol he was called to the professorship at University College, 
London, and there he remained until his retirement in 1912. Although active 
along many lines, liis most important contributions were the discovery of the rare 
gases of the atmosphere (he added an entire group to the periodic table), the Ramsay 
and Shields surface tension equation, and facts of importance in the field of radio¬ 
activity — particularly the identification of radon as a member of the lero group of 
the periodic table and the determination of the atomic weights of radium and radon. 
His attempts to show that nonradioactive elements could be transmuted resulted 
less happily. Among the many honors bestowed uix>n him was the Nobel Prize 
in Chemistry in 1904. Fittingly the Nobel Prize in Physics was given at the same 
time to Lord Rayleigh, his ooworker in the research that led to the discovery of the 
rare gases. He died in 1916. 

MGC— 32 
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tion of the atoms of the radioactive elements into simpler atoms 
due to the loss of a particles as one type of change and to the loss of 
0 particles as another type. The 7 rays accompany the other 
rays; but as they are wave energy entirely, their emission rep¬ 
resents no change in material constitution. The disintegration 
theory accounts for the large number of radioactive elements, 
which are formed by successive disintegration in regular series. 
According to this theory, one atom of radium breaks up into one a 
particle and one atom of radon; the radon in turn disintegrates 
into one a particle and one atom of radium A, a solid element; 
radium A into another solid element, radium B, and one a particle; 
radium B loses, not an a but a particle, forming the new element 
radium C; and so on. Radium itself is a descendants^ from some 
heavier element; in fact, its ultimate “ancestor” is the well- 
known element uranium. 

(2) Radioactive decay curves. According to the disintegration 
theory the half life (the period of time during which the radio¬ 
activity of a given mass of a radioactive element falls to half its 
initial intensity) represents actually the time during which half 
of the quantity of the element has disintegrated. Thus the one 

gram of radium presented to Mme. 
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Timfi-idiays) 


Fig. 127. Radioactive Decay 
Curve for ThX. 


Curie in 1921 by the women of the 
United States will actually have di¬ 
minished in quantity to one-half gram 
by the year 3521. 

According to this hypothesis each 
radioactive atom has a certain tendency 
to disintegrate. The number of atoms 
of a given material which disintegrate 
in unit time will therefore be pro¬ 
portional to the number of atoms which 
are present at any time. It is then a 


simple matter to show that the fraction 


of the original number of radioactive atoms which remain at any 
subsequent time t is given by the equation: 



where X, the radioactive constant, is a measure of the inherent 
tendency of the atom to disintegrate. Since the intensity, /, of 
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ionization caused by a pure radioactive substance is proportional 
to the number of atoms disintegrating, it follows that: 

— In™ = \t or ~ 

/o io 

where Jo is the original ionization intensity.^ 

If we plot I against time, i, for any simple radioactive substance, 
we obtain a logarithmic curve of the type shown in Figure 127. 
The time required for the intensity to 
fall to half its original value is the half 
life, //. Its value is easily shown ^ to be 

IJ = If a radioactive product is 



0 4 8 12 16 20 24 26 

Time in years 
Complex Decay 
Curve (for MeXh I and RaTh). 


formed, it will also cause ionization which 
starts at zero and increases with time as 
more of it is formed. The radioactive 
decay curve for a series of elements is ^2?. 
therefore more complicated than that for 
a single element, and is made up of a number of curves superposed 
upon each other. The particular case illustrated in Figure 128 is 
that of mesothorium I and radiothorium.® 

(3) Radioactive equilibrium. Whenever there is a series of 
radioactive substances formed successively from a primary source 
which is a long-lived element, after a sufficient length of time 
all of the successive products will be formed, and each will be 
present in the substance in a constant quantity. This state of 
affairs is known as radioactive equilibrium and is due to the fact 

^ The complete derivation of the foregoing equations is a simple matter. The 
d V 

rate of disintegration- y, is proportional to the number of atoms, N, or, ex- 


= XV 


dt 

pressed as a differential equation ; 

dt 

where X is known as the radioactive constant. Rearranging terms gives: 

■jf - ^ 

This may be integrated, giving: 

— In JV = X/ 4- const. 

The constant is evaluated by noting that initially t = 0 and the constant = 
— In No, where No is the initial number of radioactive atoms. Hence we may 
write in general: 

— In ^ s= X< or = a 
No No 

2 By substituting / = ™ in — In — = X< and changing from natural logs (In) 
2 Jo 

to logs to the base 10 (log). 

* Rutherford, Radioactive Substances and Their Radiations, pp. 440 et scq. 
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that the amount of each product decomposing is limited by the 
amount which is formed. The two tendencies balance each other, 
and if the substance is formed at a constant rate, which is nearly 
true if the parent substance decomposes slowly, it must be present 
in a constant percentage. 

In accordance with this conclusion a given quantity of uranium 
naturally should be in contact with a definite quantity of radium 
produced from it and not yet further disintegrated. That is, the 
Ra: U ratio in minerals containing the two should be constant. 
Table 93 includes data which show that this is actually the case. 
The ratio in six out of the eight minerals listed is almost exactly 
3.3 X 10“M. 


TABLE 93 

Radium-Uranium Ratio 


Mineral 

Locality 

Uranium, 
Per Cent 

Ratio Ra : U 

Chalcocito. 

Saxo 11 V 

39.8 

1.8 X 10”^ 

Carnotite. 

Colorado 

16.0 

2.3 ” 

Chalcocite. 

Germany 

28.8 

3.1 ” 

Cleveite. 

Norway 

.54.9 

3.3 ” 

Thorianite. 

Ceylon 

18.6 

3.5 ” 

Pitchblende. 

St. Joach. 

46.1 

3.2 ” 

Broggerite. 

Norway 

63.9 

3!3 ” 

Fergusonite. 

Norway 

6.3 

3.5 


(4) Radioactive series. An intensive study of all known radio¬ 
active substances has shown that these can be divided into three 
distinct seriesy named from their ''ancestor'' or "parent substance'^ 
the uranium series, the thorium series, and the actinium series. 
The actinium series is probably a branch of the uranium series, but 
the exact relationship is not clear. 

The entire system of radioactive disintegration as now accepted 
is shown in Table 94, which comprehends many facts regarding the 
radioactive elements and merits careful study. Some of the impor¬ 
tant facts represented or implied are: 

The loss of an a particle causes a decrease in atomic weight of 
4 units and at the same time a decrease in atomic number of 2 
units; these changes are due to the fact that the a particle emitted 
has a mass of 4 units and a positive charge of 2 units and that it 
comes from the nucleus of the atom. 
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The loss of a jS particle causes no appreciable alteration in 
atomic weight; but, inasmuch as it entails the removal of one 
electron from the nucleus, the positive charge on the nucleus 
increases by 1 unit; hence the atomic number increases by 1 unit. 

These relationships were worked out independently by Fajans 
and Soddy, in 1913, and have been combined into the generaliza¬ 
tion known as the Soddy-Fajans rule, which may be stated thus: 

When an a particle is expelled from a radioactive element^ the 
element produced lies in the second group to the left in the periodic 
table; when a particle is expelled, the element produced lies in the 
next group to the right in the table. 

This rule is easily remembered in terms of the modern theories 
of nuclear structure. The loss of an a particle, consisting of 2 
protons and 2 neutrons {p^n^, means a. loss of 4 units of atomic 
weight and of 2 in atomic number. The loss of a ^ particle means 
that one neutron has changed to a proton and an electron, which 
is ejected as the ray. This causes an increase of 1 in atomic 
number and no change in atomic weight. The arrangement is 
illustrated in Figure 129, which shows the first three transformations 



Fig. 129. Radioactive Disintegrations in Terms of Nuclear Structure. 


in the uranium-radium series. When UI loses an a particle, its 
nucleus goes from an atomic number of 92 to 90, and its atomic 
weight falls from 238 to 234. The nucleus of UXi which is formed 
has only 90 p and hence can hold only 90 external electrons. Two 
of the 92 electrons of the original UI leak off to the surround¬ 
ings. When the UXi emits a ^ ray, one proton is formed from a 
neutron in the process, giving 143 n and 91 p, hence an atomic 
number of 91. The atomic weight remains unchanged at 234. 
The nucleus of UX 2 having 91 p can hold 91 external electrons; 
hence it acquires an electron from the surroundings to make up for 
the ray emitted. The disintegration of UXg follows in exactly 
the same way. 
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Different atoms of the same element may disintegrate in more 
than one way, giving rise simultaneously to two or more different 
elements, e.g., RaC, AcC, and ThC. However, such branching in 
the radioactive series is rare; usually only one product is formed. 
Several elements in the different series have the same atomic 
number and hence occupy the same position in the periodic table. 
These are known as isotopes — UXi, lo, RaAc, Th, RaTh, are 
all isotopes. They have almost identical chemical and physical 
properties even though their atomic weights differ. Also, several 
elements may have the same atomic weight; but since they have 
different atomic numbers, their chemical and physical properties 
differ. These are called isdbares; e.g., UXi, UX2, and UII are 
isobares. 

The end products of all the disintegration series have atomic 
numbers of 82, and hence are isotopes of lead. 

Chemistry of the Radioactive Elements. The total number of 
known radioactive elements is about 40. Of these only a few exist 
in sufficiently large quantities or can be purified sufficiently to per¬ 
mit the actual study of their chemical and physical properties. In 
this section, consequently, only a few of the forty will be dealt with, 
and these only briefly; for a full discussion of the subject reference 
may be made to the larger treatises on radioactivity. 

(1) Uranium. Uranium, element number 92, is the element of 
highest atomic weight among the known elements. Although 
many of the elements of high atomic weight are rare, uranium is 
hardly so classifiable. The quotation of $4.00 per pound for 50 per 
cent ferro-uranium and $5.50 per pound for C.P. uranium nitrate 
indicates that it is neither rare nor difficult to procure. Some of 
the chief uranium-bearing minerals are pitchblende or uraninite, 
80 per cent UsOs, carnotite, 65 per cent UaOs, chalcolite, U 3 (P 04 ), 
and cleveite, UaOs. Most thorium minerals also contain some 
uranium. Uranium belongs in the same periodic group as chro¬ 
mium, molybdenum, and tungsten ; and its properties are indicated 
by its position. It is the most strongly electropositive element of 
the group, exhibits various valences, and forms either green or 
yellow salts. UO 2 is basic but UO3 is amphoteric, dissolving in 
bases to form uranates and in acids to form salts of the uranyl ion, 
(U02)"^'*". The element is metallic in appearance and is very hard. 
It may be prepared by the electrolysis of a uranium salt solu¬ 
tion. 



CHEMISTRY OP THE RADIOACTIVE ELEMENTS 491 

(2) Thorium, Like uranium, thorium has been known for a 
long time, having been discovered by Berzelius in 1828. Its atomic 
weight is 232.12. Thorium, with a valence of 4, belongs in the peri¬ 
odic table grouped with titanium, zirconium, and hafnium. It is 
found in a number of minerals but in only three in sufficient quanti¬ 
ties for working. These are thorite, mainly ThSi 04 , thorianite, 
chiefly ThOa, and monazite, which is the most important source 
of thorium compounds. Monazite, found in Brazil, Norway, and 
North Carolina, is made up chiefly of silica and the phosphates of 
cerium, lanthanum, praseodymium, neodymium, and thorium. 
Large quantities of monazite are worked in the gas mantle industry, 
the mantle consisting of 99 per cent ThOa and 1 per cent CeOa. 

Thorium is a heavy, metallic element with a density of 11 and a 
melting point of 1845° C. Its salts, e.g.y the nitrate, decompose 
readily on heating, forming the oxide. Thorium and its compounds 
are distinctly radioactive. If a gas mantle be opened and flattened 
out on a photographic plate wrapped in black paper to protect it 
from light and so left for about twenty-four hours and the plate 
then developed, a good photograph of the mantle taken by its own 
radiations will result. (See Plate VII, facing page 402.) 

(3) Radium. The element radium, discovered by Mme. Curie 
in 1898, was obtained in the free state in 1910 by Mme. Curie and 
Debierne.^ A solution of radium chloride was electrolyzed with 
mercury as cathode. The radium deposited and dissolved in the 
mercury to form radium amalgam. The radium amalgam was 
dried and heated in an iron boat in an atmosphere of hydrogen. 
Distillation began at about 270° C.; as the mercury distilled off 
and the remaining amalgam became more concentrated, the boiling 
temperature continuously rose; at 440° C. the residue became solid, 
but the mercury continued to distill off until 700° C. was reached. 
At this point distillation ceased; the residual metal fused com¬ 
pletely and sharply at 700° C. to a brilliant white metallic fluid. 
Later determinations of the melting point show that the Curie- 
Debieme value was much too low; the value now accepted is 
about 960° C. 

Radium in all respects is like barium and less like the other mem¬ 
bers of the alkaline earth elements. It quickly coats over on 
exposure to air; on exposure to nitrogen it darkens, due to the 
formation of radium nitride, R 3 N 2 ; with water it reacts rapidly, 

1 Comply RenduSr 151, 623 (1910), 
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liberating hydrogen. Its salts show solubilities similar to the 
barium salts; its carbonate and sulfate are both insoluble, its 
hydroxide fairly so, and its chloride and bromide decidedly so but 
easily crystallized. Its spectrum shows group resemblances to 
those of barium, strontium, and calcium. In fact, the specific 
properties of radium, as far as they have been studied, completely 
justify its inclusion in the alkaline earth group. Some of the 
gradations in the group are given in Table 95. 


TABLE 95 

The Alkaline Earth Group 



Ca 

Sr 

Ba 

Ra 

Atomic number . . . , . 

20 

38 

56 

88 

Atomic weight. 

40.08 

87.63 

137.36 

226.05 

Melting point. 

810° 

800° 

850° 

960° 

Sol. MSO 4 , g* 100 ml. 

0.21 

0.02 

0.00025 

0.0000 


(4) Radon. Radon is the only gaseous element appearing in the 
disintegration series of the uranium-radium group. It is inert 
chemically although undergoing rapid disintegration radioactively. 
Ramsay found that towards magnesium and other metals it showed 
a decided lack of activity. Its spectrum has been examined and is, 
as aU spectra are, characteristic of the element. Radon separated 
from radium rapidly diminishes in amount, losing an alpha particle 
and changing into the solid element radium A. In hospital work 
requiring radioactive treatment, radon is extensively used. Like 
the other elements of the zero group it is monatomic. 

(5) Other radioactive elements. In the natural production of the 
simpler elements from the parent elements uranium and thorium, 
all of the radioactive processes are going on simultaneously. 
Since the rates are established by natural law, all the elements occur 
in fixed proportions. Also, almost every radioelement is formed 
simultaneously with other radioelements of the same atomic 
number and hence with almost identical chemical properties. 
Consequently, unless the quantity of a given element is relatively 
large, its separation from others is practically impossible. Ionium 
and thorium are practically inseparable; so also are lead and 
radium D; polonium occurs with five isotopes; and actinium with 
mesothorium II. For this reason little can be said at present 
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regarding the properties of those elements in addition to those 
properties directly predictable from their places in the periodic 
table. For more information on the subject the reader is referred 
to von Hevesy and Paneth^s RadiocLctivity or to some other treatise 
of extensive scope. 

Summary 

Radioactivity was discovered in 1897 by Becquerel when he was 
investigating the fluorescence produced by X rays. The discovery 
of radium and polonium by the CurieS; of actinium by Debieme, 
and of ionium by Boltwood followed in rapid succession. 

Radioactive materials emit their radiations spontaneously. 
They liberate enormous quantities of energy as heat and light. 
They also effect chemical reactions and darken a photographic 
plate. 

The radiations are of three types: a rays, which are fast-moving 
doubly charged helium ions; rays, which are electrons moving 
with velocities approaching that of light; and y rays, which are 
electromagnetic and move with the speed of light. All the radia¬ 
tions cause ionization, which may be studied by means of an 
electroscope or with a Wilson cloud chamber. The a rays cause 
most ionization, while the y rays cause least. The relative pene¬ 
trating power of the rays is in the opposite order. Alpha rays 
from any radioactive element have a characteristic rangCj usually 
measured in centimeters in air. When a rays strike a fluorescent 
material, they cause individual scintillations visible in a spinthari¬ 
scope, while p and y rays cause a general fluorescence. All of the 
rays cause physiological effects, the /3 and y rays being most 
effective. 

According to the hypothesis which Rutherford and Soddy ad¬ 
vanced in 1902, and which all subsequent work has corroborated, 
radioactive changes involve the disintegration of atoms. The 
activity of any pure radioactive element decreases exponentially 

with time, according to the equation = 6“"^^, where X is the 

io 

radioactive constant. The half life, JT, is the time required for the 
radioactivity to fall to half its original value. A series of radio¬ 
active changes give rise to a more complex curve. After a time, 
radioactive equilibrium may be reached, when the successive 
elements are present in unchanging proportions. 
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The uranium, actinium, and thorium radioactive series are 
complex, but they roughly parallel one another. The position of 
the successive elements in the periodic table may be predicted 
by means of the Soddy-Fajans rule, which is easily understood 
on the basis of the modern theories of nuclear structure. 

The chemical properties of the radioactive elements may be 
predicted from their positions in the periodic table. 

PROBLEMS AND EXERCISES 

1. Draw a series of diagrams like those of Figure 129, showing the nu¬ 
clear changes for the whole actinium series. 
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CHAPTER 19 
ISOTOPES 

The Discovery of Isotopes. In the preceding chapter we have 
seen that a number of members of the radioactive series have the 
same atomic number. These are known as isotopes. They are 
identical in chemical and physical properties and must be considered 
as forms of the same element, but they differ in atomic weight. One 
of Dalton’s postulates (page 39) was that all atoms of the same 
element have the same atomic weight. In the next few pages we 
shall take up the evidence which showed that this one of Dalton’s 
postulates is not correct and which established the existence of 
isotopes. 

During a search for the parent substance of radium, Boltwood 
discovered a new radioactive element which he called ionium. 
He found its chemical properties so similar to those of thorium that 
if the two elements were mixed he could discover no chemical 
process which would separate them. Marckwald and Keetman, in 
Berlin, found that this chemical similarity was indeed unbelievably 
complete, since years of effort could effect no separation at all. 
Even Auer von Welsbach, famous for his successful separation of 
the rare earth elements, found that this similarity was of an entirely 
different order which completely defied his best efforts. Later 
Ross and McCoy found that radiothorium and thorium likewise 
could not be separated by chemical means, while Marckwald, and 
independently Soddy, found mcsothorium I, discovered by Hahn 
in 1907, inseparable from radium. From this time on different 
workers found more and more cases of radioelements inseparable 
from each other or from stable elements. Not only were these 
atoms alike in their chemical behavior, but they gave visible and 
X-ray spectra which proved to be identical. By all the usual 
chemical criteria, such atoms must belong to the same dement, 
yet they were known to differ at least in radioactivity. Indeed, 
the discovery of these chemically inseparable atomic species 
was due to the enormous sensithity of the means which had 
been developed for studying radioactive substances. Because 
the periodic table was found to contain separate places only for 
chemically different substances, Soddy, in 1913, proposed for the 
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inseparables the name isotopes ^ ^'because they occupy the same 
place in the periodic table. They are chemically identical and, 
save only as regards the relatively few physical properties which 
depend upon atomic mass directly, physically identical also.” 

By this time the three radioactive series had been worked out 
nearly completely. Although not all of the members had been 
isolated, the application of the rule of Soddy and Fajans had 
unraveled most of the relationships and moreover had allowed 
Soddy to make a startling prediction concerning the end products 
of the different series. Each was a different form of the familiar 
element lead. The uranium-radium series must give rise to lead 
with an atomic weight of 206, since it was formed from radium, 
with atomic weight 226, by the loss of five a particles, each of mass 4. 
The main product of the thorium series, on the other hand, must be 
lead with an atomic weight of 208, since it came from thorium, of 
atomic weight 232, by the loss of six a particles. Ordinary lead 
has an atomic weight of 207.22, nearly midway between the other 
values. Soddy in 1913 suggested that lead coming from uranium 
minerals with no admixture of thorium would have a lower atomic 
weight than ordinary lead, while that from thorium minerals with 
no uranium would have a higher atomic weight. Subsequent 
atomic weight work completely vindicated Soddy^s daring predic¬ 
tions. Within a year Honigschmid, in Vienna, had found a value of 
207.77 for the atomic weight of lead from a sample of Ceylon 
thorite, and Richards and Lembert, at Harvard University, a 
value of 206.08 from a particularly pure sample of uranium lead 
from Norwegian cleveite.^ 

In Table 96 are listed the atomic weights of lead from various 
sources as determined by Richards and others. 

It is difficult to realize the revolution in scientific thought which 
resulted from this discovery, which overthrew the experience of a 
century of more and more careful studies of the atomic weights of 
the elements. The atomic weight of an element hitherto had 
proved to be the same whatever the source of the material. The 
discovery of isotopes compelled a revision of Dalton^s idea of an 
element every atom of which was identical with every other one. 
It revived the idea of the ‘^meta-elements” which Sir William 
Crookes, in 1886, had postulated in an address bcifore the Chemical 

* Laos (equal) -f rbiros (place). 

2 For an interesting discussion of this whole subject, see T. W. Richards, 
“Atomic Weights and Isotopes,” Chem. Rev., 1, 1 (1924). 
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TABLE 96 

Atomic Weights of Lead fbom Various Sources 


Source of Lead 

At. Wt. 

Experimenters 

Carnotite, Colorado . 

207.00 

Richards and Wadsworth 

Carnotite, Australia. 

206.34 

ir M >» 

BrSggerite, Norway. 

206.12 

»> »» »» 

Cleveite, Norway. 

200.08 


Thorianite, Ceylon. 

206.82 

Richards and Lembert 

Thoriaiiite, Ceylon. 

206.84 

Honigsehmid 

Pi tell blende, Joachims tahl . . . 

206.37 

Richards and Lembert 

Pitchblende, Joachimstahl.... 

206.61 

Fajans 

Uraninito, North Carolina .... 

206.40 

Richards and Lembert 

Uraninite, South Dakota .... 

206.06 

Richards 

Thorite, Ceylon. 

207.77 

Soddy 

Pitchblende, Canada. 

206.05 

Marble 

‘‘Ordinary lead ”. 

207.22 

(Accepted value, Intern. Com. 
on Atomic Weights, 1936) 


Section of the British Association at Birmingham. He had said, 
“I conceive, therefore, that when we say the atomic weight of, 
for instance, calcium is 40, we really express the fact that, while the 
majority of calcium atoms have an actual atomic weight of 40, 
there are not a few which are I'epresented by 39 or 41, a less number 
by 38 or 42, and so on. We are here reminded of Newton^s ‘old 
worn particles.^ Crookes had tried to apply his theory to the 
rare earths, with which he worked, but when these were separated 
one after the other into elements with different spectra and definite 
atomic weights, his suggestion of the existence of “meta-elements’^ 
was abandoned. The discovery of radioactive isotopes imme¬ 
diately revived the question: Were these isolated cases, or were 
there isotopic forms of all the elements? This was a question 
which immediately assumed paramount importance and which was 
answered with unexpected suddenness and completeness. In the 
words of Aston, “It is a curious and interesting point that while the 
first suggestion of the possibility of the occurrence of isotopes was 
obtained from the rarest of all substances on the earth’s surface — 
the radioactive elements and their products — so the first result 
indicating the possibility of isotopes among the stable elements 
was yielded by neon, a gas of which, in a purified state, there was 
probably less than a gram in existence.” 

Positive-Ray Analysis. The first evidence of the existence of 
isotopes among the stable elements other than lead came from a 
study of the positive rays which we have previously described 
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(page 452). Sir J. J. Thomson had studied these rays for a number 
of years, and by 1912 he had constructed in the Cavendish Labora¬ 
tory of Cambridge University a greatly improved apparatus by 
means of which he could separate rays which differed by 10 per 

cent in mass. His apparatus, 
which is shown in Figure 130, 
illustrates the parabola method 
of positive-ray analysis. This 
is still one of the most generally 
useful methods, although it is 
not capable of such precise 
measurements as some of the 
later ones. 

The positive rays are formed in the discharge tube, B, a 1.5 liter 
bulb, containing the aluminum anode. Ay and the cathode, C. 
The desired gas is introduced into the bulb through the capillary 
glass leak, E, and the excess is pumped out continually through the 
tube, F, This arrangement maintains the correct gas pressure in 
S. The cathode consists of an iron cylinder with an aluminum 
end, C. This is machined so as to present to the positive rays a 
hemispherical face with a conical pit in the center. A brass tube, 
7 cm. long and with an extremely fine bore, leads from the center of 
this cone along the axis of the iron cylinder. The water jacket, D, 
keeps the cathode cool during the experiment. 

A potential of 30,000 to 50,000 volts is applied to the tube, so 
that conditions are most favorable to the formation of positive 
rays in the discharge tube, B, These rays are accelerated toward 
the cathode. Those which traverse the central tube form a beam 
which is analyzed in the portion of the apparatus lying to the 
left of the cathode. Since the positive rays are formed by ioniza¬ 
tion at different distances from the cathode, even those of the 
same charge and mass will move with different velocities. Those 
which are formed farthest from the cathode fall through the great¬ 
est field and so acquire the highest velocity, while those formed 
nearest the cathode move most slowly. For this reason, in order 
to sort the rays according to masses, it is necessary to use both an 
electric and a magnetic field. The electric field is applied to the 
soft iron plates, P, P', between which the rays pass as they emerge 
from the cathode tube. The magnetic field is applied to the 
same plates by means of a very large electromagnet, the poles 




facing page 498 

Plate XII. MASS SPECTROGRAPH OF BAINBRIDGE AND JORDAN 
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of which, Af, M\ are insulated electrically from the plates, P, P', 
by the mica strips, iV, iNT'. By this ingenious arrangement, the two 
fields are applied simultaneously through the same plates. The soft 
iron shields, /, I, between the magnet and the discharge tube protect 
the latter from the stray field of the mag¬ 
net, which otherwise would disturb the dis¬ 
charge. 

In the absence of both fields, the beam of 
positive rays would pass straight through 
the cathode and the highly evacuated 
camera, G, and impinge upon the photo¬ 
graphic plate, Hy to form the “undeflected 
spot,” 0 (Figure 131). If the electric 
field alone is applied, the beam will be 
deflected in the plane of the paper (Fig¬ 
ure 130) to an extent which depends on the strength, Z, of the 
field, the velocity v of the particle, its mass lUy and charge c. The 

distance of deflection x for small angles is a; = fci Similarly, 

mt^ 

if only a magnetic field of strength H is applied, the beam will be 
deflected normal to the plane of the paper to a distance 2 / from the 

undeflected spot, so that y = k 2 The coeflScients ki and ^2 

mv 

are constants depending upon the apparatus. If the two fields 
are applied simultaneously, the particles in the beam will be 
deflected so that each will strike a spot (x, y) determined by solving 



the above equations simultaneously. The ratio ^ is then seen to 

X 


be 


a measure of the velocity^ and 


t. 

X 


a measure of the ratio of charge 


€ 

to masSf —. A beam of rays all of the same mass and charge — same 

ratio ^—will therefore strike the plate along one arm of a parabolic 

curve pp' (Figure 131) while rays with the same charge and a greater 
mass will be deflected less and so will fall along a curve gg', which is 
nearer the X axis. By reversing the magnetic field during the 
second half of the exposure, the other branches of the parabolas rr' 
and ss' are obtained. The ratio of the masses of the two kinds of 
atoms is then inversely proportional to the square of the ratio of 
Moc— 33 
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the distances between the branches of each parabola, measured 

along the same chord parallel to the OY axis. Thus — = 

m2 

This method allows us to compare the masses of any two atomic 
species which are photographed simultaneously, so that the con¬ 
stants of the apparatus and the electric and magnetic fields are the 
same for each. 

J. J. Thomson investigated a number of gases which behaved in 
the expected manner and gave parabolas which showed the relia¬ 
bility of the method. In November, 1912, he introduced some of 
the lighter constituents of the atmosphere 
into the discharge tube and obtained, in 
addition to the expected lines of helium 
and of neon with a mass of 20, a line cor¬ 
responding to a mass of 22 which could not 
be identified with any known gas. Subse¬ 
quent experiments with purer samples of 
neon, prepared by Aston and Watson, 
showed that this heavier parabola must be 
due to the neon. It pointed to the exist¬ 
ence of this element in two forms, like 
the chemically inseparable radioelements, 
and was the first evidence of the existence 
of isotopes among the stable elements. 
Two very clear parabola photographs, 
taken recently by Bainbridge and Jordan 
at Harvard University, are shown in 
Plate XIII, facing page 514. The pa¬ 
rabolas of neon appear in B. 

Aston immediately set about an investigation of this gas, which 
later led him to study so many of the elements that his name stands 
pre-eminent in the field of isotopes. He devised an instrument for 
positive-ray analysis which had a much higher resolving power than 
the parabola method. Because it plays the same role in the resolu¬ 
tion of a gaseous mixture according to the masses of the constituents 
that a spectrograph plays in the resolution of light, he has called it 
the mass spectrograph. 

Aston’s Mass Spectrograph. The principle of this instrument is 
illustrated in Figure 133. Like the parabola method, it analyzes 
the beam of positive rays by means of an electric and a magnetic 
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field, but these are applied in a different way* A beam of positive 
rays, generated in a discharge tube as before, is sorted into a narrow 
ribbon by means of the collimating slits Su 82 - This beam then 
passes between the charged plates, Pi, P 2 , so that the rays are all 

bent downward. As before, rays of the same value of ~ will be 

m 

spread out because of difference in velocity, the faster moving ones 
being less affected by the field than are the slower ones. This 
sheaf of diverging rays, limited by the diaphragm, P, then passes 



through a strong magnetic field perpendicular to the plane of the 
paper. The section of the circular pole piece is represented by M. 
Here again the faster rays are less bent than the slower ones; and 
if the angle of the magnetic deflection is at least twice the electric 

deflection, all the rays with the same value of — will be focused 

m 

along one line, perpendicular to the plane of the paper, on the 
photographic plate, P. 

When the beam of positive rays contains different constituents 

with different values of —, the rays with the largest ratio will be 

m 

bent most by both fields and hence will be focused nearest the 
left-hand end of the plate, while those with smaller values will 
appear farther toward the right. A group of equally charged rays 
will therefore be separated according to their masses alone. The 
lighter ones will strike the plate at the left, and heavier ones 
progressively farther to the right. Actually, the scale of mass is 
practically linear near the point G and is calibrated over its entire 
length in a purely empirical manner. 

Aston’s mass spectrograph possessed about ten times the resolv¬ 
ing power of Thomson’s parabola method, and his first results on 
neon showed that it consisted undoubtedly of two isotopes of 
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masses 20.00 and 22.00 on the scale of which O = 16.00 (Fig¬ 
ure 134,1). 

If each atom in the discharge tube could yield only one type of 
positive ray, it could cause only one hne on the mass spectrograph. 
This simple condition is far from the actual truth. Nearly every 
atom can lose more than one electron, forming doubly or triply 
charged ions. The extremely versatile mercury atom can lose 
eight electrons, and thus appears with positive charges ranging 
from 1 to 8! These multiply charged ions give lines which are said 
to be of the second, third, etc., order. Although they might seem 
to introduce confusion into the interpretation of the plates, they 
actually provide necessary reference lines and are extremely useful. 



The same is true of charged molecules, such as O 2 +, and charged 
radicals like CH 2 +. Thus oxygen in the discharge tube gives rise 
to three lines — one corresponding to the first order 0+ with mass 
16, one to the second order 0++ with an effective mass 8, and one to 
the molecular ion O 2 + with mass 32. These provide a most con¬ 
venient natural series by which the scale of the instrument may be 
calibrated. Since these reference lines are not labeled in any 
way, it might at first seem difficult to distinguish them with cer¬ 
tainty ; but this is not the case. According to Aston, with a Httle 
experience these lines are almost as easily located as the Pole Star 
among the hosts of heaven. 

The simplest method of determining the mass of an unknown ray 
is to photograph it in the presence of suitable reference substances 
and calculate its mass from the position of its line with reference 
to these. Several other more precise methods were used by Aston 
in comparing two masses which are some distance apart on the 
scale. They are discussed at length in his interesting and authori- 



DEMPSTER^S METHOD OF POSITIVE-RAY ANALYSIS 503 


tative book Mass Spectra and leotopes, which gives the best survey 
of the whole field. 

The methods of analysis so far described have required, as a 
source of the positive rays, gaseous ions formed in the discharge 
tube. For this reason they are limited to a study of elements 
which are volatile or form volatile compounds. Many metallic 
elements are not volatile and do not form volatile compounds; 
hence some other method must be used in order to obtain their 
positive rays. One method 
successfully used by Aston was 
to fill a hole in the face of a 
steel anode with a paste of 
the salts and graphite. When 
the discharge was started, the 
cathode rays heated the anode, 
which emitted the desired me¬ 
tallic ions. These were acceler¬ 
ated toward the cathode, and 
as before passed through a slit 
in it and were analyzed in the 
mass spectrograph. The alka¬ 
lies were treated most easily 
in this way, but over twenty 
elements were analyzed by 
means of these accelerated anode 
rays. 

Dempster^s Method of Positive-Ray Analysis, Another method 
suitable for the study of less volatile substances was developed by 
Dempster at the University of Chicago. It has given valuable in¬ 
formation as to the isotopic complexity of a number of the metals. 
His apparatus is shown in Figure 135. It consists of a glass tube, 
G, in which the ions are formed; a semicircular analyzing chamber 
and an electrometer, E, used instead of a photographic plate to 
record the presence of the rays. The analyzer is made from two 
semicircular thick iron plates soldered to a heavy semicircle of 
brass, 5, which spaces them 4 mm. apart. The flat edges of the 
iron plates are closed by a brass plate, C, fitted with three brass 
tubes, to which are fastened the tube, G, a smaller tube by which 
the analyzer is evacuated, and the insulated plate, F. The positive 
ions are formed by heating suitable salts on the platinum strip, H, 
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or by volatilizing metals and ionizing the metallic vapor by bom¬ 
barding it with electrons from the hot filament, I. Under these 
conditions the ions come off with relatively low velocity, compared 
with the potential of 500 to 1750 volts, by means of which they are 
accelerated toward the sUt, Si, in the analyzing chamber. The 
beam of rays which reaches this slit is therefore nearly homogeneous 
in energy and may be analyzed by means of a single field. In this 
apparatus a magnetic field is apphed between the iron plates in 
such a way as to bend the rays clockwise. Those passing through 
the slit, D, and bent in a complete semicircle pass through the 
second slit system, S 2 , and fall upon the brass plate, F. Rays with 
less energy are bent farther, and those with more energy are not 
bent so far. By changing the accelerating field and hence the 
energy of the rays, those with different masses may be focused 
successively upon the electrometer, the current through which is 
proportional to the number of ions which strike it. The value of 

^ for the different rays is proportional to the accelerating potential, 
m 

Py and inversely proportional to the square of the radius of curva¬ 
ture, r, and the magnetic field, H : 

A 

m r’^IP 

In practice, the magnetic field is kept constant. For ions with the 
same charge, the masses which are brought on the plate, F, will 

then be inversely proportional to the ac¬ 
celerating potential, P. When the elec¬ 
trometer current, i, is plotted against the 
applied potential, P, a curve will be 
obtained which shows a peak for every 
ion of different mass. The height of each 
peak indicates the relative amount of the 
particular isotope which causes it, and if 
the mass of one can be established, that 
of the others is obtained by simple pro- 
^ Atolnicwtiht portion. A characteristic curve is shown 

Pig. 136. Dempster’s Curve in Figure 136. This proved the existence 
for Zinc. isQ^Qpgg Qf 2inc, thosc with masses 

of 64, 66, and 68 being much more abundant than that with a mass 
of 70. It indicated the possibility of an isotope of mass 67, which 
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Dempster’s curve did not resolve but which subsequently has been 
found by Bainbridge. 

Methods of Precision. While Aston’s first mass spectroscope 
possessed a much higher resolving power than Thomson’s parabola 
method, it could not resolve two masses as close together as 
O (16.0000) and CH 4 (16.0312). In general, hydrides were hard to 
distinguish from heavier isotopes of an element. For this reason, 
and because exact isotopic weights have become more and more 
important from a theoretical point of view, numerous more precise 
methods of mass spectroscopy have been developed. Aston, in 



1925, set up an improved mass spectrograph built along the same 
lines as that illustrated in Figure 133 but employing finer slits and 
double the angle of electrical and magnetic deflection. It possessed 
a resolving power of 1 in 600 — five times that of the earlier instru¬ 
ment — and has served for all his subsequent work. Meanwhile, 
other workers have devised other methods based upon somewhat 
different principles. One of the most recent and most successful of 
these has been worked out by Professor Kenneth Bainbridge and 
Dr. E. B. Jordan of Harvard University. A diagram of their 
apparatus is shown in Figure 137. The ions, formed in the dis¬ 
charge tube, A, pass through collimating slits, 5i, 82 ^ into a circular 
electric field of about 127°. Emerging from the adjustable slit, Sz, 
they pass through the magnetic field which brings to a focus upon 
the recording photographic plate all rays of the same ratio of mass 
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to charge. The whole arrangement is shown clearly in the photo¬ 
graph of their apparatus (Plate XII, facing page 498). This mass 
spectrograph has extremely high sensitivity, dispersion, and re¬ 
solving power and a strictly linear mass scale, which simplifies the 
comparison of the masses of different isotopes. Some of the mass 
spectra obtained with it are shown in Plate XIII, facing page 514. 
C (Plate XIII) shows two spectra of tin with different exposures. Tin 
is of interest because it has ten isotopes, all of which appear on the 
original plate. With the exception of the weak lines at 114 and 115 
they are clearly visible in this illustration. D and E (Plate XIII) 
show the oxygen-methane and the deuterium-hydrogen-mole¬ 
cule doublets and illustrate the high resolving power of yxAnr 
which can be obtained with this instrument and the sharp uniform 
lines which allow precise measurement. In the case of the C)-CH 4 
doublet, two exposures were taken for each plate position, and the 
images were shifted by altering the field strength. In the case of 
the D-H 2 doublets, five successive spectra were taken in each plate 
position by changing the energy of the ions. 

Band Spectra and Isotopes. One entirely different line of study 
has proved the existence of isotopes, some of which long might have 
escaped the analysis of the mass spectrograph. These are rare 
isotopes which are only one unit heavier than a more abundant one 
and which, in the mass spectrograph, are often masked by the lines 
due to charged hydrides — molecular fragments which are often 
present in the discharge tube. For instance, carbon compounds 
always give, in addition to the mass 12 due to C, masses 13,14, 15, 
and 16 due to the radicals CH+, CH 2 “^, and to ionized 

methane, CH 4 '^. It was impossible to distinguish between C^H 
and under most conditions by means of the first mass spec¬ 
trograph. Fortunately a study of hand spectra enables us to dis¬ 
tinguish such isotopes. 

We have already seen that the spectra characteristic of individual 
atoms consist of series of lines which are arranged according to 
regular laws. Spectral series are also known which, studied with 
a spectroscope of low resolving power, appear to consist of fluted 
bands of light. Such spectra are known as band spectra, although 
study with a very high-power instrument shows that each band 
actually consists of a series of lines, which are much closer together 
than those in ordinary line spectra. The general characteristics 
of these spectra were worked out by Deslandres in 1885 — the same 
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year in which Balmer announced his formula for the lines in the 
hydrogen spectrum. Modem theory has shown that these bands 
are due to energy changes within molecules^ which are necessarily 
more complicated than those within atoms. Thus a simple dia¬ 
tomic molecule such as HCl possesses a larger number of degrees of 
freedom of motion than a monatomic molecule. The two atoms 
can rotate around their common center of gravity, and they can 
also oscillate back and forth along the line joining their centers. In 
addition, electronic jumps within the molecule will alter the elastic 
forces holding the atoms together and so change the total energy of 
the molecule. All of these changes appear to be quantized — 
that is, energy is only given up or absorbed in discrete amounts — 
and this corresponds to the liberation or absorption of light. Cal¬ 
culations show that the energy corresponding to a single quantum 
change of rotation is very small, so that the pure rotational bands 
appear in the far infrared. The changes in vibrational energy 
correspond to a considerably larger amount and cause bands in the 
near infrared^ while energy changes due to electronic shifts are much 
greater and cause bands in the visible or ultraviolet part of the 
spectrum. Actually, the complexity of the lines in a band is due 
to the large number of possible combinations of rotational, vibra¬ 
tional, and electronic changes which can occur at the same time. 
In the case of line spectra the mass of the nucleus has practically 
no effect upon the energy states of the atom so that the line 
spectra of isotopes are almost identical. The energy of rotating 
or vibrating molecules, on the other hand, clearly depends upon 
the masses of the constituent atoms and the forces which bind them 
together. The chemical forces exerted by isotopes of the same 
element are practically identical, as every attempt to separate them 
emphasizes, but the difference in mass causes a difference in the 
energy states of similar molecules which shows up in the band 
spectra. Thus Imes, in 1919, in studying the rotation-vibration 
spectrum of hydrogen chloride discovered that certain of the lines 
were clearly double, the pair consisting of the expected line accom¬ 
panied by a weaker satellite. Loomis and Kratzer, in 1920, 
independently explained these doublets as being due to the two 
isotopes of chlorine, CP® and CP^. The relative intensities of the 
lines were in the same ratio as the relative abundance of these 
isotopes as determined by Aston's mass spectrograph. Figure 138 
shows a small part of the photometer tracing of the infrared absorp- 
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Per Cent 
Absorption 


25 [- 
0 

1.7144/1 
Fig. 138. 




Wave Length 

Isotope Effect for HCl. 


1.7528/1 


tion band of HCl, under the highest dispersion yet attained.^ 
The double saw-tooth is due to the two molecules HCF and 
HCF. 

In recent years, the study of band spectra has been increasingly 
valuable in proving the existence of doubtful isotopes and in dis¬ 
covering others the 

100 ,- ^^ existence of which 

was not even sus¬ 
pected. Thus Mul- 
likan of the Univer¬ 
sity of Chicago, who 
has done a great deal 

to develop this field, proved the existence of the isotope of silicon 
SF, which Aston later confirmed. Band spectra have also shown 
the existence of C^®, and most important of all, 0^® and 
Isotopes and Atomic Weights. Since most elements consist of 
two or more isotopes, the atomic weight of any element is clearly 
the mean of the weights of the different isotopes and could be cal¬ 
culated from the weights and relative amounts of these different 
species. The chemical system of atomic weights is based upon the 
value of 16.000 for the atom of oxygen (page 43). The physical 
unit is also oxygen, and the two systems would be identical if there 
were only one isotope of oxygen. For some years this was thought 
to be the case, but the discovery of 0^® and 0^^ showed that there 
was a slight difference between the chemical and physical scales. 
The former is based upon the mean atomic weight of 0 = 16.000, 
while the latter is based upon the atomic weight of the lightest 
isotope of oxygen, or 0^® = 16.000. Since the heavier isotopes are 
present only to a very small extent, there is not much difference 
between the two scales, but this small difference must be considered 
in comparing results obtained by the ordinary chemical methods 
of analysis and by positive-ray analysis. The difference can easily 
be calculated if we know the relative abundance of the oxygen 
isotopes. The best experimental value for this ratio, obtained 
from a study of absorption bands and confirmed by mass spectra, is: 

016 = 3150:1:5 


This makes the atomic weight of 0.022 per cent less than the 
iman atomic weight of the three isotopes and hence indicates the 

1 Hardy and Sutherland, Phya. Rev., 41, 471 (1932). 



TABLE 97 

Isotopes op the Elements » 

(Where more than one isotope is known, the most abundant isotopes are in 
boldface ; those occurring in traces of 1 per cent or less are in italics.) 


At. No. 

Symbol 

Isotopes 

At. No. 

Symbol 

Isotopes 

1 

H 

1, s 

48 

Cd 

106, 108, 110, 111, 112 

2 

He 

S, 4 



113, 114, 116, 116 

3 

Li 

6, 7 

49 

In 

113, 115 

4 

Be 

8, 9 

50 

Sn 

112, 114,115, 116, 

6 

B 

10, 11 



117, 118, 119, 120, 

6 

C 

12, 13 



121, 122, 124 

7 

N 

14. 15 

51 

Sb 

121, 123 

8 

0 

16. 17, 18 

52 

Te 

122, 123, 124, 125, 

9 

F 

19 



126. 127, 128, 130 

10 

Ne 

20. 21, 22 

53 

I 

127 

11 

Na 

23 

54 

Xe 

124, 126, 128, 129, 

12 

Mg 

24. 25, 26 



130, 131, 132, 134, 136 

13 

A1 

27 

55 

Cs 

133 

14 

Si 

28. 29, 30 

56 

Ba 

135, 136, 137, 138 

15 

p 

31 

57 

La 

139 

16 

s 

32. 33, 34 

58 

Ce 

140, 142 

17 

Cl 

35, 37 

59 

Pr 

141 

18 

A 

36, 38, 40 

60 

Nd 

142, 143, 144, 145, 146 

19 

K 

39, 40 . 41 

61 

II 

20 

Ca 

40. 42, 4S, 44 

62 

Sm 

144, 147, 148, 149, 150, 

21 

Sc 

45 



152, 154 

22 

Ti 

46. 47, 48, 49, 50 

63 

Eu 

151, 153 

23 

V 

51 

64 

Gd 

155, 156, 157, 158, 160 

24 

Cr 

50, 52, 53. 54 

65 

Tb 

159 

25 

Mn 

55 

66 

Dy 

161, 162, 163, 164 

26 

Fo 

54, 56, 57 

67 

Ho 

165 

27 

Co 

59 

68 

Er 

166, 167, 168, 170 

28 

Ni 

58, 60, 61, 62 

69 

Tm 

169 

29 

Cu 

63, 65 

70 

Yb 

171, 172, 173, 174, 176 

30 

Zn 

64, 66, 67. 68, 

71 

Lu 

175 



70 

72 

Hf 

176, 177, 178, 179, 180 

31 

Ga 

69, 71 

73 

Ta 

181 

32 

Ge 

70. 72.73. 74, 76 

74 

W 

182, 183, 184, 186 

33 

As 

75 

75 

Re 

185, 187 

34 

Se 

74 , 76, 77, 78, 

76 

Os 

186, 187, 188, 189, 190. 



80, 82 



192 

35 

Br 

79, 81 

77 

Ir 

191, 193 

36 

Kr 

78 , 80, 82, 83. 

78 

Pt 

192, 194, 195, 196, 198 



84, 86 

79 

Au 

197 

37 

Rb 

85, 87 

80 

Hg 

196, 197, 198, 199, 

38 

Sr 

86, 87, 88 



200, 201, 202, 203, 204 

39 

Y 

89 

81 

Tl 

203, 205 

40 

Zr 

90, 91, 92, 94, 96 

82 

Pb 

203, 204, 206, 206, 207, 

41 

Cb 

93 



208, 209, 210 

42 

Mo 

92, 94. 95, 96, 

83 

Bi 

209 



97, 98, 100 

84 

Po 


43 

44 

Ma 

Ru 

96, 98, 99, 100, 

85 

86 

(Ab) 

Rn 




101, 102, 104 

87 

! (Vi) 


45 

Rh 

' 103 

88 

Ra 


46 

[ Pd 

102, 104, 105, 

89 

Ac 




106, 108, 110 

90 

Th 

232 

47 

Ag 

107, 109 

91 

Pa 



92 

U 

236, 238 


' From various sources, including Aston, Mass Spectra and Isotopes, 19S3, pp. 
236-237, and O. Hahn, Ber„ 69 A, 6 (1936). 
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factor 1.00022 between the chemical and the physical scales. Since 
the physical standard is smaller, the atomic weights of other ele¬ 
ments calculated on this scale are larger than the chemical values. 
In some respects it might appear preferable to base all atomic 
weights on the physical scale 0^® = 16.000. This is certainly the 
case in expressing the masses of the individual isotopes. In the 
case of the mean (chemical) atomic weights, however, the chemical 
scale at present seems more desirable, since the mean atomic 
weight is a definite quantity which enters directly into chemical 
calculations. Moreover, it would not be altered by the subsequent 
discovery of another isotope of oxygen nor by subsequent alteration 
in the estimated abundance of the different isotopes. 

Since the mass spectrograph has been developed to a sufficient 
degree of accuracy to compare with the best chemical methods, 
the results obtained with it have proved a valuable check upon 
those obtained by purely chemical means. A comparison of the 
two methods has led to a revision of several atomic weights, in 
which the mass spectrograph indicated an error which was sub¬ 
sequently confirmed by chemical methods. It has also led to the 
search for many isotopes which might have been overlooked if 
their presence had not been indicated by an apparent discrepancy 
between the two systems. A comparison of the results obtained 
by the two methods is most significant when we confine ourselves 
to elements with only one known isotope. Such a comparison is 
made in Table 98, revised from an article by G. P. Baxter.^ It also 
includes the values for bromine, which has two isotopes in equal 
amounts. The agreement in most cases is excellent, but the 
chemical values are, on the average, slightly higher; indicating that 
the true factor between the chemical and physical scales is probably 
less than 1.00022. 

The Segregation of Isotopes. As soon as the existence of radio¬ 
active isotopes was proved and that of stable isotopes was sus¬ 
pected, attempts were made to segregate the isotopic forms of 
various elements in quantities which would show a conclusive 
difference in physical properties. The variety of methods sug¬ 
gested and tried for this purpose has been equaled only by their 
almost uniformly disappointing results. Until the last few years 
nothing approaching complete separation of isotopes had been 

»G. P. Baxter, The Nucleus, 11 , 163 (1934). A later value for the physical 
atonuc weight of helium has been substituted. 
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TABLE 98 

CoMPABisoN OP Physical and Chemical Atomic Weights 
(Conversion factor of Mecke and Childs, 1.00022, used.) 


Method . . 


Physical 

Chemical 

Chemical 

Dipfbb- 








Standakd . . . 

Qw = 16.000 

0 = 16.000 

0 = 16.000 

Physical 

(Pee Cent) 

Helium . . 


4.0034 

4.0025 

4.0018 

- 0.0007 

- 0.018 

Fluorine . , 


19.000 

18.996 

19.00 

0.004 

0.02 

Phoaphorus. 


30.983 

30.976 

31.02 

0.04 

0.13 

Scandium . 


44.968 

44.958 

45.10 

0.14 

0.31 

Arsenic . . 


74.934 

74.918 

74.91 

- 0.008 

- 0.01 

Iodine . . 


126.933 

126.905 

126.917 

0.012 

0.010 

Cesium . . 


132.934 

132.904 

132.91 

0.006 

0.005 

Bromine 

/ 

1 

80.9261 
78.929 / 

79.910 

79.916 

0.006 

0.008 


achieved except in the minute quantities registered upon the 
photographic plate of the mass spectrograph and separated by other 
methods of positive ray analysis. So far it has proved impossible 
to separate appreciable quantities by this method, although the 
production of the merest speckof the lithium isotope Li*^ was 
reported by Dr. Rumbaugh at the Bartol Research Laboratory.^ 
One of the earliest attempts was that of Aston, who tried to sepa¬ 
rate neon into heavier and lighter constituents at the time when 
its complexity had been indicated but not definitely established. 
Fractional distillation, after 3000 repetitions, brought about no 
difference in density between the “lightand heavy'’ fractions. 
Fractional diffusion proved somewhat more effective. We have 
seen that the rate at which two gaseous molecules diffuse is inversely 
proportional to the square roots of their masses (page 57), so that 
isotopes should be separable by diffusion. Neon was allowed to 
diffuse at low pressure through two short pipe-clay plugs in series. 
The more and less rapidly diffusing fractions were collected sepa¬ 
rately and subjected to further fractionation in successive steps. 
Despite the loss of the whole lightest fraction in an accident, the 
extreme remaining fractions showed, by density measurements, 
atomic weights of 20.15 and 20.28. This difference imdoubtedly 
was due to a partial separation of the isotopes 20 and 22, initially 
present to the extent of 9 to 1. Both theory and practice indicate 
decreasing efficiency of separation as the process is continued, so 
that the results were not encouraging for anything approaching 
complete segregation of the isotopes. 

J Science-Supplementy 83, January 17, p. 6 (1936). 
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William D. Harkins, at the University of Chicago, applied the 
principle of diffusion to the separation of gaseous HCl into fractions 
which would contain different proportions of the isotopes of chlorine, 
Cl“ and CP^. Since the percentage difference in the molecular 
weights in this case is less than in the case of the lighter neon, the 
process was necessarily less effective and large quantities of the gas 
— 19,000 liters — were required. In 1921, five years after he first 
attacked the problem, he and Hayes reported the separation of a 
heavy fraction with an atomic weight 0.055 greater than that of 
ordinary chlorine. In 1926 he and Jenkins^ obtained a light 
fraction 0.039 unit less than the ordinary chlorine. His results 
are summarized in Table 99. It will be noted that the separation 
achieved was far from complete. 

TABLE 99 

Separation of Isotopes of Chlorine by Harkins and Collaborators 
Substance Atomic Weight 


Light fraction.35.418 

Ordinary chlorine. 35.457 

Heavy fraction.35.515 


Within the last few years, Hertz, in Berlin, has reported a more 
efficient method of separation of gaseous isotopes, based upon 
diffusion through porous cylinders at lower pressures than had 
been used before. His apparatus employed 24 mercury diffusion 
pumps to circulate the gas. He worked first on neon and reported 
the production of two fractions which differed by 1.4 units of atomic 
weight, and finally obtained Ne“ and Ne^^ each spectroscopically 
free of the other isotope. He has also obtained nearly pure H^ by 
this method and has achieved the most spectacular results in this 
field. 

Another method analogous to fractional diffusion is the separation 
of isotopes by evaporation from the surface of a liquid. The surface 
really plays the part of the porous diaphragm, and the number of 
atoms of each isotope which escape is inversely proportional to the 
square root of the masses. Bronsted and von Hevesy applied this 
method to mercury, which they allowed to evaporate at about 
50® C. in the highest attainable vacuum. They collected the vapor 
1 Harkins Jenkins, Jour. Am. Chem. Soc., 48, 58 (1926). 
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on a surface only 1 or 2 cm. above that of the liquid, chilled with 
hquid air to prevent re-evaporation. 

One form of their apparatus, suitable for large quantities of 
mercury, is shown in Figure 139. The mercury is contained in the 
bottom of the annular space between the walls of a Dewar flask, A. 
This space is evacuated through the tube, B, 

The vessel is heated by means of the water 
bath, C, which is kept at about 50® C. The 
mercury which evaporates is solidified on 
the outer surface of the inner bulb, D, which 
contains liquid air. At the end of the experi¬ 
ment the vacuum is broken and the stop¬ 
cock, Ey is opened to allow the residual 
mercury to run out. The frozen mercury 
is then melted and allowed to run out 
separately. In this way, starting with 2700 
cc. of mercury and fractionating in both 
directions, in their final work, in 1922, they 
obtained extreme fractions, the lightest of Fig. 139. ^Fractionation of 
which (0.2 cc.) was 0.26 per cent lighter, ^ ^ 

while the heaviest (0.3 cc.) was 0.23 per cent heavier than ordinary 
mercury. Comparable results were obtained by Harkins and Mad- 
orsky in 1923. In the following year Honigschmid and Bircken- 
bach determined the atomic weight of some of the fractions of 
mercury obtained by Bronsted and von Hevesy. Their results 
are given in Table 100 with the extreme results of Bronsted and 
von Hevesy. 

TABLE 100 

Fractionation of Mercury 


Material 

Bronsted and 
von Hevesy 

HOniqschmid and Birckenbach 


Relative Density 

Relative Density 

Atomic Wt. 

Light fraction . . . 

0.99974 

0.999824 

200.56 

Oi^inary mercury . . 

Heavy fraction . . . 

1.00000 

1.000000 

200.61 

1.00023 

1.000164 

200.63 


At about the same time Bronsted and von Hevesy also separated 
the isotopes of chlorine by making up a water solution of HCl, cool¬ 
ing it to - 50° C., and allowing slow evaporation to take place at 
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this temperature. Starting with 11. of 8,6 m HCl, and collecting 
the extreme 100 ml. fractions, they achieved about half the separa¬ 
tion in this way which Harkins had obtained by diffusion. 

Oddly enough, by far the most complete and simple isotopic isola¬ 
tion has been achieved in the case of the extremely rare and only 
recently suspected heavy isotope of hydrogen, H^, which is only 
about as abundant as The existence of the isotope was 
first proved by Urey,^ of Columbia University, in 1932. Theoretical 
considerations led him to believe that, if such an isotope existed, it 
might be slightly less volatile than the lighter form, from which 
it could be separated by evaporation of liquid hydrogen near the 
triple point? Since the United States Bureau of Standards was one 
of the few places in the world where the necessary large amounts 
of liquid hydrogen were available, he asked the co-operation of 
Brickwedde and Murphy of that organization to evaporate large 
quantities of liquid hydrogen. He examined the residues spec¬ 
troscopically and found evidence for the existence of the heavier 
isotope, which was concentrated by this process. Somewhat later 
Washburn, then Director of the Bureau of Standards, found that 
the hemy hydrogen could be prepared more easily by the electrol 3 r 8 is 
of water, since the electrolytic residues contained larger percentages 
of the H^ than did the evolved gas. This process was pushed to its 
conclusion by Gilbert N. Lewis, who electrolyzed a barrel of water 
and obtained a few ml. of nearly pure H 22 O. The properties of this 
heavy water are quite different from ordinary water, as Table 101 
shows. 

TABLE 101 


Comparison of the Properties of Ordinary and Heavy Water 


Property 

H 2 O 

HiijO 

Melting point. 

0 . 000 ° c. 

3.802° C. 

Boiling point. 

100 . 00 ° c. 

101.42° C. 

Relative density (25'’) .... 

1.0000 

1.1079 

Temp, of max. d. 

4.0° C. 

11.6° C. 

Surface tension. 

72.76 dynes/cm. 

07.8 dynes/cm. 

Heat of fusion. 

1,436 cal. 

1,510 cal. 

Heat of vaporization (25°) . . 

10,484 cal. 

10,743 cal. 


* An authoritative review of the discovery and properties of this isotope is 
found in “The Hydrogen Isotope of Atomic Weight Two” by Urey and Beal, 
Rev, of Modern Phys., 7, 34 (1936). 

* The temperature at which the solid, liquid, and gaseous substance are at 
equilibrium under the vapor pressure of the substance. 
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The preparation of heavy water is now carried out on a commer¬ 
cial scale so that supplies of the new chemical reagent are avail¬ 
able. Many of its compounds have been studied and found to be 
appreciably different from those of This is to be expected since 
the mass of the former is twice that of the latter, while most iso¬ 
topic forms differ by a much smaller percentage. The isotopes of 
hydrogen are the first among the stable elements to be designated 
by different names. Among the many suggestions which have been 
made, that of protiiun for and deuterium for seems most 
likely to be accepted. Such a separate designation is necessary only 
because the isotopes can be separated almost completely and can 
enter into compounds which need to be distinguished. The sjnmbols 
used are H and D. Thus D 2 O is deuterium oxide or heavy water/^ 
An investigation of the nearly protium-free heavy water which 
is now available in large quantities has led to the detection of a 
third hydrogen isotope, for which the name tritium and the 
symbol T have been suggested. Taylor ^ and his collaborators at 
Princeton University have estimated that it is present in water 
to the extent of about one part to 10^ of protium. It is con¬ 
centrated slowly in the residues from the electrolysis of heavy 
water. During the course of this work, ^‘approximately 75 metric 
tons of ordinary water have been electrolyzed down to 0.5 cc.,” 
and the concentration of tritium was increased to about one part 
in ten thousand of protium. 


Summary 

The discovery of radioactive isotopes led to a search for isotopes 
among stable elements. Sir J. J. Thomson using the parabola 
method first proved the isotopy of neon. This method is not suited 
to obtaining results of high precision. Aston^s mass spectrograph 
has higher resolution and has shown the isotopic complexity of 
many elements. 

Both of the above methods were limited originally to volatile 
substances. Methods employing accelerated anode rays^ first intro¬ 
duced by Dempster, deal successfully with metals and may give 
better evidence of the relative abundance of the different isotopes. 
Modern precision methods, accurate to 0.01 per cent in mass, have 
been worked out by Bainb ridge and Jordan. 

^ Selwood, Taylor, Lozier, and Bleakney, “Concentration of Tritium 
J. Am. Chem. Soc., 67, 780 (1935). 

MGC 34 
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Band spectra, due to molecules, are affected by the masses of the 
constituent atoms which contribute to the rotational and vibra¬ 
tional energy of the molecule. These spectra show complex struc¬ 
ture due to different isotopic forms. Many isotopes have been 
discovered by a study of band spectra. 

The chemical system of atomic weights (based on O = 16.000) is 
probably slightly less than 0.022 per cent smaller than the physical 
scale (based on 0*^' = 16.000). 

Isotopes are \Try hard to segregate. Several methods based on 
fractional diffusion or evaporation at low pressure brought about 
partial separation. Hertzes fractional diffusion at extremely low 
pressure gave nearly complete separation of the isotopes of neon 
and hydrogen. Washburn's method of electrolysis is especially 
good for separating of deuterium. The properties of heavy 
water," D 2 O, are appreciably different from those of ordinary water. 

PROBLEMS AND EXERCISES 

1. Construct a table showing the places in the periodic system occupied 
by the elements shown in the various disintegration series, using as your 
guide the Soddy-Fajans rule. 

2. Describe and contrast the following methods of determining the 
isotopic complexity of the elements: {a) Thomson's parabola method; 
(6) Aston's mass spectrograph; (c) Dempster’s method of positive ray 
analysis, 

3. Using the values for the relative abundances of the isotopes of oxy¬ 
gen given on page 508, calculate the atomic weight of on the chemical 
scale, 

4. Calculate the relative speeds of the following series of molecules: 
(a) H 2 , HD, D 2 ; (b) HC1®‘\ HCFh What conclusions can you draw from 
these calculations as to the rehitive difficulty of seiiaration of the isotopes 
of hydrogen and of chlorine by diffusion? 
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ATOMIC STRUCTURE; THE NUCLEUS 

Dalton’s atomic theory was the basis of most of the develop¬ 
ments of chemistry during the century after its enunciation. The 
determination of the relative weights and the combining powers of 
the different atoms absorbed the interest of the analytical and 
inorganic chemist, while the arrangement of the atoms in complex 
molecules and the properties of these molecules occupied much of 
the attention of the organic chemist. In the same sense that the 
arcMteclure of the molecule was one of the outstanding problems of 
the nineteenth century, the architecture of the atom is one of the 
outstanding problems of the present century. Certainly it is the 
most fundamental field of science, for in it is bound up the under¬ 
standing of all the physical and chemical properties of all the forms 
of matter. 

The idea that all matter was made up of tiny atomic structural 
units did not by any means originate with Dalton. As a philo¬ 
sophical speculation it had teen held since the days of the Indian 
philosopher Kanada, who lived before the fifth century b.c. The 
Greek philosopher Tveucippus and his follower Democritus, about 
500 B.C., worked out a very complete system of philosophy based 
on atomism, which Lucretius, the great Homan poet, immortalized 
in his famous ^G)e Rerum Natura.” However, in evaluating these 
philosophical speculations, we must not forget that there are only 
two possible views as to the ultimate constitution of matter — 
contmuity and (JiscontinuU^^^ Many philosophers argued in favor 
of the former view, and the fact that certain others chose the latter 
alternative does not necessarily show great profundity on their part. 
These philosophical ideas may not seem far different from Dalton’s 
atomic theory, but they were purely sperulativCy and their authors 
made no attempt to put them to the test of experiment. When 
Dalton showed that the concept of atomism served to explain the 
behavior of chemical elements in their combinations or reactions, 
he brought the atomic theory into the field of science. One of 
Dalton’s postulates was that the atom w^as a fundamental unit 
and itself indivisible. As he said, ^‘Thou knowest thou cans’t not 
cut an atom.” Indeed, the very word atom itself means indivisible 

517 
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(from the Greek a = not + tc/avo> = cut). For many years there 
was no direct evidence that the atom itself was made up of any 
simpler substances, although Prout, Dumas, and others speculated 
on the possibility that all the heavier atoms were complex aggrega¬ 
tions of hydrogen. Finally, at the turn of the century the study of 
radioactivity gave indubitable evidence that some atoms at least 
broke up spontaneously, forming atoms of other elements. 

The study of the discharge of electricity through gases had 
shown that atoms could be ionized, giving up one or more electrons 
and forming positive ions. Since the electrons were identical, 
whatever atom they came from, they were soon recognized as one 
of the constituents of all atoms. In 1904, Sir J. J. Thomson ad¬ 
vanced the hypothesis that an atom of any element consisted of a 
definite number of electrons ‘^enclosed in a sphere of uniform 
positive electrification.^^ He worked out the mathematical con¬ 
sequences of such an atomic model and concluded that with 
increasing numbers of electrons, this arrangement would yield a 
series of elements with properties which changed like those of the 
elements in the periodic table. Rutherford, in 1911, showed that 
Thomson's atomic model could not account for the observed 
scattering of a particles shot through thin films of matter. These 
projectile experiments could be explained only on the basis of an 
atom with a very small positively charged nucleus in which prac¬ 
tically all the atomic mass is concentrated and which, like our sun, 
is surrounded by ‘^planetary’’ electrons. The net positive charge 
on the atomic nucleus and the number of planetary electrons are 
each numerically equal to the atomic number of the element. 

All subsequent work has substantiated the correctness of 
Rutherford^s picture of a nuclear atom. In the hands of the 
chemist it has led to the atomic models of Lewis and Langmuir, 
Kossel, and others, which have clarified our ideas of valence and the 
properties of the elements; in the hands of physicists like Bohr it 
has yielded a better understanding of the complex relationships 
among the spectral lines emitted by the elements when rendered 
luminous by heating or by electrical excitation. 

Lewis’ Cubical Atom; Kossel’s Model. In the same year, 
1916, Gilbert N. Lewis of the University of California and W. Kossel 
in Germany published articles suggesting the arrangement of the 
electrons in the atoms of successive elements in the periodic table. 
Both started from the same fundamental postulate that the electrons 
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are arranged in successive shells within the atom and that the inert 
gases, representing an unusually stable arrangement of electrons, 
mark the completion of successive shells. The atoms of elements 
following a rare gas in any period add successive electrons to a 
shellwhich is completed with the atom of the next rare gas. 
The arrangement of the electrons in successive shells Lewis repre¬ 
sented in three dimensions as cubic atoms and Kossel in two 
dimensions as concentric circles. According to both theories, the 
outermost shell of the atom of a rare gas always contains eight 
electrons except in the case of helium, in which it contains only two. 


7 

Lewis Kossel 

Fig. 140. Two Models of the Argon Atom (1916). 

This octet theory has been useful in accounting for the valence of 
atoms which tended to gain, lose, or share electrons in order to 
complete an octet. We shall have more to say of this theory when 
we discuss the electronic theory of valence. It is based primarily 
upon a consideration of chemical evidence and serves to correlate 
and systematize a great deal of chemical information. The 
original assumption of Lewis was that the atom is essentially static, 
with electrons occupying nearly fixed positions in space. This 
picture accounts well for the existence within the atom of valence 
forces acting in fixed directions as in most organic compounds, but 
it is quite different from the picture which the physicist has built up. 

The Bohr Atom. Starting from a study of the spectra of light 
emitted by atoms rather than a consideration of their chemical 
properties, Niels Bohr, in 1913, built up an atomic model which is 
essentially dynamic. Even before his time physicists had reached 
the conclusion that the emission of light from an atom is associated 
with the behavior of electrons in the atom. Bohr was the first one 
to work out a mechanical model of such an electronic source. He 
assumed that the planetary electrons revolve around the nucleus 
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of the atom, obeying the ordinary laws of mechanics. An electron 
in any particular orbit is attracted toward the nucleus, which 
possesses an excess positive charge; but this attraction is just 
balanced by the centrifugal force tending to spin it away from the 
atom like a stone from a sling. The unique postulates of his theory 
were that only certain orbits are possible for the electrons and that 
when an electron is revolving in one of these stationary states^ i.e., 
stable orbits, it radiates no energy. When an electron passes from 
one orbit to another, it liberates or absorbs an amount of energy 
which corresponds to the difference in energy in the two orbits. 
By means of this dynamic model Bohr was able to calculate quan¬ 
titatively the numerical value of the Rydberg constant and the 
position of all the lines in the spectral series of hydrogen. He also 
explained qualitatively the source of all other spectra. 

At first thought it might seem impossible to reconcile the chem- 
ist^s idea of the atom as a static structure with the physicist^s 
picture of it as a dynamic system, but actually the disagreement is 
not so alarming. We may consider the electron as moving in an 
orbit; but if the position of the orbit is fixed, and we think of the 
valence force as being directed in space by the position of the orbit, 
then the dynamic model also is consistent with the fixed valence 
forces observed in chemical compounds. We only have to think 
of the ‘‘position of the electron’^ as meaning the “position of the 
orbit and we can translate Bohr^s atom in terms of Lewis^ octet 
theory of atomic structure and valence. Considering the diverse 
phenomena which they were developed to explain, the views of the 
chemist and the physicist are remarkably similar. 

The Structure of the Atom. In our very brief description of this 
great field of study, we can state only some of the most important 
facts which have been discovered and some of the most generally 
accepted theoretical explanations of these facts. Both chemists 
and physicists agree as to the general picture of the planetary atom 
which we shall now sketch. 

The Nucleus. The nucleus, which carries nearly all of the mass 
of the atom, is nevertheless very small compared with the atom as a 
whole. Rutherford has found that the radius of the nucleus of the 
atom of gold is no greater than 3.2 X cm., while the upper 
limit for the silver and copper nuclei are 2 X 10“^^ and 1.2 X 
cm. The corresponding atomic radii in solid compounds of the 
same elements are 1.4, 1.3, and 1.0 X 10“® cm. The ratio of the 
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radius of the atomic nucleus to that of the atom as a whole is 
therefore about lO"'*; in other words, the radius of the nucleus is 
only about one ten-thousandth of that of the atom. If an atom 
were magnified to the size of the earth, the nucleus would be less 
than a mile in diameter. The ratio of the volume of the nucleus to 
that of the atom is the cube of 10*^, or ; that is, the volume 
of the nucleus is only about a million millionth of that of the atom 
as a whole. Conversely, the density of the nucleus must be a 
million million times as great as that of the atom as a whole. The 
density of gold is 19.3 g. per ml., but that of the gold nucleus must be 
1.6 X 10^2 g pep jnj ^ QP 29,000 tons per cubic inch. These figures 
are far beyond any densities with which we are familiar on the 
earth, where we deal only with atomic matter. However, for many 
years astronomers have known that the densities of certain stars 
were enormously greater than that of terrestrial matter. Thus, 
according to Eddington, the density of the white dwarf companion 
of Sirius is one ton per cubic inch. Even this figure is far less than 
the density of atomic nuclei, but the suggestion has been made 
that in these stars the ordinary atomic architecture is broken down 
in such a way that the atoms are stripped of their outer electrons 
and the nuclei are very much closer together than in terrestrial 
matter. Even in these stars, however, the nuclei would not be in 
contact, but would be separated by a distance of about thirty times 
their own diameter, instead of ten thousand times their own 
diameter, as in terrestrial atomic matter. 

Rutherford, in 1911, concluded from the early experiments (see 
page 465) on the scattering of alpha particles shot through thin 
metal foils that the nucleus carries a positive charge equal to Ze, 
where Z is approximately half the atomic weight and e is the charge 
of the electron. Van den Broek, in 1913, suggested that Z is 
exactly equal to the atomic number^ representing the position of the 
element in the periodic table. Moseley^s work bore out this idea 
and showed that there was an integral change in this number from 
one element to another. In 1920 Chadwick^ carried out a more 
precise study of the scattering of a particles through thin sheets of 
the three elements, copper, silver, and platinum. He obtained 
values for Z of 29.3, 46.3, and 77.4 respectively. These figures 
agree with the atomic numbers of these three elements, 29, 47, 
and 78, well within the experimental error, which was estimated at 
» Phil ( 6 ). 40 , 734 ( 1920 ). 
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1 or 2 per cent. Thus studies of the scattering of a particles and 
studies of the characteristic X-ray spectra of the elements both 
lead to the conclusion that the net positive charge of the nucleus is 
equal to the atomic number of the element. 

The atomic nucleus, containing nearly all the mass of the atom 
within a radius of a million-millionth of a centimeter, might seem 
too tiny to be a composite of smaller particles or too remote to 
allow a study of its structure. Nevertheless, we have evidence to 
indicate its complexity and have made at least a start at unraveling 
its mysteries. Radioactive atoms are known to decompose spon¬ 
taneously into simpler ones, and other atomic nuclei have been 
decomposed or synthesized artificially. What are the structural 
units which enter into the make-up of atomic nuclei ? A study of 
the relative weights of isotopes, the abundance of different forms of 
matter, and the nature of radioactive change and nuclear disintegra¬ 
tion has led to certain definite conclusions and many fascinating 
speculations. 

Atomic Nuclei and the Whole Number Rule, The atomic 
weights of a number of the elements are nearly whole numbers, 
but this is by no means true of the. majority of the elements. We 
should expect as much in the light of our knowledge of isotopes, 
since most elements are made up of a number of isotopic species and 
the chemical atomic weight is only the mean of the atomic weights 
of the isotopes. What of the ^'isotopic weights— the atomic 
weights of the individual isotopes? Are these strictly integral or 
do they differ from integral values as much as do the mean atomic 
weights ? Refined positive-ray analysis has shown that the isotopic 
weights are all much more nearly integral than are the atomic 
weights. For example, although the atomic weight of chlorine, 
35.457, is far from integral, the isotopic weights of its constituent 
atoms, 34.983 and 36.980, differ by less than 0.1 per cent from the 
integral values 35 and 37. This is true within 0.1 per cent for 
the isotopes of most of the elements and within 0.2 per cent for all 
of the elements except hydrogen. The fact that most isotopic 
weights are very nearly integral is often called the whole number 
rule. These results of positive-ray analysis point certainly to the 
conclusion that one of the basic materials which enters into the 
structure of all the atoms has a mass of one on the scale of atomic 
weights. As Harkins ^ has said, “The fact that the atomic weights 

^Chemical Reviews, 5, 384 (1928). 
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of the atomic species [t.e., the isotopic weights] are whole numbers, 
to within 0.1 per cent in general, suggests that all of the more com¬ 
plex atoms are built up from hydrogen, but that in the formation of 
the complex structure the atomic weight of the hydrogen is changed 
from 1.0078 to 1.000 (± 0.001). Since, however, hydrogen is 
supposed to consist of a . . . proton and a negative electron, this 
is equivalent to the statement that complex atoms are built up 
from protons and electrons.^’ 

Hydrogen, the lightest of the elements, must contain one of these 
units in its nucleus; while uranium, with an atomic weight of 238, 
must contain 238 of them. The nucleus of the hydrogen atom, the 
hydrogen ion, or 'proton^ is considered one of the fundamental 
atomic building blocks; but atomic nuclei cannot consist of pro¬ 
tons alone, for in general their charge is only half their mass on the 
atomic weight scale. They must therefore contain about half as 
many electrons as protons. In 1920 Harkins and Rutherford 
independently reached the conclusion that electrons probably 
could not exist independently in the nucleus in such close proximity 
to the protons but probably were combined with them to form 
uncharged particles. The hypothetical particle formed by the 
combination of a proton and an electron into an entity with unit 
mass and no charge is called the neutron. Such a particle, it was 
argued, being uncharged could penetrate the potential barrier 
around the positively charged atomic nucleus and thus might 
build up heavier atoms from lighter ones. These speculations were 
strengthened in 1932 when Chadwick discovered that neutrons were 
actually emitted when atoms of beryllium were bombarded by 
alpha particles from radioactive materials. The neutron was 
found to penetrate atomic nuclei much more readily than alpha 
particles or protons and to cause atomic syntheses and disintegra¬ 
tions, many of which have now been studied. The fact that alpha 
particles cause the emission of neutrons from light elements of odd 
atomic weight, like beryllium and boron, has been interpreted as 
evidence for the existence of neutrons within the nuclei of these 
atoms. According to the currently accepted theories of nuclear 
structure, the nuclei are made up of protons and neutrons, although, 
as we shall see, there is evidence that these particles are combined 
into larger units in the nucleus. 

The number of protons in the nucleus of any atom is simply equal 
to the atomic number of the element, while the number of neutrons 
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is enough to make up the rest of the atomic weight, i.e., the number 
of neutrons is the mass number minus the atomic number. To 
take a specific illustration, in the case of fluorine the atomic number 
of 9 indicates the presence of 9 protons, which we shall write 9 p. 
The atomic weight is 19, so that the number of neutrons must be 
19 - 9 or 10, which we shall write 10 n. The atom of fluorine 
may be represented by the diagram of Figure 141, where the 9 p 
represent 9 protons, each with 1 unit of atomic 
/ weight and 1 + charge, and the 10 n represent 10 

I ( /STn \ \ neutrons, each with 1 unit of atomic weight and 
j ^ no charge. 

y In a similar way, we can calculate the number of 
Fig. i4i!lDiagram P^otons and of neutrons in the nucleus of any atom, 
of ffiet^^uorine The fact that the protons and neutrons may be 
combined into larger units does not particularly 
limit the usefulness of this method of representation, so long as 
they are regarded as the ^fundamental unitsfrom which other 
aggregates are derived.^ These nuclear diagrams may be likened 
to the molecular formulas of organic compounds, which tell us the 
number, if not the arrangement, of the constituent groups. The 
molecular formula C4H10 tells us just as much about the percentage 
composition and molecular weight of butane as does the structural 
formula CH3.CH2.CH2.CH3. In the same way our nuclear 
diagrams indicate the net nuclear charge (the number of protons) 
and the nuclear mass (the total number of protons and neutrons). 

It is interesting to see how the study of isotopes has brought the 
modem scientists back to Prout^s hypothesis, which seemed doomed 
to oblivion when careful atomic weight determinations showed that 
most of the atomic weights were far from integral multiples of that 
of hydrogen. Indeed, J. S. Stas, whose brilliant atomic weight 
determinations were inspired by a desire to test Prout^s hypothesis, 
had concluded, “I have arrived at the absolute conviction, the 
complete certainty, as far as it is possible for a human being to 
attain to certainty in such matters, that the law of Prout is nothing 
but an illusion, a mere speculation definitely contradicted by experi¬ 
ence.’’ In the modern theory of the structure of atomic nuclei, 
Prout’s ideas have been modified in one important respect. Prout 

* Since the discovery of the positron which has the same mass as the negative 
electron, but an opposite charge, it is no longer certain that the proton is a funda¬ 
mental unit. It may be composed of a neutron plus a positron. For a further 
discussion of this point, see page 536. 
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postulated that the atomic weights should be exojd multiples of the 
atomic weight of hydrogen. In other words, he assumed that in 
the formation of a heavy atom from a number of hydrogen atoms 
the mass of the product was the sum of the masses of the hydrogen 
atoms. This would be true in an ordinary chemical reaction, but 
it cannot be true in this case, for the hydrogen atom is greater than 
unity on the atomic weight scale. For example, if a helium atom 
were made simply by the combination of four hydrogen atoms, 
obeying the law of the conservation of mass, it should weigh 

4 X 1.00807 = 4.03228 

Under these conditions, however, it probably would be no more 
stable than any other chemical compound and would not have the 
unique and peiTnanent characteristics of a heUum atom. In the 
formation of an atom the forces which pack together the constitu¬ 
ents are so much more intense than those holding together the 
atoms in a molecule that some of the mass of the constituents seems 
actually to disappear. This loss of mass is called the packing 
effect. According to Einstein^s theory of relativityy mass and 
energy are interchangeable. This idea was applied by Swinne in 
1914 to account for the energy emitted during radioactive changes, 
and by Harkins in 1915 to account for the stability of the light 
elements in the formation of which from hydrogen the packing 
effect was explained as the radiation of the excess mass as energy. 
We know that chemical compounds which are formed with the 
evolution of large amounts of energy are the most stable. Simi¬ 
larly, the formation of an atom must involve a great liberation of 
energy if the resulting atom is to be stable. In the case of the 
helium atom, with a mass of 4.00216, we may write the fonnation 
of 1 mole of helium thus : 

4 H —>- He + Energy 

(4X1.00807 = 4.03228 g.) —^ 4.00336 g.+ (0.02892 g. = 5.8X10“ calories) 

Thus the formation of 1 gram atom of helium from hydrogen would 
liberate 580 million kilogram calories. A comparison of this figure 
with the energy of formation of chemical compounds shows that 
the atom should be incomparably more stable than the stablest 
molecule. These ideas place a new significance upon the exact 
isotopic weights, since they should indicate the stability of the 
corresponding atomic species. 



Packing Fraction 


526 


ATOMIC STRUCTURE; THE NUCLEUS 


Packing Fractions and Atomic Stability. The most convenient 
method of expressing the divergence of any particular isotopic 
weight from the whole number rule, and hence its packing effect, 
is to state the fractional difference between the isotopic weight and 
the nearest whole number. This fractional difference is known 
as the packing fraction of an isotope, and usually is expressed 
in parts per 10,000. Taking chlorine as an example, the actual 
algebraic difference between the lighter isotope and the nearest 
whole number is 34.983 ~ 35.000 = ~ 0.017. The fractional 
difference is ~ 0.017 -f- 35.000 = - 0.00048; hence the packing 
fraction is - 4.8. In other words, the atomic weight of is 4.8 
parts in 10,000 less than the integral value 35.000. 



The determination of the packing fractions of the elements by 
means of the mass spectrograph has led to the results given in 
Table 102 and plotted in Figure 142, where packing fractions as 
ordinates are plotted against mass numbers as abscissas. This 
figure is substantially the same as that first given by Aston^ but 
includes also the results of later work which he and other workers 
have carried out. The mass number is simply the whole number 
nearest the isotopic weight. Thus the mass number of the isotope 
of arsenic with an isotopic weight 74.934 is 75. It is designated 
as a superscript, As’^ 

^ Aston, “A New Mass Spectrograph and the Whole Number Rule,” Proc. Roy. 
Soc. (Lond.), A 116, 487 (1927). 
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TABLE 102 

Packing Fractions Determined Chieplt by the Mass Spectrograph ‘ 


Symbol 

Mabb 

Number 

Packing 

FRACTIpN 

Symbol 

Mass 

Number 

Packing 

Fraction 

n 




1 

4-86 

Ge 



74 

(-7.7) 

H 




1 

4- 80.7 

As 



75 

- 8.8 

D 




2 

+ 71.1 

So. 



78 

(-8) 

T 




3 

+ 54 

So. 



80 

~ 7.3 

He 




3 

4- 56.6 

Br 



79 

~ 9.0 

Ho 




4 

4- 8.4 

Br 



81 

- 8.6 

Li 




6 

4- 26.9 

Kr 



78 

- 9.4 

Li 




7 

4-24.2 

Kr 



80 

~ 9.1 

Be 




9 

4- 15.0 

Kr 



82 

- 8.8 

B 




10 

4- 14.6 

Kr 



83 

- 8.7 

B 




11 

4- 10.1 

Kr 



84 

- 8.6 

C 




12 

4- 3.0 

Kr 



86 

- 8.2 

c 




13 

4- 5.0 

Rb. 



85 

(“ 8.2) 

N 




14 

4- 5.4 

Sr . 



88 

(- 8.2) 

N 




15 

4- 3-5 

Cb 



93 

- 8 

O 




16 

0.00 

Mo 



98 

( 0.5) 

0 




17 

4- 2.3 

Mo 



100 

— 55 

0 




18 

4- 3.6 

Ru 



102 

(- 6) 

1^ 




19 

0.0 

Sn 



120 

- 7.3 

Ne 




20 

- 1.6 

To 



126 

(-5) 

No 




22 

- 2.4 

I . 



127 

- 5.3 

Si 




28 

(~ 6.5) 

Xe 



131 

- 5.3 

P 




31 

- 5.6 

Ch 



133 

~ 5 

Cl 




35 

- 4.8 

Ba 


! 

1.38 

- 6.1 

c:i 




37 

- 5.7 

Ta 



181 

- 4 

A 




36 

- 6.6 

W. 



184 

(0) 

A 




40 

- 7.2 

Re 



187 

„ 1 

Ca 




40 

(- 7) 

Os 



190. 192 

- 1 

Sc 




45 

7) 

Hg 



200 

4- 0.8 

Or 




52 

~ 10.0 

Tl 



203 

-f 1.8 

Ni 




58 

- 10.0 

T1 



205 

4- 1.8 

Zn 




64 

- 9.9 

1 Pb 

u 



208 

(+ 1) 


‘ Data taken chiefly from the “Annual Isotope Report" by Otto Hahn, Berichte, 
69 A, 5 (193f)). Estimated values are enclosed in parentheses. The values for the 
lighter elements are based on nuclear transformation experiments (see page 645). 


An inspection of the curve in Figure 142 brings out a number of 
important facts. The packing fractions of all of the atoms except 
He^ and 0^® lie along a smooth curve which is nearly hyper¬ 
bolic. Falling steeply from il-s maximum value of 80.7 for H' and 
crossing the zero axis at F^®, this curve passes through a flat mini¬ 
mum value of about ~ 10 near Ci^ and then increases almost 
linearly. It recrosses the zero axis at a mass number of about 200 
and probably continues upward toward the higher mass number 
elements. The curve is very useful, because its regularity allows 
us to find, by graphical interpolation, the approximate packing 
fraction of an element which has not yet been studied in the mass 
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spectrograph. It is also of great theoretical significance in connec¬ 
tion with the stability of different atomic nuclei. The relation 
between packing fraction and the stability of atomic nuclei is well 
brought out by the fact that the light elements of odd atomic 
number, which lie along the left branch of the curve, are the ele¬ 
ments which, as we shall see, are most easily disintegrated by 
bombardment with a particles or protons. They are much less 
staWe than the elements of even atomic number, which lie along 
the lower curve. If we extend the curve to the right, in the direc¬ 
tion of higher atomic weights, we see that once more the packing 
fraction is positive; and from this we might expect the nuclei of 
the heaviest elements to be unstable. This is indeed the case, for it 
is among these elements that we find radioactivity and spontaneous 
disintegration. The packing fraction curve then represents the 
relative stability of the elements. The zero line is taken arbitrarily 
on the basis of the oxygen atom. Elements with a positive pack¬ 
ing fraction are less stable than oxygen, while those with a nega¬ 
tive packing fraction are more stable. The most stable elements 
are those with the smallest packing fraction. 

The Relative Abundance of the Elements and Harkins’ Rules. 
Harkins has discovered many interesting relationships between the 
abundance of the elements and their nuclear constitution, which 
enabled him to predict t he existence of certain isotopes and to draw 
conclusions as to the structure of the atomic nucleus. The most 
important of these, restated in terms of protons and neutrons, 
are summarized below: 

{\) No common atomic nucleus except that of hydrogen contains fewer 
neutrons than protons. Except for and th{‘ rare at least half 
the electrons in an atom are in the nucleus; from this it follows 


Li® u« LI 7 LI® 



Mass number 5 6 7 8 

Protons 3 3 3 3 

Neutrons 2 3 4 5 

Ratio of neutrons 0.67 1.00 133 I .57 

to protons 

Fig. 143. The Structures of Suggested Isotopes of Lithium. 
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that the atomic weight must be at least twice the atomic number. 
In the light elements, up to calcium, the number of neutrons is 
almost exactly equal to the number of protons. Such elements 
comprise over 80 per cent of the matter of the earth’s surface. In 
the heavier elements the ratio of neutrons to protons increases some¬ 
what but is never greater than 1.61, and no species with a ratio 
above 1.2 exists to a greater extent than 0.01 per cent in the surface 
of the earth. It is a striking fact that the ratio of neutrons to 
protons lies within such a narrow limit for all known elements. 



Harkins used this rule in predicting the atomic weights of the 
possible natural isotopes of lithium before these had been found ex¬ 
perimentally. Others had predicted that these isotopes would be: 
(a) Li^ and Li®; (6) Li^ and Li^; (c) Li®, Li'^, and Li®. The third 
prediction was made by Lord Rutherford. In 1920 Harkins pre¬ 
dicted Li® and Li^, and these were found by G. P. Thomson a year 
later. A sketch of the different possibilities given in Figure 143 
will show how this prediction was made. 

The fact that the ratio of neutrons to protons would be less 
than 1.0 for Li® and greater than 1,61 for Li® rules out these two 
structures and leaves Li® and Li^ as the two possible isotopes. In 
addition to the general condition for atomic stability, t.c., that the 
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number of neutrons must be equal to the number of protons and is 
increasingly greater in the heavier elements up to a ratio of 1.61, 
there are several important periodic relationships among the ele¬ 
ments. These are included in the following generalizations: 

(2) Elements with even atomic numbers are more abundant, more 
stable, and richer in isotopes than those of odd atomic numbers, 
(Since the number of protons is thought to be equal to the atomic 
number, the rule could also be stated in terms of the protons.) 
This striking periodicity of two in the atomic numbers is well 
brought out by Figure 144, taken from Harkins^ paper showing the 
abundance of the rare earths as determined by Goldschmidt 
and Thomassen. Despite their similarity in chemical properties, 
the abundance alternates markedly, every element of even 
atomic number being more abundant than its neighbors of odd 
atomic number. The same periodicity is shown by the other 
elements. 

We have no way of obtaining an accurate analysis of all the 
matter in the universe because most of it is inaccessible. We are 



Fig. 145. Periodicity in the Isotopic Complexity of the Rare Earth Elements.^ 

limited, in fact, to the earth's atmosphere, the lithosphere — that 
rocky layer which forms the earth's surface — and to the meteorites 
which reach us from outer space. An estimate of the abundance of 
different elements rests upon analyses of these available samples. 
The meteorites which strike the earth are of two distinct types, 
named stone meteorites and iron meteorites according to their chief 
constituents. The former are found about thirty-five times as 

1 Data for this figure and for Table 103 from Annual Reports on the Progress of 
Chemistry for 1934, Vol. XXXI, p. 369, The Chemical Society, London (1935). 
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frequently as the latter. Despite the different chemical composi¬ 
tion of these meteorites, both kinds show a preponderance of ele¬ 
ments with even atomic number. The evep-numbered elements 
make up 99.2 per cent of the material of iron meteorites and 97.6 
per cent of the material of stone meteorites. The same is true of 
the material of the surface of the earth. It may not be true of the 
heavier central layer of the earth; although if the central portion 
contains considerable quantities of iron, there may be no more 
significant difference between this and the surface than between 
stone and iron meteorites. 

It is significant that the three elements which have not yet been 
isolated — 61, 85, and 87 — all have odd atomic numbers. A 
similar periodicity is shown in the half life of the radioactive ele¬ 
ments, first pointed out by N. F. Hall. Those of even atomic 
number disintegrate more slowly than those of odd atomic number. 
This is shown by the data of Table 103. 


TABLE 103 

Half Life of the Most Stable Isotope of Each of the Radioactive 

Elements 


Atomic 

Number 

Element 

Half Life of Most Stable Isotope 


Even 

Odd 


92 

Uranium I 

4.5 X 10» years 


91 

Protactinium 

1.25 X 10^ years 

90 

Thorium 

1.65 X 10^0 years 

89 

Actinium 

13.4 years 

88 

Radium 

1600 years 


87 

(Virginium) 

— 

86 

Radon 

3.83 days 


85 

(Alabainine) 

— 

84 

Polonium 

136.3 days 



The light elements with even atomic number all have very much 
smaller packing fractions than those of odd atomic number, lying 
on a different curve, as we have already pointed out. This fact, 
and the greater ease with which the nuclei of the odd-numbered 
elements may be disintegrated, points to the greater stability of 
elements of even atomic number. 

Another striking fact is the larger number of isotopes among the 
even-numbered elements than among the odd. The former aver¬ 
age 7.2, while the latter average only 1.4; and no element of odd 
atomic number, except hydrogen, has more than two isotopes, 

MGC— 35 
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The periodicity in the number of known isotopes of neighboring 
elements is brought out by Figure 145 which shows a plot of the 
results of Aston^s recent positive ray analysis of the rare earths. 
Every even-numbered rare earth element has a number of known 
isotopes greater than has either of the odd-numbered elements 
adjacent to it. The general appearance of the graph is like that of 
the relative abundance of the same elements; but the most abun¬ 
dant elements do not necessarily have the largest number of 
isotopes. 

(3) Atoms containing an even number of neutrons are much more 
ahundantj more stablCj and richer in isotopes than those containing 
an odd number of neutrons. This periodic relationship Harkins 
found even more fundamental than the periodicity of even and odd 
numbers of protons in the nucleus. Of tlie 112 atomic species 
known in 1928 between atomic numbers 2 and 60, 96 have even 
numbers of neutrons in the nucleus, and only 16 have odd. All of 
the more stable radioactive atomic species are those with an even 
number of neutrons in the nucleus. These have half-life periods in 
the thousands or millions of years, while the longest half life for a 
species of odd neutronic number is only 5 days, for radium E. The 
most abundant among the isotopes of a stable element almost in¬ 
variably contains an even number of neutrons. The importance 
of the even neutronic number is brought out in Table 104, taken 
from Harkins^ article. 


TABLE 104 

Classification of Atomic Species According to Odd and Even Neutronic 
AND Atomic Numbers 


Constitution of Nucleus 

Atomic Abundance (1*er Cent) 

Neutrons 

Protons 

Earth's Crust 

Meteorites 

Even 

Even 

87.4 

95.4 

Even 

Odd 

10.8 

2.1 

Odd 

Even 

1.8 

2.5 

Odd 

Odd 

0.0007 

0.0 


There are only four known atomic species having an odd number 
of protons and of neutrons in the nucleus. These are H*, Li®, 
B“, and The first three are much less abundant than the 
other isotopes of the same element. 
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(4) Elements of even atomic weight are much more abundant than 
those of odd atomic weighty while the atomic weights of the most 
abundant light elements are divisible by four. This generalization is 
evident, whether we base our estimates of abundance upon an 
analysis of meteorites or upon an analysis of the surface of the earth. 
The preponderance of light elements with atomic weights divisible 
by four is shown by the data of Table 105 and the graph of Figure 
146, on which the plentiful elements are shown to scale; those 


8 16 24 32 40 48 

Atomic Weights 

Fig. 146. Atomic Per Cent of Elements in Meteorites.^ 


found only in traces are indicated by triangles. The mass number 
of the most abundant isotope of each element of even atomic 
number from 4 (beryllium) to 28 (nickel) is divisible by 4. Beyond 
atomic number 28 the periodicity of 4 becomes less general, and a 
periodicity of 2 seems more fundamental. Elements of even atomic 
weight are more abundant than those of odd atomic weight; in 
other words, the sum of the protons and jieutrons in the nucleus 
is usually an even number. 

Possible Constituents of Atomic Nuclei. While in general 
atomic nuclei are thought to consist of protons and neutrons, there 

^ Plentiful elements are shown to scale; those found only in traces are indicated 
by triangles. 
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TABLE 105 


Atomic Pbrcbntagejs of Elements in Metbobitbs 


Element 

Atomic Weight » 

Atomic 
Percentage * 

Carbon . 

12 

0.12 

Oxygen. 

16 

53.16 

Sodium. 

23 

0.62 

Magnesium. 

24 

9.86 

Aluminum. 

27 

1.21 

vSilicon. 

28 

13.82 

Phosphorus. 

31 

0.06 

Sulfur . 

32 

1.46 

Potassium. 

30 

0.11 

Calcium. 

40 

0.97 

Titanium. 

48 

0.005 

Chromium. 

52 

0.13 

Manganese. 

55 

0.06 

Iron. 

56 

12.30 

Cobalt. 

59 

0.04 


* Atomic weights divisible by four are set in bold face. 
2 Taken from Harkins, Chem. Rev., 6 , 417 (1928). 


is good evidence for the existence of more complex units as well. 
The fact that the nuclei of the most abundant light elements all 
have even atomic numbers and have atomic weights divisible by 
four shows that each of these contains an even number of neutrons 
and an even number of protons. Since the alpha particle may be 
considered to consist of two protons and two neutrons, p 2 ^ 2 , these 
light nuclei are most probably made up, not of protons and neu¬ 
trons, but of alpha particles. The conclusion that alpha particles 
may act as nuclear structural units, and that atoms made of alpha 
particles alone are particularly stable, was drawn by Harkins from 
the evidence given in the last section and is now quite generally 
accepted. Another reason for considering that the alpha particle 
is an important nuclear unit is that it is emitted during radioactive 
disintegrations. Although alpha particles seem to be important 
nuclear units, all those nuclei whose mass numbers are not divisible 
by four must contain additional protons and neutrons. Harkins 
suggested that the half alpha particle, pn, might also be a constitu¬ 
ent of atomic nuclei. This group is, of course, identical with the 
nucleus of an atom of the subsequently discovered heavy hydrogen 
or deuterium and hence is known as the deuteron. It has been 
found to be a very effective projectile in bringing about nuclear 
transformations, but is not itself ejected in the course of any known 



















Nucfear Neutrons (or A-Z, Where A=Mass Number) 


150 
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disintegration. As Table 104 shows, the nuclei of 87 per cent of 
the atomic species on the surface of the earth and 95 per cent of the 
atomic species in meteorites may be considered as composed of 
alpha particles and deuterons. Some of the light atomic species 
have additional neutrons, and among the heavier elements the 
number of extra neutrons continually increases, as shown in Figure 
147, where the total number of neutrons is plotted against the 
atomic number. The straight line rising at an angle of 45° repre¬ 
sents equal numbers of neutrons and protons, while the difference 
between this line and the actual points represents the additional 
neutrons which seem to be required for stability in the heavier 
elements. 


TABLE 106 

The Constitution of Certain Atomic Nuclei in Terms of Alpha 
Particles (a), Deuterons (d), and Neutrons (n) 



Atomic 

Ma88 

Nucleus I 

Possible 

Element 



Nuclear 

Structure 

Number 

Number 

Protons 

Neutrons 

He 

2 

4 

2 

2 

a 

0 

8 

16 

8 

8 

a4 

Na 

11 

23 

11 

12 

aidn 

A1 

13 

27 

13 

14 

a^ln 

Ca 

20 

40 

20 

20 

ocu) 

Cs 

55 

133 

55 

78 

cxndrtriz 

V 

92 

238 

92 ! 

146 

cewnu 








In Table 106 we have shown how it is possibles to indicate the 
constitution of certain atomic nuclei in terms of alpha particles, 
deuterons, and neutrons, and how the number of each is cal¬ 
culated from the known atomic number and mass number of each 
atomic species. These representations must still, of course, remain 
as speculations until they are supported by more direct experimen¬ 
tal evidence. 

In 1932, Carl D. Anderson, at the California Institute of Tech¬ 
nology, discovered another particle which may be one of the 
fundamental atomic structural units. This is the positive electron 
or positron, c*^, which was observed to appear when cosmic rays 
strike certain kinds of matter. The positron possesses the same 
mass as the electron and an electrical charge equal but opposite in 
sign. This is shown by a study of positron tracks in a Wilson 
cloud chamber, when they are deflected by an electric or mag- 
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netic field. Positrons and negative electrons usually are associ¬ 
ated in these pictures, the two particles coming apparently from 
the same collision of the cosmic ray and the atomic nucleus. The 
discovery of the positron has raised more questions than it has 
solved. Can it be considered as the chargeof a proton, the 
mass of which is supplied by a neutron? On this basis, a proton 
is equivalent to a neutron plus a positron. This view is the oppo¬ 
site of the older idea that a neutron consists of a proton plus an 
electron. We cannot decide between these views on the basis of 
our present knowledge, but the experiments of the next few years 
may clear up many of these points. The theoretical physicists 
avoid this quandary by considering the neutron and proton not as 
distinct entities but as different states of the same entity. Neither 
do they consider the protons and neutrons in the nucleus as per¬ 
manent and discrete particles, but think of them as continually 
exchanging states. Whether or not they will eventually reach any 
more concrete and definite picture remains to be seen. 

Summary 

The architecture of the atom has been one of the outstanding 
problems of the present century. Rutherford\s nuclear atom has 
been elaborated by Lewis and Langmuir, Kossel, and others to 
explain valence and chemical behavior, and by Bohr and others to 
explain radiation. 

The atomic nucleus, containing most of the atomic mass and a 
positive charge equal to the atomic number, has a radius only about 
0.01 per cent as large as that of the atom as a whole. The whole- 
number rule/’ — that isotopic weights are integral — holds within 
0.1 per cent for most elements. Atomic nuclei are probably built 
up of protons and neutrons and alpha particles. The packing of 
these constituents into a stable nucleus is thought to entail a loss of 
mass called a ‘'packing effect.'' This is measured by the packing 
fraction and indicates the relative stability of atomic nuclei, well 
illustrated by Aston's curve. Harkins has shown that in atomic 
nuclei; (1) No common nucleus except contains fewer neutrons 
than protons. (2) Elements with even atomic number — i.e., an 
even number of protons — are more abundant, more stable, and 
richer in isotopes than those of odd atomic number. (3) The same 
periodicity is shown even more strikingly in the case of atoms with 
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an even number of neutrons. (4) Elements of even atomic weight 
are more abundant than those of odd atomic weight, while the 
atomic weights of the most abundant light elements are divisible 
by 4. 
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CHAPTER 21 

TRANSMUTATION OF THE ELEMENTS 

Atomic Transmutation. Prout’s hypothesis is not the only 
theory of the past which, once discredited, has been revived by 
recent studies of the nature of atoms. The transmutation of one 
element into another, which seemed impossible during the nine¬ 
teenth century, has become an accomplished fact within the last 
two decades. Since these experiments have the closest bearing 
upon our ideas of atomic nuclei, we shall now attempt to describe 
them briefly. 

The alchemical ideas of the transmutation of one element into 
another came down from very early times. They were derived 
partly from an uncritical interpretation of the processes of metal¬ 
lurgy and the arts, where one substance seemed to change into 
another. Thus, for instance, the alchemists knew that the 
addition of a small quantity of arsenic imparted to copper a gra 5 dsh 
color, which they considered the first step of its conversion into 
silver. The alchemists also were greatly influenced by the specu¬ 
lations of the Greek philosophers of the Golden Age, who scorned 
to put their ideas to the test of experiment. One of the major 
quests of the alchemists was the “philosopher’s stone” — that 
magic powder which, thrown upon a molten base metal, like lead, 
would transform it into the finest gold. By the end of the Middle 
Ages many alchemists had claimed the discovery of the stone, but 
none had substantiated his claim. Finally alchemy fell into dis¬ 
repute, the science of chemistry was born, and the discovery of new 
elements and compounds replaced the aims of the alchemists. 

Nearly all the work of the nineteenth century strengthened Dal¬ 
ton’s postulates that atoms were the unchanging and unchangeable 
ultimate constituents of the universe. It is true that Prout had 
suggested that the atoms of heavier elements might be composed of 
hydrogen atoms, and such distinguished scientists as Dumas had 
championed this view. If the atoms were themselves compounds, 
they might be transmuted into each other. This tantalizing 
thought still rose in the minds of scientists and was never com¬ 
pletely given up, although the fact that the atomic weights of the 
elements were not integral made Prout’s hypothesis untenable and 
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the evidence of the laboratory seemed completely opposed to any 
such ideas of transmutation. 

In the closing years of the nineteenth century, radioactivity was 
discovered; and in 1902 Rutherford and Soddy advanced the hy¬ 
pothesis that radioactive change involved spontaneous atomic disin- 
grations — natural transmutations of heavier into lighter elements. 
Here were transmutations which men could witness but which they 
were powerless to control or initiate. No change in conditions 
hastened or retarded the progress of these natural transmutations. 
Nevertheless, the knowledge that certain atoms of some elements 
did disintegrate, yielding atoms of other elements, made atomic 
transmutations seem no longer impossible and spurred scientific 
effort in that direction. The words of Faraday, many years before, 
pointed the line of attack: ^^To decompose the metals, to re-form 
them, and to realize the once absurd notion of transmutation — 
these are the problems now given to the chemist for solution.” 

From the evidence which we have seen of the forces holding 
together the constituents of atomic nuclei, it is apparent that 
atomic disintegration or synthesis can be accomplished only by 
processes involving much more energy than is required to af¬ 
fect ordinary chemical reactions. Since radioactive changes were 
known to liberate enormous amounts of energy, experiments were 
soon carried out to sec if the rays emitted during these changes 
would cause atomic transmutation in other elements. Cameron 
and Ramsay in 1907 tried the effects of mixing different materials 
with radon and testing for possible products of transmutation by 
chemical means. They reported the presence of neon and argon 
in water thus treated and of lithium in copper but later it was found 
that these ‘‘ products ” were already present in the materials and did 
not result from transmutation. 

The first reported transmutation experiments which have stood 
the test of time are those which Rutherford carried out in 1919 ^ 
and which he and Chadwick ^ have since extended. We have 
already seen (page 479) that the range of the alpha particles from 
any particular radioactive element, measured in air under definite 
conditions, is a fixed and definite quantity. Rutherford and Chad¬ 
wick investigated the ranges of alpha particles in air and in other 
gases. The apparatus used is shown in Figure 148. The gas to 

» Rutherford, Phil Mag,, 37, 581 (1919). 

* Rutherford and Chadwick, Proc. Phys. Soc. (London), 36, 417 (1924). 
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be examined was circulated through the brass tube, T. The radium 
C was put on a brass disk, /?, carried on a rod which could be ad¬ 
vanced or withdrawn as desired. A zinc sulfide screen, S, scintil¬ 
lated when bombarded with the alpha particles. Instead of using 
a long column of air, mica sheets of absorptive power equivalent 
to known thicknesses of air were placed between the radioactive 
source and the zinc sulfide screen. 

The normal range of the alpha particles from the radium C used 
in these experiments was 7 cm. in air at normal pressure. When 




Fig. 148. Rutherford’s Apparatus for Observing the Effects of Passage of a Rays 

through Matter. 


the apparatus contained hydrogen, some scintillations were ob¬ 
served as far away as 29 cm.; these apparently were due to protons 
set in motion by the alpha particles. In oxygen, there were few 
scintillations and none corresponding to a range of more than 29 cm. 
Also in a mixture of carbon dioxide and hydrogen, there were no 
scintillations beyond 29 cm. However, when air or nitrogen was 
put in the tube, scintillations due to longer-range particles were 
obtained. These were evidently due to protons, which could not 
come from any hydrogen gas in the apparatus, for their range was 
40 cm. Rutherford concluded they were due to protons knocked 
out of the nuclei of nitrogen atoms which were transmuted when 
the alpha particles struck them. Rutherford and Chadwick secured 
additional evidence indicating that the long-range particles were 
protons, by measuring their deflection in a magnetic field. A 
systematic study of the light elements up to potassium showed that 
all but hydrogen, helium, lithium, beryllium, carbon, and oxygen 
were disintegrated and liberated protons with ranges of 40 to 65 cm. 
Aluminum gave particles of still longer range, 90 cm. 
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The conclusions which Rutherford and Chadwick reached from a 
study of the range of ejected particles have been corroborated by 
the fog-track photographs of Harkins in this country and Blackett 
in England, They used a modification of the Wilson cloud 
chamber, in which two simultaneous photographs of each expansion 
were taken at right angles, so as to give a stereoscopic pair of pic¬ 
tures from which the motion of the particles could be traced in 
three dimensions. They found that a number of the tracks of 
alpha particles from a vigorous radioactive source showed ‘Torks” 
where the alpha particle had collided with an atom of the gas. 
Most of these were elastic collisions — in which the alpha particle 
and the molecule rebounded without loss of energy or momentum 
(Plate XI, facing page 482). In a few cases, however, the colli¬ 
sions were inelastic and indicated nuclear disintegrations. These 
inelastic collisions are extremely rare events. Blackett obtained 
only eight photographs of nuclear disintegration out of 415,000 
individual tracks, or about 20 per million! The tracks of these 
inelastic collisions are quite different from the usual elastic ones. 
Each collision gives rise to two tracks — one long, light one, which 
is very different from an alpha particle track and is due to the 
, proton, and one short, heavy track. This shows 

\ j i up very well in the photograph of the disintegra- 

^ A \ 11 tion of a nitrogen nucleus by a swift alpha particle, 

taken by Harkins, which is reproduced in Plate 
Y^^Ti XIV (facing page 546). The fork on the right-hand 
Y ]| picture is reproduced more clearly than that on 

* V\ 1| the left. It shows clearly the path of the original 

alpha particle, the proton coming off to the right 
Fig. 149. niustrat- fhe recoil nucleus shooting off obliquely to 
infegrat^n^^^Photo- sketched in Figure 149, in which a few 

graphed^^in^ Plate of the neighboring tracks are dotted in, so that 
* ’ the fork may be located easily on the photo¬ 

graph. The apparent continuation of the original alpha particle 
track is actually that of another particle which happened to be in 
line. These disintegration photographs show that the alpha 
particle does not act like a projectile which shatters the nucleus, 
but that it enters the nucleus and forms an unstable atom with a 
large excess of energy which immediately disintegrates, emitting 
a proton carrying the excess energy. The over-all reaction is like 
one of chemical double decomposition, and from these facts we 
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can determine the atom formed in the reaction. For example, 
when an alpha particle disintegrates an atom of nitrogen and 
ejects a proton, we reason thus: First, the sum of the atomic num¬ 
bers of the products must be equal to that of the factors; i.e., no 
electrical charge is lost during the reaction. Second, the sum of the 
mass numbers of the products must be equal to the sum of the mass 
numbers of the factors; i.e., although there may be a change in the 
packing fractions, no protons or neutrons are destroyed in the 
process. We may designate the mass numbers of the nuclei as 
superscripts and the atomic numbers as subscripts, and write the 
equation thus: 

The bracketed atom must be an isotope of fluorine which is 
not known to exist and which is unstable when formed in this way 
because it has the extra energy imparted by the alpha particle. It 
immediately explodes, shooting off a proton and leaving the stable 
aO^^, which is a known, though rare, isotope. 

Another interesting reaction is the disintegration of aluminum 
by alpha particles, which Rutherford and Chadwick found to emit 
such long-range protons. This was studied by Harkins, who in¬ 
terposed a screen of aluminum in the path of the alpha particles 
and photographed the system in a cloud chamber. One of his 
photographs, showing the emission of a high-speed proton, is 
reproduced in B Plate XIV. The reaction is: 

isAP^ + 2He^ -—>• [isP^^] —^ + iHi 

In collisions which result in nuclear disintegrations, the energy 
and momentum of the products are not equal to those of the factors 
as in an ordinary elastic collision. This is shown by a measurement 
of the range and direction in space of the paths of the particles. 
In a number of cases the final kinetic energy of the products of 
disintegration is greater than the energy of the original alpha 
particle. Thus, the alpha particle acts as a trigger to set off the 
transmutation, which itself liberates considerable energy. This 
is exactly what we should expect from a consideration of the packing 
fractions of the atoms involved. 

Completely Artificial Transmutations. In the atomic transmu¬ 
tations described above, a natural radioactive material was used as 
a source of bombarding particles, and the transmutations must be 
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classed as only semi-artificial. For many years no man-made 
device was able to duplicate these results. In order to produce 
projectile particles with high enough energy to penetrate and 
transmute the nucleus, very high potentials seemed necessary, and 
many devices were developed which would deliver a million volts 
or more. The first wholly artificial nuclear transmutation was 
brought about by Cockcroft and Walton ‘ of Cambridge, England, 
in 1932. They built a cascade arrangement by which they could 
apply a high potential of 200,000 volts, which they used to accel¬ 
erate protons. They found that such protons, striking a piece of 
mica containing a lithium salt, cause a disintegration which shoots 
out two alpha particles in opposite directions. The reaction they 
wrote as: 

jLi’-f iH‘— 

This is the first case of truly artificial transmutation and is sur¬ 
prising for the remarkable effectiveness of the proton as a trans¬ 
formation projectile. This is due to the fact that it carries only 
one positive charge, instead of the double charge of the alpha par¬ 
ticle, and hence is not so strongly repelled by the positive nucleus 
into which it must penetrate. The “potential barrier” around the 
nucleus is more easily penetrated by a proton than it is by an alpha 
particle. 

Nuclear Reactions and Packing Fractions. In the transmu¬ 
tation of lithium by protons, a great deal of energy is liberated, 
since the mass of the products is considerably less than that of the 
factors. The difference may be calculated by means of the pack¬ 
ing fractions in Table 102. The exce.'is of mass of any atom above 
its mass number is simply equal to the packing fraction multiplied 
by the mass number. The loss of mass is calculated thus : 

Factobs Products 

Li^ ; Am = 7 X 24.2 = 1G9.4 X lO"^ g. He<: Am = 4 X 8.4 = 33.6 X 10-< g. 
IP: Am = 8(^ X 2 

250.1 6^2 

Loss of mass = (250.1 - 67.2) X 10-^ = 0.01829 g./mole. 

In this reaction the total loss of mass per mole of lithium trans¬ 
muted is 0.01829 g. According to the Einstein equation, this must 
appear as energy. It may be either kinetic energy of the products 
in excess of the energy of the original proton, or it may appear 
1 Cockcroft and Walton, Naiure, 129, 649 (1932). 
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partly or wholly as radiant energy in the form of gamma rays. 
Including the energy, we may unite the equation: 

sLi^ + iHi + K.E.1 —V 2 2He^ + K.E.g 
or aLi^ + iHi + K.E .1 —^ 2 + y + K,E/i 

A measurement of the range of the alpha particles allows us to 
calculate their kinetic energy, which corresponds to that predicted 
by the Einstein equation within the limit of accuracy of the experi¬ 
ments. The same is true of the second type of reaction, when the 
energy of the y radiation is taken into consideration. Enough 
nuclear disintegrations have been studied in this way to allow the 
energy measurements to be used to calculate the packing fractions 
apparently with greater accuracy than they can be measured 
directly in the mass spectrograph, because of the large amount of 
energy which is equivalent to a small mass. A systematic inter¬ 
comparison of the packing fractions of the elements up to oxygen, 
using disintegration data alone, gave values which were in satis¬ 
factory agreement with the mass spectral results for the heavier 
atoms, but deviated systematically for the lightest, giving higher 
packing fractions. It has been suggested that the mass spectral 
values were wrong, because of the difficulty of comparing the light 
elements with 0^® with sufficient accuracy. A tabulation of the 
masses of light atoms calculated from transmutation data, made 
by H. Bethe,^ was used by Hahn in compiling the values of the 
packing fractions given in Table 102. 

Deuterons may serve as projectiles as well as protons. Indeed, 
they are more effective, since they have the same charge and double 
the mass. When lithium is bombarded by deuterons, the hghter 
isotope is transformed as follows: 

aLi^ + ikP —^ [4Be«] —^ 2 2He" 

Transmutation by Neutrons. The discovery of the neutron by 
Chadwick in 1932 furnished another projectile for atomic transmu¬ 
tations. Since it carries no charge, it can penetrate very easily 
into an atomic nucleus and does not need to be moving very fast to 
bring about a transmutation. In fact, slow neutrons are more 
effective than very fast ones, which tend to shoot through the 
nuclei without sticking long enough to cause a transmutation. The 
formation of a neutron by the bombardment of beryllium with 
1 PA|/8. JBer,. 47. 633 (1935). 
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alpha particles from a radioactive source Chadwick assumed to take 
place according to the following equation : 

4Be»+ 2He^—>-6C^' + oni 

The neutron is given a high velocity by the energy of the reaction. 
The velocity of the neutron cannot be measured directly, but 
it may be found by allowing the neutrons to fall upon any sub¬ 
stance containing hydrogen, e.g,, water, cellophane, or, most con¬ 
veniently, paraffin, and measuring the range of the protons which 
they eject. Strangely enough, paraffin absorbs a stream of neu¬ 
trons more completely than does the same thickness of lead! 

'Secoii ^ knowledge of the other nuclear masses 

Nucleus and the kinetic energy of the neutron, its mass 
has been deduced as 1 0085, although this value is 
V still somewhat uncertain. 

£fe ratio^*'Ncutrons may be formed by bombardment with 
Nudeus by Means deuterons as well as with alpha particles from 
of a Neutron. radioactive substances. Thus Laiiristen and Crane, 
at the California Institute of Technology, found that the bombard^ 
ment of lithium by deuterons accelerated in their special million- 
volt tube gave an intense source of neutrons by the reaction: 

+ iH2—2He^ + on' 


The commonest type of transformation caused by neutrons results 
in the formation of an alpha particle. In other words, it is the 
reverse of one of the processes forming the neutron. If oxygen is 
bombarded by neutrons, the reaction is: 

sO'^ + ori'—2He4 


C Plate XIV (facing page 546) shows a disintegration, presumably of 
a nitrogen nucleus, caused by a neutron shot through air. The neu¬ 
tron leaves no track in the cloud chamber. It presumably followed 
the path of the dotted line of Figure 150, on which are shown also 
the path of the a particle and the recoil atom. The reaction was 
written thus: 

tN" -f- oil' —>■ 5B" -j- 2He‘* 


One of the most interesting nuclear transformations caused by 
neutrons has been found by FennF and Amaldi and their collab- 


Possible Production of Ploments of Atomic 


1 Fermi, Nature, 133, S98 (1934), 

Numl^er Higher than 92 ” 

A Radioactivity Produced by Neutron Bombardment." 1 by Fermi 

Amaldi, D Agostmo, Rasetti, and Segrd, Proc. Roy. Soc., 146 A 483 nQS4^ • TT Kv 
Arnaldi, D Agostmo, Fermi, Pontecorvo, Rasetti, and Segr^i, ibid., 149 ’a^^522 
(1936) • 
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orators at the Royal University of Rome. In the course of a 
systematic study of the reactions of neutrons with all the chemical 
elements, they found that the bombardment of uranium gave 
radioactive products having half lives of 15 seconds, 40 seconds, 
13 minutes, and 100 minutes. They were able to obtain enough 
of these products to separate by chemical methods, precipitating 
them by various reagents in the presence of other elements. They 
showed in this way that the 13- and 100-minute products were not 
chemically like any of the elements from uranium to lead but were 
chemically similar to manganese and rhenium. Thus if the 
irradiated uranium is mixed with a manganous salt and MnOs is 
precipitated with NaClOs in nitric acid solution, 50 per cent of the 
activity goes with the Mn02. The activity is carried down with 
ReSOd or ReS in the same way. The element resulting from the 
irradiation of uranium by neutrons is therefore an analogue of 
Mn and Re, coming in Group VII of the periodic table, and is 
assumed to be an unknown element of atomic number 93. The 
conclusions they reached were: 

'^Through these experiments our hypothesis that the 13-minute and 
100-minute induced activities of uranium are due to transuranic elements 
seems to receive further support. The simplest interpretation consistent 
with known facts is to assume that the 15-second, 13-minute, and 100- 
minute activities are chain products, probably with atomic number 92, 
93, and 94 and atomic weight 239.^^ 

Disintegration by y Rays. Several of the lightest elements can be 
disintegrated by means of y rays.^ When the energy of these rays 
is absorbed by the nucleus, the latter becomes unstable and dis¬ 
integrates, emitting a neutron and forming a lighter isotope of the 
original atom. Thus, in the case of beryllium : 

dBe® -f- y —on^ + dBe® 

Artificial Radioactivity. All the transformations so far discussed 
occur instantly, as far as we know. As soon as the projectile enters 
the nucleus, a transformation results, and stable products are 
formed. On January 15, 1934, Mme. Ir^ne Curie-Joliot and her 
husband, M. F. Joliot, read a paper ^ before the French Academy in 
which they showed that if boron, magnesium, or aluminum are 
bombarded with alpha particles from polonium they emit positrons 

* Chadwick and Goldhaber, Proc. Roy. Soc., 161, 479 (1935). 

* Curie and Joliot, Compt. Rend., 198, 254 (1934). Cf. also “The New Radio¬ 
elements. Chemical Proofs of Transmutation,” F. Joliot and Mme. I. Joliot, 
J. chim. phys., 31, 611-620 (1934) a review. 

MGC — 30 
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but that the positron emission takes some time to build up and con¬ 
tinues for an appreciable time after the alpha ray bombardment has 
ceased. The emission diminishes in an exponential way and shows 
all the characteristics of a radioactive change; hence, it is called 
artificial radioactivity. The reaction takes place in two steps, the 
first of which takes place instantaneously, as in other nuclear 
transformations, but yields an unstable product which decomposes 
at a measurable rate. In the case of boron, the first reaction is: 

+ jHe^ —^ *7N^» + on^ 

The nitrogen of mass number 13 is radioactive, as indicated by the 
asterisk * and breaks down thus: 

♦7NW->-6C'® + € + 

In the case of aluminum, the reactions are assumed to be: 

13AP7 + ^He^—^*i5P^ + on^ 

and ^i 4 Si^ + e- 

Later Joliot and Curie-Joliot obtained chemical evidence of the 
radioactive substances formed in the transmutations. Their 
procedure is outlined in their own words: ^ 

have irradiated the compound boron nitride (BN). By heating 
boron nitride with caustic soda, gaseous ammonia is produced. The ac¬ 
tivity separates from the boron and is carried away with the ammonia. 
This agrees very well with the hypothesis that the radioactive nucleus is 
in this case an isotope of nitrogen. 

Wlien irradiated aluminum is dissolved in hydrochloric acid, the activity 
is carried away with the hydrogen in the gaseous state and can be collected 
in a tube. The chemical reaction must be the formation of phosphine 
(PHs), or silicon hydride (SiHJ. The precipitation of the activity with 
zirconium phosphate in acid solution seems to indicate that the radio- 
element is an isotope of phosphorus. These experiments give the first 
chemical proof of artificial transmutation.’^ . . . 

Other investigators have multiplied instances of artificial radio¬ 
activity. Lauristen and his coworkers produced artificial radio¬ 
activity by bombarding boron and carbon with million-volt 
deuterons, and others have found that protons or neutrons may 
cause the formation of radioactive nuclei. The half-life periods of 
a number of artificially radioactive elements have been measured 
and a list of these is given in Table 107. 

1 F. Joliot and I. Curie, Nature, 138, 201 (1934). 
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TABLE 107* 

Half-Life Pbbiodb of Artificiallt Radioactive Elements 
Radioelbment I Half Life 



r N« 

14 min. 


F17 

1.1 

Positron- 

I Al" 

0.12 

emitters 

P»o 

3.2 


CI»< 

40 


Sc«0^) 

180 

& 

Alw 

2.1 

1 Chem. Soc. Ann. Rcp.^ 81, 390, 1934. 


Although most of the artificial radioactive elements listed above 
emit positrons, the majority of known artificially radioactive ele¬ 
ments emit negatrons rays). Since these artificially produced 
radioactive elements are at least equal in activity to many natural 
radioactive elements, and may be produced more cheaply than the 
latter are concentrated, they may soon find wide use in medicine 
where radium treatments are now employed. One advantage is 
that the disintegration products, unlike those of radium, are non¬ 
toxic, so that the radioactive material may be used directly in the 
body. The status of our knowledge of artificial transformation of 
the elements is summarized in Table 108. 

Although there is no general rule allowing us to predict the 
course of these reactions, certain regularities do appear. 

(1) The projectile may be an alpha particle, deuteron, proton, 
neutron, or gamma ray. 

(2) The only primary products emitted in the process of trans¬ 
mutation are alpha particles, protons, neutrons, and gamma rays. 

(3) Positive or negative electrons and y rays may be emitted 
during radioactive changes of the light elements. Alpha particles 
are not emitted by these elements. 

(4) Charged projectiles — a particles, protons, or deuterons — 
are effective only in transmuting the lighter elements up to an 
atomic number of about 20. This is because the positive charge 
of the nuclei of these atoms is small and the energies at our dis¬ 
posal are sufficient to force a positively charged projectile through 
the nuclear potential barrier. 

(6) Neutrons are effective for the heavier elements, because they 
penetrate the nuclear potential barrier more‘easily. Fermi and 
his co-workers have succeeded in transmuting even uranium by 
neutron bombardment. 
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TABLE 108 

Established Nuclear Disintegrations » 


(Observations of 7 rays are indicated by italics: disintegrations resulting in 
complete division of the product nucleus into a particles are indicated by boldface 
type.) 


Reaction Type 

Target Materials 
WITH Which 
Reaction Yields 
Stable Products 

Target Materials 
WITH Which 
Reaction Yields 
Radioactive 
Products 

VPE of Ray 
Emitted 




H . 

zMA +a-►'P +Z + 1 MA + 3 

bRio, 9F»», iiNaW, 

laApT, j^pai 

12Mg28 

€~ 

zMA + a —n + Z+ 2 MA +3 

aLi’, iBe^ bB^i 

bB1«, 7N1S 9 F 19 , 

12Mg2^ 13 AI 27 , ifiP^l, iiJv 

€+ 

zMA 4- d -► a + Z-iMA-2 

aLi*, 4Be», bBi», 7Nl^ 
llNa23, 18A127 



zMA “b d -■■■ >■ p -h zMA + 1 

lH2. 3Li«. bRi®, 6012, 

7 N 14 

iiNa23, 13AI27, 29 Cu 

t' 

zMA + d — n + z + iMA+i 

iH2, 3 LP, 4R€®, bBh, 
uNa28, 

bBIO, 6C12, 7N» 

£+ 

zMA 4- P - a 4* Z~iMA-3 

zMA 4" P — ^( 7 ) + z + iMA+i 

3Li«, iLi\ bBh, 

b012 

6+ 

zMA -{- n a 4" Z-2MA~3 

3Li8, bBio. 7 N 14 , gOi6, 
ioNe2o 

9 FI 9 , i2Mg26, 13A127, 
IbP^I, 17CP^ 2lSc«, 
26Mn'>^ 27(708“ 

€ 

zMA 4* n . > p 4- z-iMA 


llNa23, i2Mg2^ J3A127, 
14Si28, iJ>31;j^S32, 
24Cr82, 26 Fc 86, aoZll®^ 
3oZn88 

€ 

zMA 4- n —>-( 7 ) 4- zMA+i 

89 F, uCd, stHg 

llNa23, ,2Mg2fi, 13A127, 
uSi®*^, n(U, iqK**, 

23\^81, 26Mn88, 

29Cu88, 3,Ga, 33As^8^ 

34Se, 3!.Br^®, aftBr^b 47Ag, 
4jll"b 49lM”b BlSb, 
B 3 I 127 , 74 W, 76Re, 

77 /r, 79da 

6 

zMA 4* 7 n 4- zMA-1 

iH», iBe® 




(Radioactive Isotopes] 

zRA. -e++Z-iRA 7 N 1 ’, 80l^ iiNa22, 3Al2^ uSi^^. ^p30, 

nCFS 2,Sc 

zRA- +Z+ 1 RA 7Ni«, ioNe23. ,2Mg27, , 3 ^/ 28 , ,bP32, 

17CI, i»K^ 2 , 28 2bMn^^, 29 Cu 8 ^, 20Cu 66^ aiGu, 

8jAs^*, S 4 S 0 , asBr^^, avRb, 47Ag, 49 X 0 ^^^, 

49ln»«, BlSb, B3B2«, 66Ba, BoNd, 74 W, tuRg, 77lr. 

79AU 

zRA- -a+z~2RA-4 eaSini^*? 


1 Adapted from Evans and Livingston, Rev, Mod. Phys., 7, 229 (1935). Only 
“those reactions whose course has been established by chemical separations, by 
energy measurement on each of the emitted particles, or by the agreement of 
disintegration data^from two or more laboratories and the absence of any contrary 
evidence” are included. 
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(6) The products of transformations and radioactive change are 
always known stable isotopes or those near the stability range of 
the particular element under consideration. The stability rules of 
Harkins applying to all isotopes (pages 528 et seq.) are applicable in 
defining the region of stability for these nuclear products. 

(7) The periodicity of odd and even atomic numbers appears 
clearly in nuclear disintegrations. There are 73 cases of transmu¬ 
tation of elements of odd atomic number and only 26 of elements of 
even atomic number. Of the artificially radioactive elements, 31 
are odd numbered, and only 10 are even numbered. 

Summary 

The transmutation of elements has been achieved by means of 
alpha particles from radioactive sources and, more recently, by 
means of protons, deuterons, and helium ions accelerated by high 
voltages, and by neutrons. Often considerable energy may be 
liberated in the process. It may be calculated from an exact 
knowledge of the isotopic weights, or used to check them. The 
products of transformation are often stable, although many of them 
exhibit artificial radioactivity, as Curie and Joliot first discovered. 
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CHAPTER 22 


ATOMIC STRUCTURE; ARRANGEMENT OF EXTERNAL 

ELECTRONS 

Although the atomic nucleus has only started to 3 neld up its 
secrets within the last few years, the outer portions of the atom 
have been explored for two decades and are comparatively familiar 
ground for the physicist and chemist. In this region, comprising 
the bulk of the atomic volume, are the electrons which give the 
atom most of its physical and chemical properties. The arrange¬ 
ment of these electrons has been inferred from a study of the spec¬ 
tral hnes, excitation potentials, and chemical properties of the 
atoms. In this chapter we shall present a general idea of the 
arrangement of these electrons, confining our attention chiefly to 
the facts and theories which relate to chemical properties and 
valence. 

Radiation and the Quantum Theory. In describing radiations 
and spectra (Chapter 17), we saw that visible light was only one 
region of a vast spectrum of radiant energy, reaching from the 
short 7 rays to long radio waves. All of this radicUion has the 
property of passing from one substance to another through a vac¬ 
uum as well as through matter. The researches of Clerk Max¬ 
well and others indicated that all radiation was electromagnetic in 
nature and that, in vacuo, it was propagated with the speed of light. 
Hertz proved the existence of long electrical waves emitted by an 
oscillating discharge passing across a spark gap and thus verified 
Maxwell’s electromagnetic theory of radiant energy. The flow of 
current in a spark gap is chiefly a flow of electrons; hence the mo¬ 
tion of electrons was assumed to be the cause of electromagnetic 
waves. The next great advance in our knowledge of the nature of 
radiation came from a study of the radiations emitted from a black 
body at different temperatures. A black body may be defined as 
one which absorbs all the radiation striking it but emits radiations, 
the frequencies of which depend only on its temperature and not on 
the material of which it is composed. The radiation from such a 
body is found experimentally to be distributed over a wide range 
of frequency. As the temperature is raised, more and more of the 
energy is radiated at higher frequencies. 

562 
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This is a fact familiar from experience. A substance at a tem¬ 
perature slightly above blood heat will radiate low-frequency waves, 
which we feel as radiant heat. As the temperature is raised, the 
substance begins to emit light — first red, then orange, and finally 
white, i.e., all frequencies of the visible spectrum. The color of the 
radiated light is an accurate indication of the temperature of the 
substance. The higher the temperature, the greater will be the en¬ 
ergy emitted in the high frequencies. Before 1900, the accepted 
theory was that radiation was emitted by the atoms or molecules 
acting in a continuous manner, in other words, there was no limit 
to the extent to which energy could be subdivided. In 1900, Max 
Planck of Berlin advanced the radically new hypothesis that energy 
could be radiated only in separate or discrete packets or quanta. 
The magnitude of a quantum of energy is directly proportional to 
the frequency of the radiation. Thus if E is the quantum of energy 
of frequency p : 

E = hv 

where A is a universal proportionality factor, known as Planck^s 
constant It has the value 6.554 X 10^^ erg seconds and is one of 
the most important natural constants. Table 109 gives the mag¬ 
nitude of a quantum of energy for a number of representative 
frequencies. 

TABLE 109 

The Magnitude op Energy Quanta 


Type of Radiation 

Mean Value of p 
Per Second * 

Quantum of Energy 
in Ergs 

Hertzian waves. 

10^ 

6.6 X 10“*2 

Infrared waves. 

3 X 10*» 

2 X lO-i* 

Yellow light. 

5.3 X 10»* 

3.5 X lO-w 

Blue light. 

6.6 X 10»< 

4.3 X lO-w 

X rays . 

3 X 10^8 

2 X 10-» 

y rays . 

3 X 1019 

2 X 10-7 


^ Oscillation frequency, or waves per second. See page 440. 


Planck^s ideas explained the distribution of radiation from a 
black body. The energy of the radiators in such a body depends 
upon the temperature. In a black body at low temperatures, only 
the radiators which have a low natural frequency are excited; 
hence the body can only radiate light of low frequency (infrared 
and red), the quanta of which are small At low temperature 
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none of the radiators has sufficient energy to radiate high-fre¬ 
quency quanta, which are large. As the temperature is raised, 
more and more of the radiators have high energy and hence can 
radiate the larger quanta corresponding to higher frequency light 
(blue and violet). 

During the last thirty-five years the quantum theory of energy 
has found more and more fruitful applications in explaining a 
whole series of phenomena which could not be understood on the 
basis of the older ideas of energy. One of the first of these is the 
photoelectric effect. 

The Photoelectric Effect. A beam of light of a suitable fre¬ 
quency falling upon a metal surface causes it to emit electrons. 
This is called the photoelectric effect and is the basis of the familiar 
photoelectric cells used commercially in counting devices and in 
many other ways. The electrons which are liberated from the 
metal surface by means of the light are known as photoelectrons. 
They may leave the surface with considerable kinetic energy. 
In 1905 Einstein suggested that the photoelectric process could be 
explained on the assumption that a quantum of light was absorbed 
by each electron and converted into the kinetic energy with which 
it was expelled from the surface. The equation he developed was: 

^ rmf^ — hv — p 

where | mv^, the kinetic energy of the electron, is set equal to the 
incident quantum of energy, hv, minus the ‘‘photoelectric work 
function,” p, which is the work required to remove the electron 
from the metal surface. This simple equation has been found to 
describe very exactly the results of all photoelectric studies, which 
therefore confirm in a remarkable way the correctness of the 
quantum theory. One of the most complete studies of the photo¬ 
electric effect was carried out by Millikan and published in 1916. 
A beam of monochromatic light of any desired frequency, selected 
by means of a spectrometer, was focused upon the surface of a 
cylinder of lithium, sodium, or potassium, which had been freshly 
cut in vacuo in order to remove any oxide coating. These alkali 
metals were used because visible light will eject electrons from 
them, while many other metals require ultraviolet radiation. The 
energy of the emitted electrons was determined by measuring the 
minimum positive potential which had to be applied in order to 
prevent them from leaving the surface of the metal. 
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The kinetic energy of the photoelectrons is equal to the electrical 
energy necessary to prevent their emission, i.e., equal to the prod¬ 
uct of the stopping potential, F, and the electronic charge, e: 

imv^ = Ft 

Combining this with the immediately preceding equation gives: 

Ft = Av — p 

If the stopping potential, F, is plotted against the frequency, v, 
of the incident light, a straight line should result, the slope of which 
is a measure of Planck’s constant. Millikan’s experiments showed 
that this was indeed the case, as his results for sodium,‘ plotted in 



Fig. 151. Millikan’s Test of the Einstein Equation for Photoelectric Emission from 

Sodium. 


Figure 151, indicate. The function is linear, and the value of 
6.56 X 10~2’ erg seconds for h which he deduced agrees well with 
the value which Planck had determined from the radiation laws. 

Other confirmations of Einstein’s equation and Planck’s quantum 
theory were made when M. de Broglie and others measured the 
much greater velocity of photoelectrons emitted from different 
materials by means of monochromatic X rays and found that these 
energies also are exactly what the Einstein equation predicts. 

At about the same time Duane and his collaborators at Harvard 
University found that the inverse effect — the emission of radiation 
under electron bombardment — followed the same law. When a 


1 Phya. Rev., 7, 365 (1916). 
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beam of electrons of constant velocity fell upon a target, the energy 
of the highest frequency of the continuous X radiation always corre¬ 
sponded to the energy of the incident electrons. Webster showed 
that the same thing is true of the excitation of the characteristic 
X radiations. 

The results of all of these experiments show conclusively that 
the quantum theory describes the emission and absorption of 
radiation. They also showed that in many cases the emission and 
absorption of radiation were associated with changes in the 
energies of electrons. 

The first application of the quantum theory to the general 
problem of the emission and absorption of light was made in 1913 
by Niels Bohr.^ He assumed that an atom could exist in a number 
of different energy states and that radiation took place when the 
atom passed from a higher to a lower energy state, while absorption 
of light accompanied the reverse process. He adopted Planck ^s 
quantum theory and expressed the energy change, AJ^, accompany¬ 
ing the emission or absorption of light of frequency v as: 

AE = hv 

By means of this equation it is possible to determine the energy 
states of different atoms from an investigation of the frequencies of 
the characteristic spectral lines which they emit. From a study of 
these energy states and the way they are affected by electric and 
magnetic fields, the physicist has developed the present theory of 
atomic structure. 

The Bohr Atom. Bohr went beyond the application of the 
quantum theory to finding the energy states of atoms. He postu¬ 
lated an atomic model on the basis of which he could predict very 
successfully the energy states of the hydrogen atom. This theory 
has stimulated so much of the subsequent work in this field that we 
shall describe it, even though it has been modified in the light of 
later work. 

Bohr adopted Rutherford ^s nuclear model and assumed that the 
hydrogen atom consists of a proton around which revolves a single 
electron. Since the mass of the electron is so small compared 
with that of the proton, the latter may be considered the center 
about which the electron revolves in a circular path. According to 
the older electromagnetic theory, such a revolving electron, since its 
1 Phil. Mag., US, 1. 476, 587 (1913). 
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direction is continually changing, should radiate energy and spiral 
down until it collides with the nucleus. Bohr assumed, however, 
that such a law could not hold within the atom. Instead, he 
postulated certain nonradiating or stationary orbits in which the 
electron could rotate indefinitely without emitting energy. Only 
when the electron jumped from one orbit to another was energy 
liberated or absorbed. In any stationary state, the centrifugal 
force of the electron is just balanced by the force of attraction 
between electron and nucleus, a force of attraction which obeys 
Coulomb's law. The total energy of the atom is the sum of the 
kinetic energy of the electron and the potential energy due to its 
separation from the positive nuclear charge. The total energy of 
the atom increases as the orbit becomes larger. If an electron falls 
from a large (high-energy) orbit to a smaller one, Bohr assumed 
that the difference of energy is liberated as radiation, where again 
AE = hVf and the frequency of the radiation depends on the energy. 
Bohr found that if the angular momentum of the electron ^ is set 

equal to where n is any positive whole number, the radii of the 

2 TT 

successive stationary orbits of the hydrogen atom come out exactly 
right. The transitions of an electron among these orbits will then 
liberate amounts of energy which agree exactly with the known fre¬ 
quencies of the hydrogen spectrum. Bohr showed that according 
to his theory the Rydberg constant could be calculated exactly 
from natural constants as: 

j, _ 2 

^ ” ch^ 

where tt has its usual mathematical significance, m is the mass and 
€ the charge of the electron, c is the velocity of light, and h is 
Planck’s constant. This remarkable result carried a great deal of 
weight in establishing the Bohr theory of the hydrogen atom. On 
the basis of this theory, the successive orbits of the atom are desig¬ 
nated by the quantum numbers, n = 1, 2, 3, etc., where the values 
of n are the integral number of units of angular momentum which 
the electron possesses. Notice that n does not refer directly to 
the radius of the orbit, a, which is actually proportional to the square 
of the number n: ^ 2/^2 

^ 4 vhntE 

* Defined ae the product of the mass of the electron multiplied by the product 
of its velocity and the orbital radius. 
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where E is the central charge and the other symbols have their 
previous significance. The actual radius of the first electron orbit 
of the hydrogen atom Bohr calculated as 0.53 X 10“^ cm., or .53 A, 
which is consistent with values of the radius of the hydrogen atom 
determined from the kinetic theory. 

According to Bohr's original theory, the energy states of the 
hydrogen atom correspond to a series of circular electron orbits, 
and the spectral series are due to transitions from one to another of 
these. Transitions to the innermost orbit, for which n = 1, from 
orbits in which n = 2, 3, 4, etc., give rise to the first, second, third, 
etc., lines of the L 3 niian series in the ultraviolet. Transitions from 

the outermost orbits give rise 
to lines of higher and higher 
frequencies; while if the atom 
is completely ionized and an 
electron falls into this inner¬ 
most orbit, it emits a line 
corresponding to the series 
limit. Similar transitions 
from higher orbits to the 
second, third, and fourth or¬ 
bits give rise to the Balmer, 
Paschen, and Brackett series 
in the visible, infrared, and 
far infrared. These are in¬ 
dicated in Figure 152. In 
the normal atom, the electron 
is in the orbit of lowest energy, i.e.j the smallest orbit. When the 
atom is excited by any cause, such as heat, radiation, or electron 
bombardment, the electron may be thrown up to one of the higher 
levels, from which it falls back by one or more steps to the lowest 
level. Each transition corresponds to the emission of light of a 
definite frequency. The absorption of light is exactly the reverse 
of its emission. Light of a particular frequency is absorbed in 
causing transitions of electrons to higher orbits. 

Bohr's model was successful in explaining the chief energy 
states of the hydrogen atom and of singly ionized helium, which 
also has but one electron. However, it failed to predict all the 
energy states for more complex atoms. Sommerfeld soon intro¬ 
duced the idea of elliptical orbits as well as circular ones and a 



Fig. 152. The Bohr Orbits of the Hydrogen 
Atom and Spectral Series. 
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second quantum number to describe the shape of the orbit. Ac¬ 
cording to him the orbits with a principal quantum number 
n = 2 could be either a circle or an ellipse with its major axis equal 
in length to the diameter of the circle and a minor axis half that 
length. Similarly, for n = 3, there could be three orbits, all with 
the same major axis, but with minor axes in the ratios of f, and 1. 
Sommerfeld showed that the energies of the elliptical orbits differed 
slightly from each other and from that of the circular orbits and 
that this accounts for the appearance of two or more energy levels 
associated with a given quantum number, where the original Bohr 
theory predicted only one. This is because the nucleus is at the 
focus of an elliptical orbit and the electron in such an orbit ap¬ 
proaches the nucleus more closely 
than does an electron in a less eccen¬ 
tric ellipse or in a circular orbit. 

It penetrates within the orbits of 
smaller quantum number, which 
shield the outer circular orbits from 
the full effect of the nuclear charge. 

Because of this penetration, the most 
eccentric elliptical orbits always cor¬ 
respond to lower energy states than 
the less eccentric elliptical or circular 
orbits. The Bohr-Sommerfeld orbits corresponding to n == 4 are 
shown in Figure 153. 

Subsequent work has shown that a third quantum number must 
be introduced to explain the behavior of atoms in a strong mag¬ 
netic field — the Zeeman effect — and in a strong electric field — 
the Stark effect. This quantum number represents the position of 
the orbit in space with reference to the direction of the applied field. 
The orbit can only take up certain discrete orientations, and this 
causes a splitting of the energy levels and the appearance of the 
complex patterns characteristic of the Zeeman and Stark effects. 

Finally, a fourth quantum number was found necessary to 
explain the fine structure of the lines of the elements. This was 
ascribed by Uhlenbeck and Goudsmit in 1925 to the spin of the 
electron around its own axis. 

The four quantum numbers may be considered to represent 
(1) the size of the orbit, (2) its shape, (3) its orientation in space 
with reference to an applied field, and (4) the electronic spin. 



Fig. 153. The Four Bohr-Som- 
merfeld Orbits Corresponding to a 
Principal Quantum Niunber n = i. 
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The Electronic Configuration of the Elements. In the normal 
state of any isolated atom, the electrons are distributed in such a 
way as to fill up as many as possible of the orbits of lowest energy. 
The distribution is restricted by the fundamental rule known as 
Pauli’s exclusion principle — that no two electrons in an atom 
are described by the same four quantum numbers, Le., no two 
electrons with the same spin occupy identical orbits. Since only 
two values of the spin are possible, there are usually pairs of elec¬ 
trons with three quantum numbers alike, differing only in spin. 
In Table 110 we show the arrangements of the electrons in all of the 
elements. Most of the table is based upon experimental observa¬ 
tions, chiefly of spectra. The configurations marked (?) are pre¬ 
dicted by theoretical analogy, but they have not yet been verified 
by experiment. All the configurations refer to the ground state 
or lowest energy state of the isolated atom. The main shells are 
designated by the principal quantum numbers n= 1, 2, 3, 4, 5, 6, 7, 
and also by the letters X, L, Af, AT, 0, P, Q, the significance of 
which we shall explain in considering X-ray spectra. The subshells 
are designated by the letters Sy p, d, /, p, h, which represent succes¬ 
sively smaller values of the angular momentum of the electron. 
In terms of the Bohr-Sommerfeld model, the s electrons occupy 
the most eccentric orbits and the p, d, /, p, and h electrons, orbits 
which are successively more nearly circular. In the case of the 
K shell, however, even the s electrons occupy circular orbits. 
The electrons are usually designated by a number indicating the 
principal quantum number, followed by the letter designating the 
subshell, thus: Is, 3p, etc. A consideration of a few individual 
atoms will make this general arrangement clear. 

The normal hydrogen atom contains one Is electron in the first 
quantum shell or K shell. The helium atom contains two Is 
electrons with opposite spins. These fill the K shell. The 
lithium atom contains three electrons, but only two of them can be 
Is electrons in the first quantum shell. The third electron must 
start a new shell. It is a 2s electron in the L shell, in which the 
principal quantum number n = 2. The beryllium atom adds a 
second 2s electron, which fills up the first L subshell, corresponding 
to the elliptical orbits. The next elements, boron, carbon, nitro¬ 
gen, oxygen, fluorine, and neon, add successive electrons to the 
second L subshell. These are 2p electrons, corresponding to the 
circular orbits. This subshell contains a maximum of 6 electrons, 
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and with the addition of the sixth in neon the L shell is completely 
filled. 

In every case, the number of subshells is equal to the principal 
quantum number. The first, s, subshell contains two electrons, 
and each successive subshell contains four more. Each successive 
completed shell or subshell represents a very stable electronic 
unit. These “closed” subshells contain even numbers of elec¬ 
trons, each pair of which is made up of two electrons with opposite 
spins. The group as a whole is magnetically neutral. It is hard 
to break into, and the electrons are more firmly bound than in 
incomplete subshells of the same principal quantum number. 
Every inert gas is characterized by an outer shell containing closed 
s and p subshells, with the single exception of helium, which has 
a closed shell of two s electrons. 

The first element in the third period, sodium, has the “core” 
or completed inner shells of the neon atom, plus a single 3s electron 
in the M shell. The successive members of the row add successive 
electrons until 8 have been added — two 3s and six 3p. Once 
again we come to a rare gas, argon, with 8 electrons in the 
outer shell, but here for the first time the outer shell is incomplete, 
since it could hold another subshell of ten 3d electrons. In the 
next two elements, potassium and calcium, two 4s electrons are 
added to the N shell; but in scandium the next electron is a 3d 
electron added to the unfinished M shell instead of to the N shell. 
The third M subshell of ten 3d electrons is built up in succession, 
giving the series of hard metallic and weakly electropositive 
elements, the first eight of which are known as the first transition 
group. They have no direct analogues in the first periods and cause 
the doubling of the groups in the Mendel^eff periodic table. The 
eight transition elements are set off by a solid frame in Table 110 
as in the Bohr-Thornsen table. With the single exception of 
chromium, there are two 4s electrons in each of these elements. 
With copper, the 3d subshell is completed and only one 4s electron 
is in the N shell. This makes the electronic arrangement of copper 
somewhat analogous to that of sodium. Zinc adds a second 4s 
electron, making it analogous to calcium. The next electrons go 
to fill up the second N subshell of six 4p electrons, which is com¬ 
plete with krypton. Once more we reach a rare gas with eight elec¬ 
trons in the outer shell, but with the N shell incomplete, since it can 
hold two more subshells of ten 4d and fourteen 4/ electrons. 



TABLE 110 

The Distribution of Electrons in the Atoms of the Elements (See note on page 565) 
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The fifth period starts with two elements, rubidium and stron¬ 
tium, which add successive 5s electrons in the first subgroup of a new 
outer shell, the 0 shell. When this subshell is filled, the next 
elements once more start an “inner building,^' completing the third 
N subshell of six 4d electrons in much the same way that the first 
transition group filled the third M subshell, although here the pair 
of 5s electrons in the 0 shell is reduced to 1 for most of these ele¬ 
ments. The rest of this period is devoted to the completion of the 
second 0 subshell of six 5p electrons, ending in xenon, which has a 
complete octet in the 0 shell, but no electrons in the fourth N sub¬ 
shell or the third, fourth, and fifth 0 subshells. 

The sixth period starts out like all the others with two 6s electrons 
in succession added in the first P subshell, in cesium and barium. 
As in the first two transition series, the next electron goes into the 
incomplete 5d subshell in the next lower (0) shell; but the second 
additional electron goes into the last N subshell and fourteen suc¬ 
cessive 4/ electrons are added to this group, forming the rare earths 
— a transition group within a transition group. When these are 
completed with lutecium, the next seven elements add 5d electrons, 
continuing the third regular transition group, which is completed 
with platinum. As before, the next two elements, gold and mer¬ 
cury, add successive 6s electrons, and the second P subshell of six 
6p electrons is completed with radon. The next known element, 
radium, has two 7s electrons in the first Q subshell and is an 
analogue of the alkaline earths. The next four elements add 
successive &d electrons to the third P subshell and are analogous 
to all the other transition groups. The table ends with uranium, 
which has a “core/^ of completed /f, L, ilf, N shells and unfilled 
subshells in the 0, P, and Q shells. Its complete configuration, 
where the number of electrons in each orbit is indicated by the 
superscript number, is: Ls^, 2s^, 2p®, 3d^^, 45^, 4p®, 4(i^®, 

4f S 5s2, 5d^\ 6s\ 6p«, 6d\ 7s\ 

The Rare Earths and Hafnium. In 1921 Bury ^ at the Univer¬ 
sity College of Wales elaborated the Lewis-Langmuir static atomic 
model and concluded from chemical evidence that the outermost 
layer of an atom contained at most eight electrons and not, as 
Langmuir had supposed, the full number to which it could finally 
be built up. He was thus led to conclude that inner building 
occurred in the transition elements — the number of electrons in 

1 J. Am. Chem. Soc., 43, 1602 (1921), 
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the outer shell remaining the same, while successive electrons filled 
up a lower shell. He also postulated a deeper ‘‘inner building'^ in 
the rare earths, almost exactly like that which we have described 
in the preceding section. He assigned to lanthanum an electron 
configuration in successive shells of (2, 8, 18, 18, 8, 3). Since the 
maximum number of electrons in the fourth shell is 2 X 4* = 32, 
he concluded that the last rare earth element must have a configu¬ 
ration (2, 8, 18, 32, 8, 3) — 71 electrons in all. This element of 
atomic number 71 was lutecium. In his own words, “Between 
lutecium and tantalum an element of atomic number 72 is to be 
expected. This would have the structure (2, 8, 18, 32, 8, 4) and 
would resemble zirconium.’^ In the same year Bohr independently 
published almost exactly the same electronic arrangements, upon 
which he had decided from his study of spectra. He also classed 
element 72 as an analogue of zirconium rather than a rare earth 
and suggested to Coster and von Hevesy, who were working in 
Bohr^s Institute in Copenhagen, that they look for the missing ele¬ 
ment in zirconium minerals. This they did, using the new tech¬ 
nique of X-ray spectral analysis. They found characteristic X-ray 
lines of the frequencies predicted for element 72, according to the 
familiar Moseley diagram (page 463). These lines appeared in all 
zirconium ores, and soon they were able to separate the new ele¬ 
ment from zirconium. In working out the methods of chemical 
separation, which von Hevesy found “one of the most difficult 
problems of inorganic chemistry,^' the X-ray spectrograph proved 
an invaluable tool. By its use they were able to follow quanti¬ 
tatively the progress of the separation without the necessity of 
making chemical analyses. In 1923 they announced the discovery 
of the new element, which they named hafnium, from Hafnia, the 
old Latin name for Copenhagen. Its discovery represented a 
brilliant application of the theories of the electronic arrangement 
in atoms, which seems far afield from such a discovery.^ Hafnium 
is by no means a rare element. It is as abundant as thorium in 
the earth^s surface. The average zirconium mineral contains 3 per 

^ It would not be correct to Rive the impression that Bury and Bohr were the 
first to predict that there was a heavier unknown element wWch was analogous to 
zirconium. According to von Hevesy, Julius Thomsen predicted the discovery of 
such an element in 1895, Werner left a sp.ace for it in his long periodic table, pub¬ 
lished in 1905, and Rydberg in 1913 and Kossel in 1926 predicted that the element 
preceding tantalum would have a valence of four and not a valence of three like 
the rare earths. Bohr, however, had the good fortune of having his predictions 
put to the test of experiment. It was his work that led to the discovery of haf¬ 
nium. 
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cent as much hafnium dioxide as zirconium dioxide. Why was it 
not discovered by chemical means long ago ? The reason appar¬ 
ently is that its properties are very similar to those of zirconium, 
and that there was no known method of distinguishing its identity 
before the Moseley X-ray method. Previous workers had confined 
their use of the X-ray method to a study of the rare earths, looking 
for element 72 among them. 

Electronic Arrangement and Spectral Series. According to the 
Bohr theory, the spectral series of the elements originate in transi¬ 
tions of electrons from one stationary state to another. Optical 
spectra are always associated with transitions of the external 
electrons. Thus the optical spectrum of sodium is caused by 
transitions of the outermost M electron from one orbit to another. 
The inner electrons are held much more firmly and cannot be 
disturbed merely by the application of a flame, which is enough to 
excite the visible yellow sodium lines. The optical spectrum of 
magnesium is due to transitions of the two external M electrons. 
For this reason it is more complex than the sodium spectrum. If 
we excite the magnesium spectrum by means of an electric spark 
passed between two magnesium electrodes, it is possible to ionize 
the magnesium and obtain Mg+, which contains but one external 
electron. We obtain a spectrum for the ionized magnesium which 
is very much like that of Na. Each has a single external electron, 
and hence the spectra are similar, but the has a greater 
nuclear charge than that of the Na; hence the electron is more 
firmly bound, and the spectrum is shifted toward the violet. In 
general, the spark spectra of the alkaline earths resemble the arc 
or flame spectra of the alkalies. Millikan and Bowen have shown 
that the same thing is true all along a row in the periodic table. 
Using a “hot-spark^’ technique they were able to strip off suc¬ 
cessive outer electrons and study the spectra of the “ stripped 
atoms in a whole row of the periodic table. Many of these fre¬ 
quencies are so far in the ultraviolet that they are on the border 
of the region of soft X rays. These wave lengths are too long to 
diffract by crystal lattices and too short to diffract by ordinary 
gratings. Also they are absorbed by everything with which they 
come in contact. Thus a film of celluloid 0.003 mm. (0.3 g) thick 
will absorb over 97 per cent of radiation of wave length 310 A. 
This is the wave length of maximum absorption for celluloid, but 
it is far less absorbent than most substances. Millikan and Bowen, 
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by using a vacuum spectrograph and a special grating, were able 
to separate and measure these spectra down to 124 A., and later 
work has gone down to 1 A. Thus they found spectra correspond¬ 
ing to Mg”^, A1++, Si“‘'®, P*^, S+^ C1+®, all of which showed the pairs 
of lines which are characteristic of the familiar sodium D line 
doublet. The lines were shifted in each case by a definite amount 
toward the ultraviolet, the square root of the frequency being 
proportional to the atomic number as in Moseley^s X-ray law. 

We can easily see that if the L electrons of the elements in the 
second row of the periodic table give rise to hot-spark spectra 
which lie in the far ultraviolet, the underlying K shell, which is 
much more firmly bound, would emit or absorb energy of larger 
(hence higher frequency) quanta, which must be X rays. The 
highest frequency X rays therefore come from the K electrons, 
which are named after the X-ray series. In the third row of the 
periodic table, the K electrons are still more firmly held, and the 
K series of X rays increase in frequency according to Moseley^s 
law. In this row the nuclear charge has become so large that the 
L electrons are also firmly enough bound to give rise to X rays. 
However, the L series is of lower frequency than the K series. 
In the same way the M series appears for higher atomic number 
elements (cf. Figure 118, page 463). X rays cannot be excited by 
means of a flame, arc, or spark, like optical spectra; but they 
can be excited by means of high-speed electrons striking a target 
of the desired material. These electrons apparently knock some 
of the electrons of the X-ray shells clear out of the atom. As 
electrons from the outer levels fall in to fill up the vacant X-ray 
shells, they emit the high frequency X rays corresponding to the 
difference of energy between their initial position and the final 
orbit. These are the characteristic X-ray emission lines. The 
highest frequency X-ray lines evidently correspond to electrons 
falling from outer orbits into the lowest X-ray orbit or K shell. 
As we saw in discussing the photoelectric effect, the bombarding 
electrons must possess at least as much energy as the X rays they 
produce, i.e ,: 

X.F.niin. = Fmln.c = 

The work function p, a few volts at most, is inappreciable in com¬ 
parison with the thousands of volts required to accelerate the 
electrons and hence is omitted from this equation, 
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Visible as well as X-ray spectra may be induced by electron 
bombardment. Here also the energies of the electrons must be at 
least equal to that of the radiation, as the Einstein equation de¬ 
mands ; but the accelerating potential, known in this case as the 
excitation potential, is of the order of a few volts instead of thou¬ 
sands of volts. 

Periodicity of Electron Configuration and Atomic Properties. 

Since the outermost electrons in an atom are supposed to be 
responsible for the valence of the element, they are usually called 
valence electrons — a convenient term to distinguish them from 
the internal electrons which make up the atomic core. The va¬ 
lence electrons are also responsible for most of the physical prop¬ 
erties of the elements. In considering the electron distributions 
in Table 110, we see that certain configurations of the valence 
electrons repeat themselves at intervals which correspond to the 
known repetition of properties in the periodic table. Thus lithium 
has a single s valence electron beyond the completed K shell, 
sodium a single s electron outside the completed L shell, and the 
other alkalies similar configurations. A second series of elements 
is copper, silver, and gold, each of which has one s electron imme¬ 
diately on top of a d! subshell of 10 electrons. These elements of 
Group I B in the periodic table are thus very much like the alkalies 
in their electronic arrangements but are not identical with them. 
The same kind of similarity is shown between the alkaline earths, 
with two s electrons immediately above a group of six p electrons 
and the zinc-cadmium-mercury subgroup with two s electrons 
immediately above ten d electrons. This similarity of electron 
arrangement leads to a similarity in the spectra of these groups 
of elements; or, to state the facts more exactly, similarities in 
spectral series lead us to infer the similarities in electronic con¬ 
figurations which are shown in Table 110. Thus the spectra of 
the neutral alkalies and the copper-gold group all show doublets, 
while those of the neutral alkali earths and the zinc-mercury group 
show triplet structure. These similarities in electronic configura¬ 
tions may also be correlated with similarities in certain other 
physical and chemical properties. In this connection we must 
emphasize the fact that the electron configurations refer to the 
isolated atom and do not allow us to draw immediate conclusions 
as to the properties of matter in bulk where the electronic orbits 
may be greatly distorted by the presence of other atoms. 
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lomzation Potentials and Standard Reduction Potentials. One 

of the atomic properties which can be correlated with electronic 
configuration is the ionization potential of an element. The ioni- 
zdtion potential is the energy which must be supplied to remove an 
electron from an aiom^ thus forming an ion^ or from an ion^ thus 
forming one of a higher positive charge. The ionization potential 
is measured by determining the accelerating potential which must 
be applied to a stream of cathode rays to bring about the desired 
ionization. The ionization potential of course must correspond 
exactly to the strength of binding of a particular electron and hence 
must be less for a valence electron than for an electron of the atomic 
core. It also will be less for an alkali metal, with one s electron and 
an effective charge of one on the atomic core, than for an alkaline 
earth metal, with two s electrons and double the effective charge 
of the core. This fact is borne out by the results shown in Table 
111, which shows how the ionization potentials of successive elec- 


TABLE 111 

The Ionization Potentials * of Certain Elements 


Element 

Ionization 
Potential i 

Electron 

^UB-8HELL 

Element 

Ionization 

Potential 

Electron 

Sub-shell 

H 

13.54V. 

Ifi 

Ne 

21.48V. 

2p 

He 

24.45 

Is 

Nil 

5.12 

3s 

Li 

5.37 

2s 

Mg 

i 7.61 

35 

Be 

9.50 

2s 

A1 

5.95 

3p 

B 

8.34 

2p 

Si 

7.39 

3p 

C 

11.2 

2p 

P 

10.3 

3p 

N 

14.48 

2p 

8 

10.31 

3p 

o 

13.57 

2p 

Cl 

13.1 

3p 

F 

18.6 

2p 





‘ Strictly speaking, these values are the first ionization potentials, those required 
for the removal of the most loosely bound electron with no change of the configura¬ 
tion of the rest of the atom. 


trons increase as we go along a row in the periodic table. In 
general, the ionization potential increases as the atomic number 
increases in any period of the table, although it is lower for the first 
electron of a new subshell than for the last of a succeeding subshell. 
This is shown by the fact that the ionization potential of B is less 
than that of Be, while that of A1 is less than that of Mg; these 
potentials represent the removal of the first p electron in each 
case as compared to the second s electron. The ionization poten¬ 
tial decreases as we go down in any group of the periodic table, 
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for in similar electron configurations the electron is most easily 
removed from a heavy element, in which it is in an orbit of high 
quantum number. These facts are shown graphically in Figure 
3, page 20, where the ionization potentials are plotted against 
atomic numbers, along with the other properties of the elements. 

The ionization potential is closely related to the standard reduc¬ 
tion potential of a metal, although the two do not correspond to 
exactly the same process. The former represents the work of 
removal of an electron from an isolated atom; the latter repre¬ 
sents the work of removal of an electron from a metallic electrode 
plus the work of formation of a solvated ion. The processes are: 


M(gas) —+ c (in vacuo) {ionization potential) 
M(solid) —M'^(solvated) + c (in metal) ] 


compared to 

\ H 2 (gas) —(solvated) + e (in metal) 


{electrode potential) 


Of course, in considering divalent or trivalent elements, we must 
compare the mean energy of removal of two or more electrons with 
the reduction potential. The standard reduction potential for a 
nonmetal involves the addition of an electron to the atom and 
the fonnation of a negative ion. This of course is not at all com¬ 
parable to the ionization potential, which corresponds to the 
removal of an electron and the formation of a positive ion. 


TABLE 112 

Comparison of Ionization and Reduction Potentials 


Element 

Ionization Potential 

Standard Electrode 
Potential 

Li 

5.37 V. 

— 2.960v. 

Na 

5.12 

— 2.715 

K 

4.32 

— 2,924 

Rb 

4.16 

— 2.926 

Cs 

3.87 

— 


Electron Orbits and the Wave Mechanics, The Bohr-Sommer- 
feld theory pictured the electrons revolving in definite geometrical 
orbits within the atom. Transitions of the electron from one to 
another of these “stationary orbits” resulted in the liberation or 
absorption of energy. Since only the energy change could be 
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observed, but never the electron itself, and since ^there is an inherent 
uncertainty in determining the exact position of such a light particle 
as the electron moving with the enormous velocities postulated 
for these orbital motions, the more recent developments of the 
quantum theory have entirely abandoned the idea of sharply 
defined geometrical orbits. There is no longer an attempt to follow 
the motion of an individual electron in its orbit, but instead the 
problem is attacked by statistical means. In this connection, the 
greatest success has come from the application of an idea advanced 
by L. de Broglie in 1924, viz., that any moving material particle is 
associated with wave properties. The wave length associated with 
the moving particle is given by the equation: 



mv 


where h is Planck’s constant, m the mass, and v the velocity of the 
particle. De Broglie’s idea of ‘^material waves” received experi¬ 
mental verification when, in 1927, Davisson and Germer, working 
in the Bell Telephone Laboratories, discovered that beams of 
electrons were diffracted on reflection from crystals just as X rays 
are diffracted in a Bragg X-ray spectrometer (Fig. 114, page 457). 
G. P. Thomson later showed that electron beams shot through 
very thin sheets of matter gave diffraction patterns which were 
exactly like Laue photographs made with a beam of X rays 
(Plate X, facing page 466). Experiments by Stern and Estermann 
in 1930 have shown that hydrogen and helium atoms show inter¬ 
ference phenomena and must also possess wave properties. Thus 
matter exhibits a wave as well as a corpuscular aspect, just as 
radiation shows a corpuscular as well as a wave aspect. 

De Broglie applied his wave ideas to developing a new theory of 
quantum dynamics, based on the wave aspects of electrons; but 
it met with little success until it was extended by Schrodinger in 
1926 in his so-called wave mechanics, Schrodinger developed a 
differential equation, similar in form to that commonly used to 
describe the propagation of any wave motion, which may be con¬ 
sidered to represent waves of probability. The solutions of this 
equation for any particular system correspond to a system of 
standing waves which are analogous to the different possible elec¬ 
tron orbits of the older theory. These solutions give the electron 
distribution in space. According to Born’s interpretation, they 
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allow us to calculate the probability of finding an electron at any 
particular point. A calculation of the probability density function 
at different distances from the nucleus shows that the place where 
the probability of finding the electron is greatest, corresponds in 
a general way with the positions of the Bohr-Sommerfeld orbits. 
In other words, the most probable location of an electron on the 
wave mechanics picture is in one of the geometrical orbits of the 
earlier theory, but there is a certain definite although smaller 
possibility of finding it at any other point in space. A comparison 
of the Bohr-Sommerfeld orbits of the first two shells and the 
density-distribution curves calculated from the Schrodinger theory 
are given in Figure 154.^ The Is and 2p states show single maxima 
at exactly the distance from the nucleus which corresponds to 
the first and second Bohr circular orbits. The same agreement 
is obtained in the case of all the circular orbits. In the case of the 
2s states and others for which the Bohr-Sommerfeld orbits are 
ellipses, the wave mechanical picture agrees less closely, although 
in the limiting case for very large orbits of any kind the two 
pictures again show exact correspondence. 

The wave mechanics furnishes a more accurate and convenient 
method of describing the energy states of atoms than does the 
Bohr-Sommerfeld theory. In addition, it gives a more satisfactory, 
if less simple, picture of the arrangement of electrons in the isolated 
atom. The wave mechanics predicts that the energy states of an 
atom are not absolutely sharp, as the older theory assumed. This 
accounts for the observed fact that spectral lines, which represent 
the differences of these energy states, are not absolutely sharp 
but are spread out over a range of frequency, with greatest intensity 
at a point corresponding to the difference between the centers of 
the energy levels. 

Summary 

Max Planck evolved the quantum theory in 1900 to explain the 
distribution of energy in black body radiation. He assumed that 
energy is radiated in packets or quanta^ the magnitude of which 
is proportional to the frequency. In 1905 Einstein applied the 
quantum theory to explain the photoelectric effect, and in 1916 
Millikan evaluated Planck^s constant h from a study of the photo¬ 
electric emission of the alkalies. In 1913 Bohr applied the quan- 

^ In Figure 154, D represents probabilitv-Hensity at a given radial distance. 
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turn theory to the explanation of the energy states of atoms and 
the origin of spectra. Bohr postulated an atom model in which 
electrons revolve about the nucleus in stationary or nonradiating 
circular orbits and radiate or absorb energy when they jump 
from one of these orbits to another. Assuming that the angular 

momentum of the electron is always where n is an integer known 

2 TT 

as the principal quantum number of the orbit, he calculated the 
Rydberg constant and the radii of the successive orbits of the 
hydrogen atom and explained the spectral series of hydrogen fairly 
satisfactorily. Sommerfeld later introduced the idea of elliptical 
as well as circular orbits, to explain the variety of energy levels 
actually observed in atoms. He used a second quantum number 
to describe the shape of the orbit. Later, a third quantum number 
was added to describe the orientation of the orbit in a magnetic 
field, and a fourth quantum number to describe the spin of the 
electron. 

The distribution of electrons in the atoms of all the elements is 
given, mostly based on experimental studies of spectra or excitation 
potentials. In the transition elements and rare earths, successive 
electrons are added to d and / subshells of incomplete inner shells. 
This inner building” explains the similarity of chemical properties 
among these elements. These considerations led Bury and Bohr 
independently to predict that element 72 should not be a rare 
earth element but an analogue of zirconium. This prediction led 
to the discovery of hafnium by Coster and von Hevesy. 

Similarity in electronic arrangement is shown by similarity in 
spectra among groups of elements in the periodic table. The 
spectra of singly, doubly, and triply ionized elements resemble that 
of their neighboring elements 1, 2, or 3 places to the left in the 
table. X-ray spectra are due to electrons falling into the X-ray 
shells when the electrons occupying these positions are ejected by 
electron bombardment. The X-ray line frequency and the energy 
of the bombarding electron are related by Einstein's photoelectric 
equation. 

Periodicity in electron configuration is reflected in periodicity in 
spectral types and in ionizing potentials, which are connected with 
electrode potentials although they are not strictly comparable. 

The wave mechanics of Schrodinger, based on de Broglie's idea 
of material waves, represents the distribution of electrons in an 
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atom in terms of probability-distribution curves and not in terms 
of geometrical orbits. The position of greatest electron density is 
nearly the same as the position of the Bohr-Sommerfeld orbits, 
but the new theory is more satisfactory and complete than the old 
and explains the finite width of spectral lines. 
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CHAPTER 23 

THE ELECTRONIC THEORY OF VALENCE 


For over a century the conviction has been growing that chem¬ 
ical combination depends upon electricity. When Davy and 
others achieved such spectacular success in decomposing chemical 
compounds by means of the electric current, Berzelius concluded 
that electrical attraction held together the atoms in the molecules 
of all chemical compounds and advanced his dualistic theory of 
chemical combination. According to this theory, some elements 
were inherently electropositive and others inherently electro¬ 
negative. Elements of the two kinds attracted and combined 
with each other as do all bodies carrying opposite charges. Thus 
sodium was considered electropositive, and oxj^gen electronegative; 
hence they combined to form sodium oxide. Similarly sulfur, 
which was more electropositive than oxygen, would also combine 
with it to form sulfur trioxide. In order to explain the further 
combination of sodium oxide and sulfur trioxide to form sodium 
sulfate, he assumed that the sodium oxide was still positive and 
the sulfur oxide negative, so that they also could combine dual¬ 
istically. The scheme would be: 


2Na(-l-) + 0 (-)-^Na 20 (+) 
S(+) +30(-)— 


NajO, SO3 


where the size of the + and - signs indicate the relative excess 
of positive or negative electricity. Berzelius did not distinguish 
between electrical intensity and quantity of electricity, and hence 
his dualistic theory could not stand the test of time, although it 
still provides the basis on which mineralogical analyses are reported. 
We now know that different atoms do not contain different quan¬ 
tities of positive or negative electricity but that they do have 
different combining powers. The dualistic theory met with its 
greatest difficulty in trying to account for the formation of organic 
compounds, the elements in which show no such clearly defined 
electropositive or electronegative character as Berzelius considered 
necessary for all compounds. Dumas showed that the electro¬ 
positive hydrogen could be displaced by electronegative chlorine 
in many cases. The organic chemists then developed the struc- 

578 
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tural formula so successful in treating the compounds of carbon, 
which was always assumed to be joined to other groups by means 
of four valence bonds, whatever the electropositive or negative 
nature of the group. This formulation was tried also for inorganic 
compounds but did not contribute much to an understanding of 
those which formed ions. 

With the discovery of the electron the idea arose that the valence 
of an atom might be connected with the electrons which it con- 
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tained. J. J. Thomson realized this as early as 1904, but in 1916 
both Kossel and Lewis independently advanced the first successful 
electronic theory of valence. They postulated the arrangement 
of the external electrons in the form of successive shells, the 
detailed arrangement of which we have already considered. They 
assumed that in every case the inert gases represented a particularly 

MGC — 38 



580 THE ELECTRONIC THEORY OF VALENCE 


stable electronic configuration, to which the other atoms could 
come by losing or gaining electrons. The elements in the first 
group of the periodic table tend to lose one electron and so revert 
to the noble gas structure, while those in the seventh group tend 
to gain an electron to attain a similar configuration. The former 
become positive ions, and the latter negative ions. Kossel showed 
the tendency of the atoms to revert to the electronic configuration 
of the rare gas by means of the diagram reproduced here as Figure 
155, where he plotted the atomic numbers of the elements against 
the number of electrons associated with each atom when it exhibits 
its maximum positive and negative valence. This number was 
calculated on the assumption that each positive valence represents 
a loss of one electron and each negative valence the gain of one 
electron. Thus carbon, with an atomic number of 6 and hence 6 
extranuclear electrons, is assumed to lose 4 in CO 2 , retaining only 
2, and to gain 4 in CH 4 so as to have 10 in all. These two values 
are shown on the graph and correspond to the electron configura¬ 
tions of helium and neon resp)ectively. The plateaus in the graph 
show the stability of the inert gas configurations. 

Instead of assuming that all valence resulted from gain or loss 
of electrons, Lewis considered that this was the mechanism of 
electrovalence alone — forming the ions which make up polar com¬ 
pounds, He suggested that nonpolar or organic compounds were 
formed by one or more pairs of electrons shared between the 
elements. This idea successfully explained the stability of organic 
compounds which form no ions and which previously were repre¬ 
sented as held together by valence bonds, the nature of which was 
not understood. Langmuir called these covalent compotmds. 

In the last two decades the electronic theory of valence has been 
developed very successfully, and it furnishes a great deal of useful 
information on molecular structure. The rest of this chapter will 
be devoted to a brief discussion of the characteristics of the differ¬ 
ent types of valence which are now recognized. 

Electrovalence. This consists of the formation of ions by the 
gain or loss of electrons. The compound is then formed by the 
electrostatic attraction between the ions in a manner very much 
like that which Berzelius postulated. In fact, it is the compounds 
which are held together by electrovalence, with which Berzelius^ 
dualistic theory dealt fairly successfully; and the organic com¬ 
pounds for which it failed. In gaining or losing electrons, the 
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atoms tend to revert to the electronic structure of the nearest rare 
gas. The simplest way to represent such reactions is by means of 
the electron diagrams which Lewis introduced. The electrons in 
the ^'valence shell/' which are taken as equal numerically to the 
column of the periodic table in which the atom is located, are 
indicated as dots placed about the symbol of the element. The 
ion is formed in such a way as to lose all of the electrons in the 
valence shell or to fill it completely, so as to reach the inert gas 
structure. Thus, when sodium and chlorine unite to form salt, 
we can write the reaction as follows : 

Na- + .Ci:—^Na+:Ci:- 

In such compounds there is probably no such thing as a stable 
molecule in the sense of an organic molecule. The ions form a 
solid crystal of salt by taking up alternate positions in a space 
lattice, but no particular sodium or chlorine ions are combined to 
form individual molecules of NaCl. 

The formation of ions and polar compounds is not possible for 
all atoms. The limitations are readily understood from a consid¬ 
eration of the electron configurations of the elements which we 
developed in the last chapter. Polar valence is practically limited 
to those atoms which can form ions by losing 1, 2, or 3 electrons 
or by gaining 1 or 2. The most active metals are the alkali elements, 
which lose one electron to form the ions. The alkaline earths are 
weaker than the alkalies, because the work of removing the second 
electron from the atom is much greater than that of removing the 
first. For the same reason, the work of removing three electrons 
is correspondingly greater and this is about the limit of ionization 
of atoms in forming chemical compounds. The total ionizing 
potentials for the removal of 1, 2, and 3 electrons respectively, 
forming Na+ Mg++ and A1+++, are 5.12 v., 22.58 v., and 53.0 v., 
while the formation of Si"^ would require an ionizing potential of 
101.94 V. or the expenditure of 2300 Kal. per mole. No such 
ion is known to exist. In any particular group the ionizing poten¬ 
tial decreases, and hence the metallic properties increase as we 
go from lighter to heavier elements. This is because the valence 
electrons of heavier elements are in higher quantum shells and 
hence are less strongly held than those of light elements. 

The acquisition of electrons to form negative ions is not so 
easily correlated with other atomic properties but it is limited to 
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those elements one or two places to the left of inert gases in the 
periodic table. This is what limits the number of nonmetals and 
makes the majority of the elements metallic. All the elements 
in the long periods with the exception of those immediately before 
the inert gases are metals which lose electrons to form positive ions. 
The middle elements in all of the long periods are the transition 
elements in which an inner electron group is being filled up. In 
the case of these elements the valence electrons are not limited 
to those in the outer subgroup. One or more of the electrons in 
the underlying subshell may be promoted to act as valence elec¬ 
trons. Thus iron with an outer configuration 3d® and may 
exhibit a valence of 2 and also of 3 ; in the latter instance one of the 
3d electrons has been promoted to act as a valence electron. The 
same is true of nearly all the transition elements, where variable 
electro valence is the rule. The effect of inner building in the 
rare earth group is particularly interesting. The successive 4/ 
electrons do not cause increased valence except in the case of 
cerium, which shows a marked valence of four. It also shows a 
valence of three, and the succeeding rare earths all exhibit charac¬ 
teristic valences of + 3, corresponding doubtless to a loss of the 
two 6s and one 5d electron. The similarity of all the chemical 
and physical properties of this series of elements is apparently 
due to the identity of the configuration of their valence electrons 
and also of the two underlying 5s and 5p subshells. 

Langmuir in 1919 pointed out an interesting use of the electronic 
theory of valence in explaining anomalous isomorphism. For 
instance, sodium fluoride and magnesium oxide are isomorphous, 
as are calcium chloride and potassium sulfide. This is not to be 
expected from Mitscherlich^s law of isomorphism, which predicates 
that isomorphism is a sign of chemical similarity (see page 140). 
However, the electronic arrangements of the ions making up these 
pairs of compounds are similar, namely: 

Na+ F“ and 0““ 

2 , 8 2 . 8 2 , 8 2 , 8 


Cl- Cl- and S— K+ 

2 . 8 , 8 2 , 8 , 8 2 , 8 , 8 2 , 8 , 8 2 , 8 , 8 2 , 8 . 8 

This would indicate that isomorphism is caused by similar 
electronic arrangements if we consider the tons of the salts. This is 
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also another indication that the crystal lattice of salts consists of 
ions. 

Electrovalent compounds have a number of properties which 
distinguish them from covalent compounds. The fused chlorides 
which are electrovalent are all good electrical conductors, while 
those which are covalent are poor electrical conductors. Similarly, 
the first group are in general high boiling, while those in the second 
group are low boiling. Fajans has shown that electrovalence 
tends to go over into covalence if the electrostatic attraction 
between the ions is very large, drawing them tightly together in 
such a way that they tend to share electrons. The attraction will 
be larger, the larger the charge on the ions. Also, the smaller the 
cation, the more vigorously it will attract the electrons of the anion ; 
and the larger the latter is, the less it will be able to hold the elec¬ 
trons completely. Thus salts with small, high-valent cations 
and large, high-valent anions will tend to be covalent rather 
than electrovalent. This is true of BeCl-i which is only slightly 
conducting, while MgCU and others with larger divalent cations 
are truly electrovalent compounds. 

Covalence. In covalent compounds there is no formation of 
ions as in electrovalent compounds. Instead, the bond is formed 
by a sharing of electrons between two atoms. Usually a pair of 
electrons is shared, and this forms the covalent bond according to 
Ijewis^s method of representation. Thus methane is formed by 
four hydrogens each sharing a pair of electrons with the central 
carbon atom: 

H 

H. + C— 

H 

Half of the shared electrons were furnished by the hydrogen, half 
by the carbon. An electron pair is usually the equivalent of an 
organic single bond. Lewis recognized the octet of electrons, 
which is found in the external shell of every rare gas except helium, 
as an especially stable and important configuration in molecular 
as well as in atomic architecture. Most covalent compounds may 
be represented by means of octets, but there is evidence to show 
that a number of compounds have larger groups than eight. Thus 
sulfur hexafluoride, which is volatile and has other properties 
characteristic of a covalent compound, appears to have all six 
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Suorine atoms joined directly to the sulfur atom. In this com¬ 
pound the six electrons which belong to the original sulfur atom 
apparently go to make up the octets of the six fluorine atoms which 
share pairs of electrons with the sulfur, forming a twelve-electron 
ring thus: 




6- F*-+- • S-—► 


:p: s :f: 

' F..F• 

* • • * • * 


Similarly, in OsFs, Lewis, Sidgwick, and others have concluded 
that there is a sixteen-electron ring of eight electron-pairs around 
the osmium atom. Other workers, however, like Sugden in Eng¬ 
land, consider that the octet cannot be exceeded and that these 
compounds are held together partly by single electron linkages. 
Thus Sugden considers that PCU contains three electron-pair 
bonds and two single linkages, each of the latter being marked by 
an X. 



• Cl _ Cl: 

* • • • • • 


Co-ordinate Valence. A special type of covalence is that in 
which both of the pairs of electrons are furnished by one of the 
atoms or radicals entering into a compound. This is a very 
important type of combination for which the older ideas of valence 
furnished no adequate explanation. Thus NH 3 , a compound in 
which nitrogen exerts its maximum negative valence according to 
the old representation in Mendel 6 eff’s periodic table, has a great 
tendency to take up a hydrogen ion and to form ammonium ion. 
This is easily explained on the basis of the electronic theory of 
valence. In the ammonia molecule, there is a lone pair of 
electrons which can be shared with a hydrogen ion to form an 
ammonium ion: 

- r - T 

H:N: + H+—^1 H:N:H 
H H . 


In such an ion the four hydrogens are said to be co-(yrdinaied 
around the nitrogen. Another such case of a co-ordinated com- 
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pound is the chlorauric ion, formed by the addition of a chloride 
ion to a molecule of auric chloride, thus: 

:C1: .. :C1; 

:C1: Au + :C1:“- :q:Au:Ci: 

“ :C1: 

The four chlorines are co-ordinated around the gold to form a com¬ 
plex ion. In the first case, the NHs furnished the pair of electrons; 
in the second case, the Cl“. In either case the formation of the 
compound results in a complete octet of shared electrons. There 
are many other cases of co-ordination compounds, most of which 
can be formulated on this same basis. This is true of the ions of 
the oxyacids, H 4 Si 04 , H3PO4, H2SO4, and HCIO4, which have the 
structures, respectively: 


:0: 

;0: 

;0: 

:0: 

0:Si:0: 

:0:P:0: 

:0:S:0: 

:0:C1:0 

'’:6: " 

:0; 

:0: 

:0: 


In every case the central atom has a co-ordination number of four; 
that is, it holds four oxygen atoms grouped about it. Co-ordi¬ 
nation numbers of four are common, as in Cu(NH 8 ) 4 “''’*" and many 
other compounds. Co-ordination numbers of six also appear very 
frequently, as in Fe(CN)6~^, Fe(CN)6-^ Co(N 02 ) 6 ^, Co(NH3)6+3, 
Pt(NH 3 ) 6 '^; and these may be explained on the basis of six 
electron-pairs or may include some singlet linkages. 

The Heitler-London Theory of Covalence. In 1927, Heitler 
and London advanced an interesting theory to explain the cova¬ 
lences of different elements. In Table 110 of the last chapter we 
indicated the electronic configurations of the atoms of the differ¬ 
ent elements in their normal states. A fuller tabulation of these 
electronic configurations in terms of all four quantum numbers 
shows that the p, d, /, etc., sub-shells are further divided into pairs 
of levels which correspond to orbits of the same size, shape, and 
position but in which the electrons possess opposite spins. Two 
electrons in one of these levels are said to be paired; that is, their 
spins are in opposite directions so that they neutralize each other. 
If there is only one electron in any such level, it is said to be 
unpaired, Heitler and London assumed that covalent bonds are 
pairs of electrons of opposite spins shared between atoms. Accord- 
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ing to them, the maximum covalence due to shared electrons is 
equal to the number of unpaired electron spins in the atom — 
which can be determined for the normal state of the atom from 
its spectral type. The atom in different states may have different 
numbers of paired electrons, but these numbers must differ by 
even numbers. This explains the fact that covalences usually 
differ by two. To take a specific illustration, in the carbon atom 
there are two 2s electrons and two 2p electrons. If all of these are 
paired, no covalence is possible. However, if the two 2p electrons 
are not paired, each could combine with an unpaired electron 
from another atom to fonn a pair of electrons with coupled spins 
which make up the covalent bond. If the atom receives enough 
energy of excitation, one of the two 2s electrons may be promoted 
to a higher state, unpairing these electrons which now may likewise 
contribute to covalent bonds. The valences of the carbon atom 
should therefore be 2 or 4, as in the compounds CO and CO 2 , the 
electron valence diagrams of which are: 

:C::0: and :0::C::0: 

The Heitler-London theory amplifies the Lewis explanation of 
covalence by showing the significance of the electron-pair bond 
in terms of the wave mechanics, but it has not completely solved 
the question of valence. For instance, in this particular case it 
seems as though the valence of 2 for carbon should be the more 
stable, yet it is less common than the valence of 4. In other cases 
also valences appear which cannot be explained on this basis. 

Valence and the Periodic Table. It is instructive to consider 
the valences of the elements and to see the periodic recurrence of 
electrovalence and covalence and the changes in properties as we 
go through the periodic table. 

Hydrogen. This element occupies a unique position in the 
periodic table, because it is the first member of a group of two 
elements (see Table 9, page 26). It has a single valence-electron, 
which it can lose to form a hydrogen cation or share with another 
atom to form a covalent compound. The hydrogen molecule is 
such a covalent compound, and its great stability is shown by the 
large heat of combination of the atoms and the high temperature 
required to dissociate the molecule. When the atom loses an 
electron and forms a hydrogen cation, it is analogous to the alkali 
metals with one s electron which is easily lost to form univalent 
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cations. The hydrogen cation or proton is smaller than any of 
the alkali ions, and for this reason, according to Fajans^ rule 
(page 683), it should have a great tendency to form covalent com¬ 
pounds. This is true particularly of the compounds of hydrogen 
with the elements in the middle of the second and third periods 
of the table. Methane, CH4, and other hydrocarbons are com¬ 
pletely covalent. Even the more electronegative elements of the 
fifth, sixth, and seventh groups form covalent compounds with hy¬ 
drogen. Thus NHs, H 2 O, HF, PHa, H 2 S, and even HCl are cova¬ 
lent in the pure state. Ammonia and the other compounds listed 
are only very slightly ionized when they are pure, and we should 
represent them by the electronic formulas: 

H 

H:N:H H:6:H H.Cl: 

The compounds of hydrogen with the halogens easily go over into 
a polar form when they are put into an environment which favors 
such a change. In water solution they become strong electrolytes, 
completely dissociated into and X“. This is partly because 
the proton is hydrated, so that its effective diameter is increased, 
and partly because of the high dielectric constant of the solvent. 
The compounds of hydrogen with the electronegative elements 
of Groups VI and V are much less polar, because the negative ions 
are doubly charged. Hydrogen sulfide is a weak electrolyte even 
in water solution. Ammonia shows hardly any acid properties 
in water solution, although it does form some ammono-basic salts 
like HgNH^Cl. 

As G. N. Ijewis first pointed out, hydrogen is analogous to the 
halogens in that it can obtain an electron configuration like that 
of helium by gaining one electron. Lewis suggested that in com¬ 
pounds with electropositive elements like the alkalies, hydrogen 
would gain an electron. According to this point of view, lithium 
hydride is formed thus: 

Li* + H—:H-- 

This explanation seemed reasonable, since the hydrides of active 
metals are high-melting, crystalline solids which resemble salts iif 
appearance. In 1922 Bardwell was able to verify Lewises predic¬ 
tion in a very direct way. He prepared calcium hydride and elec¬ 
trolyzed it. Since the substance itself starts to decompose at about 
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1100° (below its melting point), he dissolved it in a eutectic mix¬ 
ture of lithium and potassium chlorides, which melts at 358° C. 
He found that it formed a true solution in this mixture and did 
not react with it chemically. From this solution he found that 
electrolysis liberated at the anode the amount of hydrogen required 
by Faraday^s law. No gas was evolved at the cathode. This 
experiment proved conclusively that in calcium hydride the hydro¬ 
gen was the anion and that calcium hydride was a salt with the 
constitution: 

- ++ - 

H: Ca:H 

Second Period, Lithium to Neon. Lithium shows the expected 
electrovalence of + 1, corresponding to the loss of its one 2s elec¬ 
tron, but it is a less active metal than the other alkali elements 
which form larger ions. It shows no tendency to gain seven elec¬ 
trons to complete its octet and very little tendency to form co¬ 
ordinate compounds. Beryllium, with two 2s electrons, exhibits 
the valence of + 2, but it is a weak metal which forms salts that 
are easily hydrolyzed. Its chloride melts at 440° and boils at 
520°, showing that, because of the small size and double charge of 
the beryllium ion, electrovalence tends to go over into covalence 
in beryllium compounds. Beryllium shows no tendency to com¬ 
plete its octet by gaining six electrons. The next three elements, 
boron, carbon, and nitrogen, contain one, two, and three 2p 
electrons in addition to the two 2s electrons of lithium and beryl¬ 
lium. They show no tendency to gain or lose electrons to form 
electrovalent compounds. Instead, they form covalent compounds 
almost exclusively. Carbon exhibits the valences of 2 and 4 which 
were discussed in the preceding section. Nitrogen is extremely 
versatile and shows valences of — 3, 0, 1, 2, 3, 4, 5 in well-known 
compounds, such as NHs, N2, N2O, NO, N2O3, NO2, and N2O6. 
All of these are covalent compounds, the electronic formulation 
of the oxides being: 

:N:d:N:, :N:0*, •0:N:0:N:0:, :6:N:6:, :6:N:0:N:0: 

.• 9 * -P* 

% All of these oxides, except NO and NO 2 , contain even numbers of 
valence electrons, while these two compounds, with 11 and 17 
electrons respectively, are called by Lewis ''odd molecules.” 
Only a handful of the hundreds of thousands of known compounds 
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are odd molecules. They are usually colored and always chemi¬ 
cally reactive, tending to form compounds with even numbers 
of electrons. Nitric oxide readily oxidizes in the air to form nitro¬ 
gen dioxide, which gives its characteristic brown fumes. As the 
temperature is lowered, nitrogen dioxide polymerizes more and 
more, forming the colorless nitrogen tetroxide, a reaction repre¬ 
sented electronically thus: 

: 0 : : 0 : : 0 : : 0 : 

N- + -N N : N 

: 0 : : 0 : : 0 : : 0 : 

Nitrogen doubtless has a polar valence of — 3 in nitrides^ which 
are saline compounds analogous to oxides or halides. Oxygen, 
with two 2s and four 2p electrons, has no tendency to lose electrons 
to form positive ions, but it has a considerable tendency to gain two 
electrons to complete its octet and thus to form oxide ion. Metallic 
oxides, like MgO, apparently form a crystal lattice of Mg‘^+ and 
0— ions, and the formation of such an oxide may be represented 
thus: 

Mg: + : 0: —^ : 0: — 

Oxygen has even more tendency to form covalent than electro- 
valent compounds. The oxygen molecule, which is very stable, 
probably has the structure indicated below, with two odd electrons, 
since liquid oxygen is strongly magnetic and has a blue color: 


There are many covalent compounds of oxygen among organic 
and inorganic compounds. Among the former are alcohols and 
ethers; and among’ the latter are water, the peroxide ion, and the 
oxyacids which we have already discussed (page 585). Some of 


these covalent compounds may be represented thus: 


H 

H H H H 


■ H 

H:C;6:H 

H:C:C;0:C:C;H H;6:H 

:0;0; 

H:6:H 

H 

methanol 

H H H H 

ether water 

peroxide 

ion 

oxonium 

ion 


The tendency of oxygen to form co-ordination compounds, like 
those of nitrogen in ammonia, is illustrated in the addition of a 
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hydrogen ion to water to form a hydrated hydrogen ion (page 233) 
called the oxonium ion, illustrated above. Many other co-ordina¬ 
tion compounds are formed by the addition of the lone pairs of 
electrons in water. 

Fluorine is the last member of the second group to show any 
valence, and it tends very strongly to add one more 2p electron in 
order to complete its octet and reach the electron configuration of 
neon. For this reason it is the strongest nonmetal, with the great¬ 
est electron-afiSnity. With a standard reduction potential of 2.8 v., 
it will take an electron from any of the other halogens or from oxy¬ 
gen, and for this reason the free element cannot be formed in the 
presence of water. Fluorine is thus strongly electrovalent, but it 
also enters stable covalent compounds. The fluorine molecule, 
which is the stablest of the halogens toward heat, illustrates this 
fact. It has the structure : 

:F:F: 

Fluorine has much less tendency to form compounds with oxygen 
than have the other halogens, but within the last few years the 
compound F 2 O has been discovered. It may be formed by passing 
fluorine through a 2 per cent solution of sodium hydroxide, accord¬ 
ing to the equation: 

2 F 2 4 - 2 NaOH —2 NaF + F^O + H^O 

Because of its method of formation the compound is doubtless 
analogous to chlorine monoxide. It may be considered the 
anhydride of a hypothetical hypofluorous acid which is too unstable 
to exist, like all oxygen acids of fluorine. The electronic formula 
probably is: 

:F:0:F: 

which evidently represents a very stable arrangement since the 
substance is a stable gas. The fact that it boils at —167° C. shows 
that the electronic arrangement is unusually inert since there can 
be little cohesion between the molecules of a substance which boils 
at nearly as low a temperature as oxygen. This doubtless explains 
the fact that it does not unite with water to form hypofluorous acid. 

Third Period, Sodium to Argon, and Analogous Elements. The 
third period contains more representative elements than the 
second period, in which the very small ion size introduces many 
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anomalies. We shall therefore consider the members of the third 
period and their heavier analogues together and then take up the 
transition elements. In general, the elements of Groups I, II, 
and III show electrovalences of + 1, + 2, and + 3 respectively and 
no negative valence. Their hydrides, in which these elements 
were once considered negative, actually contain negative hydrogen 
and are saline compounds, as we saw in the case of NaH, KH, and 
CaH 2 . The metallic properties of the elements in these groups 
increase as the elements increase in atomic weight because electrons 
are lost more easily from the larger ions. The elements of Groups 
VI and VII show electrovalences of - 2 and — 1; and the non- 
metallic properties decrease as the elements become heavier, 
apparently because the octets formed with higher group electrons 
are less stable than the smaller ones formed with the lower group 
electrons. The elements of these groups also exhibit covalence in 
many compounds, and this property is fully as important as their 
electrovalence. The heavier elements of these groups have the 
power to hold a larger number of co-ordinated groups than do the 
lighter elements, apparently because there is more room for such 
co-ordinated groups around the larger ions which they form. 

Sodium and the Alkalies. The properties of sodium and the 
other alkalies are about what we should expect from the fact that 
each has a single s electron in the outer shell. The orbit of this 
electron has the greatest ellipticity, according to the Bohr-Sommer- 
feld theory; hence these metals might be expected to have large 
atomic volumes even in the solid state where their structure is 
ionic. Each exhibits a single electrovalence of + 1 with little or 
no tendency toward covalence. The electrovalent compounds are 
true salts — high-boiling, crystalline compounds. 

Magnesium and the Alkaline Earths. Each of these elements 
has two s electrons which are rather easily lost to form electrova¬ 
lences of + 2. None of the other elements has an ion small enough 
to show the tendency toward covalence which is exhibited by beryl¬ 
lium, although magnesium halides are much more easily hydrolyzed 
than the salts of the other elements of this group. The salts of the 
heavier elements are progressively more typically saline. Radium 
is the strongest metal of the group. 

Aluminum and Its Analogues. All of the elements in this group 
have two s electrons and one p electron, and the heavier ones show 
electrovalences of + 3 to a greater or lesser extent. The halides of 
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aJuminum, like those of beryllium and boron, are covalent in the 
pure state. Aluminum chloride is a volatile solid which sublimes 
below 200® C. It is hydrolyzed in water solution, where Al'^+'^ 
probably does not exist alone but is always co-ordinated with the 
water molecules, which attach themselves to it. The aluminum 
ion has a strong tendency to form co-ordination complexes usually 
with a co-ordination number of six. The hydrate, AICI3.6H2O, 
and cryolite, AlFs.SNaF, are probably co-ordination complexes 
which can be written [Al(H20)6]Cl8 and NasAlFe. Gallium, indium, 
and thallium are increasingly more metallic than is aluminum. 
All show the characteristic electrovalence of + 3; but indium 
and thallium also show a valence of + 1, in which they apparently 
lose only the one 6p electron and not the pair of 6s electrons. 
Thallous hydroxide, TlOH, is a strong base; and in this respect 
thallous ion resembles potassium ion, as it does also in its size and 
in the fact that it does not form co-ordinate compounds. In the 
solubilities of its salts, it resembles silver ion. Gallium and 
indium also show valences of two, which is less easily explained on 
the basis of atomic structure. Neither GaCU nor InCU are stable 
in water solution; they are readily oxidized. 

Silicon and the Metals of Group IV. Silicon is nearly as strongly 
covalent in its compounds as is carbon, and even the heavier 
elements in the same group are not electrovalent in their higher 
valences. The whole group resemble carbon in showing valences 
of 2 and 4. In the high valence, all of the elements form covalent 
compounds analogous to the hydrocarbons, although none has such 
an ability to form long chains by combination with itself as carbon 
has. The tendency of the elements to form covalent compounds 
even extends to their crystal structure, which is not ionic, but 
atomic. Each carbon atom is surrounded by four equally spaced 
carbon atoms (placed at the corners of a regular tetrahedron), 
to each of which apparently it is joined by a covalent bond. The 
lattice can be represented thus: 

:C:C:C:C: 

:C:C:C:C: 

:C:C:C:C: 


Silicon, germanium, and gray tin crystallize in a similar way, as 
do also carborundum, SiC, and possibly a few other hard, non- 
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volatUe compounds which are nonconductors of the electric current. 
The elements of this group show metallic properties only in the 
lower valence state, where two and not four electrons must be lost 
by the metal. This is what we would expect from the large energy 
required to remove four electrons. Compounds like PbCL and 
SnCL are not saline but are oily liquids which hydrolyze in water. 
Their stability in strong hydrochloric acid solution is no doubt due 
to the formation of co-ordination complexes, e.^., HsSnCU and 
HjPbCle. 

Phosphorus and Its Family. These elements are all closely 
related and form a well-known gradation from nitrogen and 
phosphorus, which are typical nonmetals, through the amphoteric 
arsenic and antimony, to bismuth, which is a weak metal. Each 
contains five valence electrons and is predominantly covalent in 
compounds, although bismuth shows definite electrovalence. The 
elements show well-defined valences of — 3, + 3, and + 5, 
although none of these is an electrovalence in the first four elements. 
All of these covalences are nicely explained on the basis of the octet 
theory, and the valence of 3 agrees well with the Heitler and London 
theory. The fact that phosphoric acid is H 3 PO 4 while nitric acid 
is HNOa fits in with the known fact that the elements of the 
second row are much smaller than those of later rows and in 
general have smaller co-ordination numbers. The same difference 
also appears in H2CO3 and H 4 Si 04 , although organic derivatives of 
orthocarbonic acid, having a formula R 4 CO 4 , where R is an organic 
radical, are known. In general, the maximum co-ordination 
number in the second row is 3, while in the lower rows it is 4, 6, or 
even more. The typical hydrides of this group, hke those of 
Group IV, are covalent gases very different from the saline hydrides 
of the strong metals. 

Sulfur and the Nonmetals of Group VI. All of the elements in 
the sulfur family contain two s electrons and four p electrons in the 
outer shell and so lack only two of the rare gas octet. They are 
like oxygen in their tendency to gain two more electrons to com¬ 
plete the octet and thus they show an electro valence of ~ 2, but they 
are successively weaker nonmetals as the atomic weight increases. 
Sulfur breaks rather sharply from oxygen, in that it and the 
succeeding elements are all solids. This may be correlated with 
the fact that sulfur shows a greater ability to form chains of atoms 
with itself than oxygen does. Oxygen forms ozone indeed, but 
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sulfur forms much longer chains, the vapor at the boiling point 
having a molecular weight corresponding to Ss, which may be 
represented as a covalent chain, thus: 

S:S:S:S:S:S:S:S: 

Selenium has the same property, but tellurium apparently forms 
only the double molecule. The same property is shown by sulfur 
in the formation of polysulfides and thioacids. Alkali sulfides 
will dissolve sulfur, forming the ions S 2 — to Ss , which can be 
written electronically as the co-ordination of successive sulfur 
atoms around a sulfide ion with a complete octet. The tetra- 
sulfide and pentasulfide ions are thus comparable with sulfite 
and sulfate ions, as indicated below: 


- -1 — 

“1 — 

“* “1 — 

. Cf . 

:S: 

:S:S: 

:S:S:S: 

: o : 

:S:S:S: 


sulfide disulfide trisulfide tetrasulfide 


:S: 

:S:S:S: 
’ :S:*' 


pentasulfide 


: 6 : 

:0:S:0: 

sulfite 


: 0 : 

:0:S:0: 

• 9 * 

sulfate 


Sodium tetrathionate, a familiar product of the reaction of 
sodium thiosulfite and iodine, is a good example of the formation 
of a sulfur chain. Its oxygen analogue, the corresponding salt of 
persulfuric acid, is known, but pentathionic acid has no oxygen 
analogue: 


:0 

:0 


0 


0: 

0;S 

S:S:S 

6 : ;0 

S 

0 :0 

S;6: 

':0 

:0 


0 


0 :” 


tetrathionate peroxydisulfate 

The preceding compounds illustrate the formation of covalences in 
this family of elements. 

Chlorine and the Halogens. Those elements of the seventh 
group in the periodic table which stand next to the inert gases are 
dominated by the fact that they lack but one electron to complete 
their octet. Hence they show an electrovalence of — 1. None of 
the succeeding elements have so great an electron affini ty as 
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fluorine, but they are all strongly electronegative and they show the 
expected gradation in properties as we go down in the table. All 
of them show covalence as well as electrovalence. The covalence 
is usually one, but coHjrdinate valences of four are shown toward 
oxygen in the oxygen acids of chlorine and of six in periodic acid. 
This is an interesting illustration of the increase in co-ordinate 
valence due to increased ion size. The chloride and iodide ionic 

o 

radii in crystals are 1.81 and 2.16 A. Strangely enough, bromine, 
with an ionic radius of 1.95 A, forms no perbrornic acid. The per- 
acids of the other two halogens are the most stable of the oxygen 
acids, showing the great stability of a completely co-ordinated 
valence shell in these cases. 

The Transition Elements. We found that spectral evidence 
shows that the transition elements differ from all those which we 
have taken up in the last few paragraphs, in that they have inner 
electron sub-shells which are incomplete. These elements include 
Group VIII, and all of tliem are marked by the fact that they 
exhibit great variation in valence, which at first sight seems Ix^wil- 
dering. Thus manganese forms the oxides, MnO, Mn 203 , Mn02, 
]VInO;{, and MnsO?; and most of the other transition elements are 
almost equally versatile. However, when we examine the different 
compounds which are formed, we find that not many of them are 
ionic and that many are covalent. The transition elements do not 
exhibit electro valences greater than + 2 or + 3. In all the com¬ 
pounds of higher valence they are covalent. Referring to the 
table of electronic configurations, we find that most of these 
elements have two s outer electrons (some have only one) and an 
incomplete d shell underneath. In forming ions, they may lose the 
s and one or two d electrons but not the remaining d electrons, 
although some of these can function in electro valence, perhaps 
after they have been promoted to a higher shell. Referring again 
to manganese, which has in the normal atom the configuration, 
2.s‘-, 2p^% 3.s2, 3#, 4s-j we find that Mn+'+' is formed by the 

loss of the two 4,9 electrons and by the loss of one of the Sd 

electrons also, but the valence of 4 is covalent, as in MnO 2 or 
K 2 MnF 6 . Similarly the valences of 6 and 7 are also covalent, as 
in Na 2 Mn 04 and KMnOi or Mn207. 

Another characteristic of the transition elements is that they 
form very stable co-ordinate complexes in many instances. 
Among these are the ferrocyanides, ferricyanides, thiocyanates, and 
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ammines, which are often extremely stable compounds. The 
transition elements are also the only ones of which the positive 
ions are colored. That is because the ions contain incomplete 
electron subshells, in which the electrons are not very strongly 
held and so can be excited by the relatively small quanta of visible 
light, absorbing some of the light in the process. This is shown 
very clearly in the fact that cuprous ion, which contains the com¬ 
pleted M subshell, is colorless, while cupric ion, in which one of 
theses electrons has been removed, is colored. But again is 
colorless, and so are the succeeding ions with complete inner sub¬ 
shells. The ions of the transition elements are also paramagnetic, 
causing the lines of force of a magnetic field to converge in passing 
through them, while all other ions are diamagnetic, causing the 
magnetic lines of force to diverge in passing through them. Para¬ 
magnetism is thought to be due to the presence of uncoupled 
electron spins in the ion. The ions of other elements have only 
completed subshells, which are magnetically neutralized, but the 
ions of transition elements may have one or more uncoupled 
electron spins. 

The Quantum Mechanics and the Chemical Bond. Throughout 
the preceding discussion, we have pictured chemical union in 
terms of gain, loss, or sharing of electrons, which were represented 
as occupying fixed positions with respect to the atoms. From 
what WT have seen of the theor^^ of atomic spectra, we know that 
this picture must be very far from the truth ; yet it is justified by 
its simplicity and by the fact that it does enable us to explain the 
combination of most chemical substances. In the last few years, 
a new idea of the chemical bond has arisen — an idea based on the 
development of quantum mechanics. The same wave-mechanics 
equations that have been applied to atoms in dealing with spectra 
are now^ applied to molecules. AVhen two atoms are brought 
together, there is a certain definite probability of finding the 
valence electrons near either atom, and the electron cannot be 
considered the sole property of one atom or of the other. No 
attempt is made to consider the electron either as revolving about 
any particular atom or as occupying a fixed space between them. 
The wave equations are used to calculate the electron-density 
distribution in the vicinity of the atoms. If the electron density 
between the atoms is high, the atoms will be held together by a 
nonpolar bond. If the electron density between the atoms is not 
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high, there will be no bonding force; and the atoms will not be held 
together. This new point of view explains the possibility of single¬ 
electron bonds, which had no good basis when the pair was con¬ 
sidered the basis of the bond. ’A single electron density between 
two atoms may be high and thus may constitute a bonding force in 
the same way that two electrons do. The new point of view does 
not emphasize so much the difference between covalence and electro¬ 
valence as did the older point of view. In certain cases, according 
to the new idea, there is a possibility of the linkage being either 
electrovalent or covalent — or rather, both electrovalent and 
covalent, for the fact that the bond can oscillate between these 
two types will strengthen its force, according to the wave-mechanics 
picture, by introducing a resonance term. Undoubtedly one of 
the most important fields of science in the immediate future will 
be the application of quantum mechanics to chemical problems. 

Summary 

The idea that chemical combination and electricity are related 
dates back to the time of Berzelius and his dmlistic theory of com¬ 
bination. Lewis and Kossel in 1916 advanced the first successful 
electronic theory of valence. Both recognized electrovalencey the 
gain or loss of electrons as each atom attempted to approximate 
the nearest rare gas; but Lewis introduced the idea of covalence, 
the sharing of electrons to form an octet. Electrovalence is prac¬ 
tically limited to the loss of 1, 2, or 3 electrons or the gain of 1 or 2; 
it goes over into covalence if the ions are highly charged or if the 
cation is very small and the anion large. This is Fajans^ rule. 
Langmuir explained certain cases of anomalous isomorphism on the 
basis of identical electronic configurations of the ions. 

The usual limit of covalence is the formation of an octet, but six 
or eight electron-pair rings may be formed, or single electron bonds 
may be involved. Co-ordinaie valence is a covalence in which the 
pair of electrons has come wholly from one ion or group. Heitler 
and London assume that the maximum covalence is equal to the 
number of unpaired electron spins in the atom. 

A consideration of the elements in the periodic table from the 
point of view of valence brings out many interesting regularities. 
The electronic theory of valence predicted a negative as well as a 
positive valence for hydrogen, which was verified in metallic 
hydrides. Because of the smaller ion sizes, covalence is more 
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common in the second period than in later ones. The elements of 
Groups I to III are predominantly electrovalent and positive, those 
of Groups IV and V are covalent, and those of Groups VI and VII 
are negatively electrovalent or covalent. The transition elements 
show varieties of valence, with electrovalence not exceeding + 3 
and covalences up to the maximum predicted by the periodic table. 
These transition elements are the only ones to show colored and 
also paramagnetic ions, apparently because the electrons in the 
incompleted subshells are much less firmly held than those in the 
completed shells which underlie other ions and also because they 
contain unpaired electron spins, which give rise to paramagnetism. 
According to the quantum mechanics, the chemical bond is not due 
to sharing of discrete electrons, but to the fact that the electron 
density between the atoms is high, and the atoms are held to¬ 
gether by this region of high electron density. 
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THE USE OF LOGARITHMS 


The common logarithm of a number, A, designated hylog is the power 
of 10 equal to the number. If A = 10”, then log A = n. Thus, log 1000 
= 3, log 10 == 1, log 1 = 0, log 0.0001 = - 4, and log 248.7 = 2.3957. 
In the logarithm last given, 2.3957, the number to the left of the decimal 
point, 2, is called the characteristic; that to the right of the decimal point, 
3957, the mantissa. The former fixes the position of the decimal point 
and is found by inspection. If the number is between 1 and 10, it is 0; if 
between 100 and 1000, it is 2; if between 0.0001 and 0.001, it is ~ 4, 
and so on. The logarithm of a number less than 1 usually is written 
with a negative characteristic but a positive mantissa. Thus, log 
0.001763 = log (1.763 X 10-3)= log 1.763 + log lO-^ = 0.2462 - 3 = 
3.2462 = 7.2462 — 10. In log tables only the mantissas are listed. 

An example will make clear the method of using log tables such as those 
on the following pages. Suppose we wish to find the log of 248.7. The 
characteristic is 2. To find the mantissa, follow down the column headed 
N to line 24, then along this line to the column headed 8. The number 
found here is 3945. To this add the number under 7 in the column 
headed “proportional parts”; this is 12. Thus the mantissa is 3957, 
and the log sought is 2.3957. 

In using logarithms for the solution of chemical problems the follow¬ 
ing formulas find frequent application: (1) Log AB = logA + logB; 

(2) log ™ = log A - log B ; (3) log A” = n log A; (4) log ^A = 

- log A. As an example of the use of logarithms let us take the following: 
n 


What volume will 374.5 ml. of oxygen, measured at 395 mm. pressure 
and at 25° C., occupy at S.T.P.? 


F = 374.5 X 


395 

760 



Then log V = log 374.5 + log 395 + log 273 - log 760 ~ log 298 
Tabulating the work in orderly fashion we have: 


log 374.5 = 2.5735 log 760 = 2.8808 

log 395 = 2.5966 log 298 = 2.4742 

log 273 = 2.4362 5.3550 

7.6063 

Subtracting 5.3550 

log V = 2.2513 = log 178.4 
Therefore V = 178.4 ml. 
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7917 

1 

1 

2 

3 4 4 

5 6 6 

62 

7924 

7931 

7938 

7945 

7952 

7959 

7966 

7973 

7980 

7987 

1 

1 

2 

3 3 4 

5 6 6 

63 

7993 

8000 

8007 

8014 

8021 

8028 

8035 

8041 

8048 

8055 

1 

1 

2 

3 3 4 

5 5 6 

64 

8062 

8069 

8075 

8082 

8089 

8096 

8102 

8109 

8116 

8122 

1 

1 

2 

3 3 4 

5 5 6 

66 

8129 

8136 

8142 

8149 

8156 

8162 

8169 

8176 

8182 

8189 

1 

1 

2 

3 3 4 

5 5 6 

66 

8195 

8202 

8209 

8215 

8222 

8228 

8235 

8241 

8248 

8254 

1 

1 

2 

3 3 4 

5 5 6 

67 

8261 

8267 

8274 

8280 

8287 

8293 

8299 

8306 

8312 

8319 

1 

1 

2 

3 3 4 

5 5 6 

68 

8325 

8331 

8338 

8344 

8351 

8357 

8363 

8370 

8376 

8382 

1 

1 

2 

3 3 4 

4 5 6 

69 

8388 

8395 

8401 

8407 

8414 

8420 

8426 

8432 

8439 

8445 

1 

1 

2 

2‘3 4 

4 5 6 

70 

8451 

8457 

8463 

8470 

8476 

8482 

8488 

8494 

8500 

8506 

1 

1 

2 

2 3 4 

4 5 6 

71 

8513 

8519 

8525 

8531 

8537 

8543 

8549 

8555 

8561 

8567 

1 

1 

2 

2 3 4 

4 5 5 

72 

8573 

8579 

8585 

8591 

8597 

8603 

8609 

8615 

8621 

8627 

1 

1 

2 

2 3 4 

4 5 5 

73 

8633 

8639 

8645 

8651 

8657 

8663 

8669 

8675 

8681 

8686 

1 

1 

2 

2 3 4 

4 5 5 

74 

8692 

8698 

8704 

8710 

8716 

8722 

8727 

8733 

8739 

8745 

1 

1 

2 

2 3 4 

4 5 5 

76 

8751 

8756 

8762 

8768 

8774 

8779 

8785 

8791 

8797 

8802 

1 

1 

2 

2 3 3 

4 5 5 

76 

8808 

8814 

8820 

8825 

8831 

8837 

8842 

8848 

8854 

8859 

1 

1 

9 

2 3 3 

4 5 5 

77 

8865 

8871 

8876 

8882 

8887 

8893 

8899 

8904 

8910 

8915 

1 

1 

2 

2 3 3 

4 4 5 

78 

8921: 

8927 

8932 

8938 

8943 

8949 

8954 

8960 

|8965 

8971 

1 

1 

2 

2 3 3 

4 4 5 

79 

89761 

8982 

8987 

8993 

8998| 

9004! 

9009 

9015 

9020 

9025 

1 


2 

2 3 3 

4 4 5 

80 

9031 

9036 

9042 

9047 

9a53 

9058 

9063 

|9069 

9074 

9079 

1 

Jl_ 

2 

2 3 3 

4 4 5 

81 

9085 

9090 

9096 

9101 

9106 

9112 

9117 

j9122 

9128 

9133 

i 

1 

2 

2 3 3 

4 4 5 

82 

9138 

9143 

9149 

9154 

9159 

9165 

9170 

9175 

9180 

9186 

1 

1 

2 

2 3 3 

4 4 5 

83 

9191 

9196 

9201 

9200 

9212 

9217 

9222 

9227 

9232 

9238 

1 

1 

2 

2 3 3 

4 4 5 

84 

9243 

9248 

9253 

9258 

9263 

9269 

9274 

9279 

*9284 

9289 

1 

1 

2 

2 3 3 

4 4 5 

86 

9294 

9299 

9304 

9309 

9315 

9320 

9325 

9330 

9335 

9340 

1 

1 

2 

2 3 3 

4 4 5 

86 

9345 

9350 

9355 

9360 

9365 

9370 

9375 

9380 

9385 

9390 

1 

1 

2 

2 3 3 

4 4 5 

87 

9395 

9400 

9405 

9410 

9415 

'9420 

9425 

9430 

9435 

9440 

0 

1 

1 

2 2 3 

3 4 4 

88 

9445 

9450 

9455 

9460 

9465 

9469 

9474 

9479 

9484 

9489 

0 

1 

1 

2 2 3 

3 4 4 

89 

9494 

9499 

9504 

9509 

9513 

9518 

9523 

9528 

9533 

9538 

0 

J_ 

JL 

2 2 3 

3 4 4 


9642 

9547 

9552 

9557 

9562 

9566 

9571 

9576 

9581 

9586 

0 

_L 

1 

2 2 3 

3 4 4 

91 

9590 

9595 

9600 

9605 

9009 

9614 

9619 

9624 

9628 

9633 

0 

1 

1 

2 2 3 

3 4 4 

92 

9638 

9643 

9647 

9652 

9657 

9661 

9666 

9671 

9675 

9680 

0 

1 

1 

2 2 3 

3 4 4 

93 

9685 

9689 

9694 

9699 

9703 

9708 

9713 

9717 

9722 

9727 

0 

1 

1 

2 2 3 

3 4 4 

94 

9731 

9736 

9741 

9745 

9750 

9754 

9759 

9763 

9768 

9773 

0 

1 

1 

2 2 3 

3 4 4 

95 

9777 

9782 

9786 

9791 

9795 

9800 

9805 

9809 

9814 

9818 

0 

1 

1 

2 2 3 

3 4 4 

96 

9823 

9827 

9832 

9836 

9841 

9845 

9850 

9854 

9859 

9863 

0 

1 

1 

2 2 3 

3 4 4 

97 

9868 

9872 

9877 

9881 

9886 

9890 

9894 

9899 

9903 

9908 

0 

1 

1 

2 2 3 

3 4 4 

98 

9912 

9917 

9921 

9926 

9930 

9934 

9939 

9943 

9948 

9952 

0 

1 

1 

2 2 3 

3 4 4 

99 

9966 

9961 

9965 

9969 

9974 9978 

9983 

9987 

9991 

9996 

0 

1 

1 

2 2 3 

3 3 4 
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[Names of persons are set in small capitals, and names of publications in iUxlics, Page 
references to deflultlons and to biographies are indicated by italic numbera.1 


Accelerated anode rays, 503 
Accumulator, 408 
Acetate ‘‘free radical,” 348 
Acid, alchemical symbol for, 128 
apparent ionization of, (table) 207 
ionization constants and strength 
of, 265 

ionization constants of, (table) 262 
polybasic, ionization of, 208, 261- 
263 

Acid salt, 263-264 
Actinium, 471 
Activity, 378, ^21, 422 
coelBScients, (table and fig.) 423,427 
Additive properties of dilute solutions, 
201 

density, 203 

electrical conductivity, 203, 331 
heats of neutralization, 201, (table) 
202, 217, 218, (table) 219 
volume change on neutralization, 
(table) 202 
Air, 1, 128 

Alchemists, 1, 128, 539 
Alkalies, 591 

Alkaline earths, (table) 492, 591 
Allison, 4 

Alpha Bootis, 446, (pi. 9 p.) 450 
Alpha (a) rays or particles, 474-476, 
479-482, 484, 487, 528, 534, 
540, 542, 544. 545 
scattering of, (fig.) 465 
Alpha Tauri, 446, (pi. op.) 450 
Aluminum as anode, 348 
Aluminum rectifier, 359 
Amaldi, 546 

Ammonia, pressure and yield of, 
(table) 187 

Ammonium, amalgam and radical, 
347-348 

hydroxide, ionization constant for, 
262 

Ampere, S2Ii. 

Amphoterism, 226^ 227 
and the periodic table, 229 
Anaxagoras, 30 


Anderson, 536 
Angstrom unit, 440 
Anion, 191 
Anode. 191 
mua, 355 

rays, accelerated, 503 
Approximate laws, 29 
Aqueous tension, (table) 56 
Arc process for nitrogen fixation, 185 
Arcturus, 446 
Arrhenius, 0., 271 
Arrhenius, Svante, 168, 169, 196, 
197-200, 203, 206, (pi. op.) 210, 
216,218,329,330,417-419,424, 
425, 432, see also Ionization, 
Arrhenius' theory of 
Aston, 497, 500, 502, 503, 505, 507, 
508, 511, 526, 532 
mass spectograph of, (fig.) 501 
Atmosphere, 
colloidal, 70 
earth's, 70 
of planets, 69 
Atom, 

of argon, two models of, (fig.) 519 
Bohr, 556-558 
Rutherford's nuclear, 556 
“stripped,” 568 
weight of individual, 45 
Atomic, 

disintegration, (pi. op.) 546 
heat capacity, 137, (table) 139 
nuclei, constitution of certain, 
(table) 536 

possible constituents of, 533 
numbers, 459, 463 
structure, the nucleus, 517-537 
arrangement of external electrons, 
560-572 

theory, Dalton's, 38, 517 
volume, (table) 18, (fig.) 20 
weight, 9, 42, 43 
accurate, 140-143 
and isotopes, 508 
approximate, 

Cannizzaro's method, 121-122 
Dulong and Petit's rule, 137- 
140 
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Atomic, weight, approjdmate (Con- 
tinvM) 

method of isomorphism, 140 
comparison of chemical and 
physical, (table) 511 
of gaseous elements, 118 
weights of radioactive lead, (table) 
497 

Atomicity of elementary gas, 114 
Autocatalysis, 171 
Autocatalytic reaction, 171 
Autoclave, (fig.) 170 
Avoqadro, 9, 40 
number, 114, 352, 457 
rule (law) llS-llb, 195, 196, 198 

B 

Bainbridge, 500, 505 
and Jordan, see Mass spectrograph 
Balmer, 448, 507 

series, (table) 448, (table and fig.) 
449, 558 
Bancroft, 427 
Band spectra, 439 
and isotopes, 506, 507 
Bardwell, 587 
Barkla, 462 
Batuecas, 141 
Baxter, 119, 430, 510 
Becqtjerel, 4, 468, 474, 481 
experiment, (fig.) 468 
rays, 469 

Benedict's solution, 242 
Berkeley, 102 
Bernouilli, 58 
Berthelot, 168, 202 
Berthollet, 3, 32, 36, 37 
Berzelius, 3, 8, 43, 191, 491, 578, 580 
Beta {^) rays, 474, 475, 479-482, 484, 
487 

Bethe, 545 
Birckenbach, 513 
Biuret reagent, 242 
Black, 3 
Black body, 552 
Blackett, 542 
Bodenstein, 178 
Bogdan, 34 
Bogen, 302 

Bohr, 25, 462, 518, 520, 556-560, 567 
atom, 519 

orbits of the hydrogen atom, (fig.) 558 
-Sommerpeld model, 560 
orbits, (fig.) 559, 574, (fig.) 575 
theory, 568, 572, 591 
Boirbaudran, de, 22 
Boltwood, 471, 495 
Boltzmann, 59, 137 
Born, 573 


Bowen, 568 
Boyle, 1, 2, 51, 52 
law, 51, (table) 52, (fig.) 53, 60, 
103, 112 

deviations from, 74 
tube, (fig.) 51 

Brackett series, (table) 449, (fig.) 
558 

Bradshaw, 328 
Bragg, 460, 480 
X-ray spectrograph, 460, 573 
Bray, 285 
Brickwedde, 514 
Broek, van den, 462, 466, 521 
Broglie, de, L., 573 
Broglie, de, M., 555 
Bronsted, 429, 512, 513 
Brown, 69 

Brownian movement, 59 
and molecular reality, 69 
B.T.U., 148 

Buffer solutions, 295, 296 
Bunsen, 4, (pi. op.) 434, 4^37, 443, 444 
ice calorimeter, (fig.) 472 
Burk, 168 
Bury, 566, 567 


Cacodyl, 437 

Calomel half cell, (fig.) 370 
Calorie, 148 
and joule, 377 
Cameron, 540 
Camphor, as solvent, 120 
Cannizzaro, 9, 113, 121 
method, 121, (table) 122 
Carbon monoxide, density, 141 
Carbonelle, 70 
Carlisle, 191 
Catalyst, 171, 216 
negative, 171 
Cathode, 191, 451, 452 
rays, 450 

electrostatic deflection of, (fig.) 
451 

focusing, (fig.) 451 
mechanical action of, (fig.) 451 
shadow cast by, (fig.) 450 
Cation, 191 
Cavendish, 3, 35 
Cell, 

Clark, 390 
concentration, 379 
constant, 327 
crowfoot, (fig.) 365 
Daniell, (fig.) 364, 365, 369, 374, 
377, 387, 389 

demonstration gas, (fig.) 366 
galvanic, 364 
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chemical reactions in, 374 
source of the E.M.F. in, 385-389 
graphical representation of, (fig.) 

365, (fig.) 373 
gravity, (fig.) 365 
lead storage, (fig.) 408 
primary, 408 
standard, 389-391 
Weston, 389, (fig.) 390 
Chadwick, 521, 523, 540-543,545,546 
Chain theory of electrolysis, 192 
Charles's law, 53, 54, 103, 112 
and temperature, 62 
Chemical bond and quantum me¬ 
chanics, 596 

Chemical equivalence, law of, S5 
Chromophoric theory, 300 
Claude process, 186 
Clausius, 59, 193, 194, 197, 198, 395 
Cloud chamber, Wilson-Shimizu, 
(fig.) 478 

Cobaltammines, 231 
Cockcroft, 544 
Cohen, 181 

Colligative properties, 108, 194-196, 
203 


Color, spectral lines and visual dis¬ 
tribution, (fig.) 440 
Combustion, heat of, 154, 155 
Common ion effect, 248, 249, see also 
Ion 

Complexes, 
ammonia, 231 
cyanide, (table) 234, 235 
ferri-oxalate, 240 
ferrithiocyanate, 236 
halide, 236, 237 
metallo-organic, 240 
sulfide, 238, 239, (table) 240 
water, 233 

Compressibility, (table) 18, (fig.) 20 
Compton, 67 
Concentration units, 91 
Condensed phases, 76 
Condenser, reflux, (fig.) 170 
Conductance, 19S, 324 

and chemical reactivity, (table) 322 
applications of measurements, 334 
equivalent, 328, (table) 334 

evaluation at zero concentration, 
331-334 

of ions at zero concentration, 
(table) 333 

measurement of, 323-329 
ratio, 199, 203, 205 

and Van't Hoff coefiScient, 


(table) 418 
specific, 5^7-329 
Conductors, 
metallic, 313 


of the filrst class, 313 
of the second class, 314 
Conservation of mass, law of, 29-Zl 
Consolute, 85, see also Temperature 
COOLIDGB, 458 

Copper, refining of, (table) 355 
‘^efore/’ atomic, 561, 570, 571 
Coronium, 447 
Corrosion, 

electrolytic theory of, 398 
mechanism of, (ng.) 398, (pi. op.) 
402 

of metals, 397 
prevention of, 401 
removal of, 358 
Cosmic rays, 536 
Coster, 4, 464, 567 
Coulomb, 324, 352 
Coulomb, 210 
law of, (fig.) 210, 212, 557 
Coulometer, 357 
copper, 358 
gas, 357 
iodine, 358 
silver, (fig.) 358 
Covalence, 583 

Heitler-London theory of, 585, 
586 

Covalent compounds, 580 
Crane, 546 

Critical temperature, 56 
Crookes, 443, 450, 451, 481, 496, 497 
tube, 452, 453 

Curie, Marie, (pi. op.) 226, ^^^-471, 
475, 477, 481, 484, 491 
Curie, Pierre, 470, 471 
CuRiE-JoLiOT, Ir^jne, 547, 548 
Current, 

alternating and rectified, (fig.) 361 
density, 343 
Curve, 

cooling (time-temperature), (fig.) 
94 

packing fraction, (fig.) 526 
radioactive decay, (fig.) 484, (fig.) 
485 

Cushman, 400 


Dalton, 3, 7, 8, 33, 34, 58-40, 42, 
43, 57, 59, 495, 496, see also 
Atomic theory 
atomic weights, (table) 42 
law of partial pressure, 55 
postulates, 58, 539 
criticism of, 40, 41 

Daniell, 192, 364, see also Cell, 
Daniell 
Davisson, 573 
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Davy, 4, 37, 191, 312, 351, 678 
De Rerum Natura, 517 
Debierne, 471, 491 
Debye, 425, 427, 432 
-HtJcKEL theory, 425-432, 435 
limiting laws, 427, 433 
Definite proportions, law of, 3^ 

AH, 154 

Democritus, 517 
Dempster, 503, 505 
curve for zinc, (fig.) 504 
Density, (table) 18 
of a eas from G.M.V., 134 
of dilute solutions, 203 
of the atomic nucleus, 521 
Depolarizer, 399 
Deslandres, 506 
Deuterium, 515, 534 
Deuteron, 534, 545, 548 
Dielectric constant, 210 
and ener^ of dissociation, (fig.) 213 
and ionizing power, (table) 211 
Diesselhorst, 328 
Diffraction grating, (fig.) 455 
Dilution, heat of, 152^ (table) 153 
Disintegration of atoms, see Trans¬ 
mutation 

Disintegration theory of radioactive 
change, 482-484 
Displacement, 
order of, 403 
series, 372 

Displacement reactions, 219 
completeness of, 382-385 
Dissociation, 

apparent degree of, (table) 207, 330, 
417-419 

methods of determining, 199, 
200, 205, 206 
energy, 212, 213 
Dobereiner's triads, 8 
Dole, 317 

Doppler effect, 445, 446, (pi. op.) 450 
“Drop ratio,” 304 
Drouginine, 34 

Dualistic theory of chemical combina¬ 
tion, 578 
Duane, 555 
Dulong, 137, 141 
and Petit’s rule, 137 
Dumas, 3, 8, 9, 33, 117, 518, 539, 578 
Du Mond, 455 

E 

Earth, 1, 128 
Eddington, 521 
Einstein, 71 

photoelectric equation, 554, 555 
relativity equation, 31, 544, 645 


Eka-aluminum, 22 
Ekaboron, 22 
Ekasilicon, 22 
Eldridge, 67 
Electroanalysis, 357 
Electrode, 

calomel, 369, (fig.) 370 
effects, 341-362 
typical, 345-349 
hydrogen, (fig.) 369 
potentials and free energy change, 
376 

reactions, general conditions affect¬ 
ing, 342-345 
summary of, 349-351 
standard potentials, 369-372 
uses of, 372-374 
Electrolysis, 341 

industrial preparations by, (table) 
361 

Electrolytes, 190 

Electrolytic circuit, parts of typical, 
(fig.) 812 

Electromotive force, 
and concentration, 377-379 
and temperature, 385 
Electromot ive series, 372 
Electron, 450, 451 
configuration and atomic properties, 
570 

mass of, 452, 476 
spin, 559, 585 
Electronegative, 578 
Electronic, 
charge, 352 

configuration of the elements, 560- 
567 

and spectral series, 568 
Electrons, 
lone pair of, 584 
paired and unpaired, 586 
paths of, (pi. op.) 482 
valence, 570 
Electroplating, 355 
Electropositive, 578 
Electrorefining of copper, 354, (table) 
355 

Electroscope, gold-leaf, 457, (fig.) 
458 

Electrovalence, 580-583 
Electrum, 3 

Element of atomic number, 93, 
547 
Elements, 
alchemical, 1 
classification of, 5-26 
discovery of, 2-5 
relative abundance of, 528-533 
transmutation of, 539-561 
Emanations, 482 
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Empedocles, 1 

Empirical formula, 123, (table) 124 
End point, S99 
Endothermic, 148 
compounds, 155 
Energy, 
chemical, 153 
free, see Free energy 
of activation, 169 
Enzymes, 270 
Equation, 

meaning of, 129 
method of writing, 125 
of state, 75, 196 
reacting weights from, 133 
reacting volumes from, 134 
Equilibrium, 

conditions affecting proportions at, 
181 

time for attainment of, 180 
Equilibrium constant, 173-177, (table) 
176 

concentration (Kc), 175 
free energy change and, 178-180 
influence of conditions upon, 180 
pressure (Kp), 175 
temperature and, 177 
Equivalent, 35 
weight, 9, 121 

accurat/C determination of, 142 
from equation, 135 
oxidizing-reducing and metatheti- 
cal, 136 

Escaping tendency, 100, 108 
Estehmann, 573 

Ethane, electrolytic preparation of, 
348 

Exact laws, S9 
Exothermic, 148 
compounds, 155 


Fajans, 583, 587, see also Soddy 
Faraday, 191, 352 

Faraday, 191, 210, 312, SSU (pi op.) 
386, 450, 540 

laws of electrolysis, 318, 324, 351, 
S5B, 588 

Fehling’s solution, 241, 242 
Fermi, 5, 546, 549 
Ferroxyl reagent, 400 
Findlay, 296 
Fire, 1, 128 
Fluorine, 
atom, (fig.) 524 
monoxide, 590 

Fog tracks, 478, (fig.) 479, (pi. op.) 

482, (pi. op.) 546 
Formation, heat of, 154 


Formula, 
meaning of, 129 
structural, 131 
weight, 44 
writing of, 129 
Fowler, 389 

Fractionation of mercury, (fig. and 
table) 513 
Frankland, 443 
Franklin, 314 
Fraunhofer lines, 445 
Frazer, 101, 102 
Free energy change, 364 
and electrode potentials, 376, 377 
and equilibrium constant, 178-180 
of certain reactions, (table) 179 
Freedom, degrees of, 64 
Freezing point, 92 
constancy of, 94 
Frequency, oscillation, 440 
Friedrich, 456 

Fundamental theory chart, 127 
Fuoss, 212, 213, 433 
Fusion, heat of, (table) 148 

G 

Gallium, 22, 23 

Galvanic cell, see Cell, galvanic 
Gamma (y) rays, 441, 474, 476, 477, 
479-482, 484, 545, 547, 552 
Gas constant (R), 55 
Gas law equation, 54 
Gases, 76 

density of, from G.M.V., 134 
solubility of, 81 

Gay-Lussac, 56>, 37, 40, 42, 53, 54, 
194, 197 

(Charles's) law, 53 
law of reacting volumes, 36, 58, 115 
Geiger, 465 
Germanium, 22, 23 
Germer, 573 
Ghosh, 425 
Gibbs, Willard, 

-Helmholtz equation, (table) S86 , 
407 

medal, 197 

Gillespie “drop ratio” method, 303, 
304 

Gmelin, 192 
Goldschmidt, 530 
Goldstein, 452 
Goudsmit, 559 
Graham, 57 

law and molecular velocities, 65 
law of diffusion, 57, 112, 483 
Gram atom, 48 
Gram ion. 257 

Gram molecular volume, 116 
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Gram molecular weight, ^ 

Gram molecule, 44 
Grotthuss, 191. 192, 312 
Groups in periodic table, 14 
gradation of properties within, 19 
Guldbebg, 164 
Gurney, 389 
Guye, 34 

H 

Haber process, 172, 186 
Hafnium, 464, 566, 567 
Half-life (half-decay) period, 473, 485 
of artificially radioactive elements, 
(table) 549 

of most stable isotope, (table) 531 
Hall, 531 
Halogens, 594 
Hantzsch, 299 
Harden, 39 

Hardness on Rydeberg scale, (table) 18 
Harkins, 25, 478, 512-514, 522, 523, 
525, 528, 530, 542, 543 
Hartley, 102 
Hatfield, 398 
Hayes, 512 
Heat capacity, 137 
atomic, of solids, 137 
molecular, of gases, 63 
ratio ( 7 ), 64, 65 
Heat, 

content, 154 
of combustion, 154, 155 
of dilution, 152^ (table) 153 
of formation, 154, 406 

and standard electrode potentials, 
406 

of fusion (latent), (table) 149 
of ionization, 152 

of neutralization, 154, 155^ 201, 
(table) 202 

at various concentrations, (fig. 
and table) 219 
of reaction, 153, 178 
of solution, 151, 152, (table) 153 
of sublimation, 161 
of vaporization, 150, (table) 150 
Heavy water, 515 
properties of, (table) 514 
Heitler-London theory of covalence, 
585, 593 

Helium, discovery of, 444 
Helmont. van, 60 
Henry's law, 82, (fig.) 83 
constants, (tables) 83 
Hertz. 451, 512, 552 
Hess, law of, 151, 158 
Hevbsy, von, 4, 464, 493, 512, 513, 567 
Heydweiler, 3;?4, 335 
Hinshelwood, 168 


Hittorf, 192, 194, 319 
Holborn, 328 
H5NIG8CHMID, 496, 513 
Hopkins, 4, 464 
HOckel, 425, 427, 432 
Humbolt, von, 36, 42 
Hydration, energy 210 
Hydrogen, 24, 586, 687 
heavy, 514 

-iodine equilibrium, 176 
ion concentration, 270 
Hydrolysis of salts, 
constant {Kh) 272 
degree of, 274 

of weak acid and strong base, 274 
of weak acid and weak base, 275 
of weak base and strong acid, 271 
qualitative, 222-226, 271 
Hypothesis, 29 


i, 196, 197, 200 

from freezing points and conduc¬ 
tance data, (table) 201 
Illinium, 4, 464 
Imes, 507 
Indicator, 
choice of, 304j 305 
for polybasic acids, 305 
constant (Kin), 297 
elementary theory of, 297-300 
exponents and ranges, (table) 302 
one-colored, 297 
rainbow, 302 
two-colored, 297 
Indium, 21 
Infrared, 441 

“Inner building," 566, 567, 582 
Insoluble salts, 

metathetical solution of, 282-284 
solubility of, 382 
Interionic attraction theory, 424 
Ion, 

atmosphere, (fig.) 426 
common, quantitative effect of, 260, 
280-282 

concentrations, hydrogen and hy¬ 
droxyl, 266-270 
migration, 314-317 
product constant for water (K«,), 
266, (table) 267 
size, and dissociation, 211 
size, the effect of, (fig.) 212 
velocity of, absolute, (table) 316 
velocity of, temperature coeflScient, 
(table) 317 
Ionic, reactions, 216 
strength, 427, 428 
Ionium, 471 
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Ionization, 

apparent degree of (a), 206, (table) 
207 

calculation of, 205 
effect of dilution and temperature 
upon, 206 

factors which influence, 200-213 
Arkhenitts* theory of, 190, (sum¬ 
mary) 203, 204 
criticism of, 416 
constants, (table) 262 
limitations of, 266 
quantitative applications of, 257- 
288 

heat of, 152 
Isobares. 41, 490 
Isomorphism, 
anomolous, 582 

Mitscherlich’s law of, 140, 682 
Isotopes, 11^ 41, 490, 495-515 
and atomic weights, 508 
segregation of, 610 
chlorine, (table) 512 
weights of, 522 

Isotopic complexity, periodicity in, 
(fig.) 530 


Jahn, 419 
Jannssen, 443 
Jenkins, 512 
JoLioT, M. F., 547, 548 
Jones, 328 
Jordan, 500, 505 
Joule, 377 
Jupiter, 128 

K 

Kc, equilibrium constant, 175 
Kh, hydrolysis constant, 272 
Ki, ionization constant, 257 
calculation of, 258 

Xin, indicator constant, colorimetric 
determination of, 300 
Kpy equilibrium constant, 175 

solubility product constant, 277 
Kvj velocity constant, 167 
Kwy ion product for water, 334 
Kan ADA, 517 
Kanalstrahlen, 452 
K (kappa), 327 

Karlsruhe, congress at, 9, 113 
Keetman, 495 
Kelvin, 53, 59 
Kilogram calorie (KaL), 148 
Kinetic equation. 60 
Kinetic theory of gases, 58, 112 
postulates of, 59 


Kibchhopp, 4, 4^7 f (pi. op.) 434, 439, 
443 

Klassiker der Exacten Wusenschafierif 
198 

Kleeman, 480 
Knipping, 456 

Kohlrausch, 193, 197, 199, 200, 203, 
328, 330, 331, 334, 418, 419, 432 
and Heydweiler, 335 
Kossel, 518, 567, 579, 580 
diagram of valences, (fig.) 579 
Kratzer, 507 
Kraus, 212 , 213, 433 
KrOnig, 59 
Kundt, 65 

L 

Laar, van, 424 
La Mer, 429 
Landolt, 30, 32 
Lange, 431, 432 
Langmuir, 518, 566j 580, 582 
Laue, von, diffraction method, (fig.) 
456 

pattern, and electron diffraction, 573 
pattern for KCl, (fig.) 456 
patterns, photographs, (pi. op.) 466 
Lauristen, 546, 548 
Lavoisier, 2 , 3, 30 
Law, 29 

Lead, radioactive, atomic weights of, 
(table) 497 

Lead sulfate, solubility in ammonium 
acetate, 251 
Le Chatelier, 184 
principle of, 89y 147, 169, 182^ 183, 
385 

Lenard, 451, 452 
rays, 452 
Leucippus, 517 

Lewis, 47, 138, 419, 421, 427, 514, 518, 
520, 579-581, 583, 584, 586-588 
-Langmuir atom, 566 
Limiting densities, method of, 118 
Liouids, 76 
Lithium, 544, 545 
Lithosphere, 530 
Lockyer, 443 
Logarithms, 

natural or Naperian, 168 
tables, 600, 601 
to base 10 , 168 
use of, 699 
London, 585 

Longsworth, 332, 419, 420 
Loomis, 507 

Lowering of vapor pressure, 98 
Lucretius, 517 
Luna, 128 

Lyman series, 449, 658 
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M 

McCoy, 495 
MacInnes, 332, 433 
Madorsky, 613 
Magnesium, 437 

Magnesium hydroxide, solubility in 
ammonium chloride, 249 
Manley, 31, 32 
Mabckwald, 495 
Mars, 128 
Mass, 

action, law of, 164 
increase of, with velocity, 452 
number, 526 
spectra, (pi. op.) 514 
spectrograph, (pi. op.) 498, 500, 501, 
545 

of Bainbridoe and Jordan, (pi. 
op.) 498, (fig.) 505 
Maximum work (heat), law of, 158 
Maxwell, 59, 552 
Melting points, (table) 18, 92 
Mendel^ieff, (pi. op.) 2, 4, 7, 10, 11, 
12, 21, 24, 25, 229, 464, see also 
Periodic table 
Mercurous ion, 381 
Mercury, 128 
philosophical, 1 
“Meta-elements,” 496, 497 
Metalloids, 5 
Metals, 5, 397, 403 
Metathesis, 136 
Metathetical reactions, 221 
Meteorites, stone and iron, 530 
Meyer, Lotiiar, 10 
Meyer, Victor, 117 
Mho, 324 
Micron (^i), 441 
Middle tint, 298 y 300 
Miller, 192 
Millikan, 352, 554, 668 
Milner, 425 
Mitscherlich, 140 
law of isomorphism, 140, 582 
Mix-crystals, I40 
Mobility, ionic, 194 
Molality, m, 91, 105 
Molarity, M, 91 
Mole (mol), 44 
fraction, 92 
per cent, 92 
Molecular, 

depression constant, 95, (table) 96, 
120 

elevation constant, (table) 97, 120 
formula, 122, 123 
weight, 9, 42, 44 

accurate determination of, 141 | 

from formula, 133 ' 


of gaseous and vaporizable sub¬ 
stances, 117 

of non vaporizable substances, 119 
Molecule, 76 
active, 169 
odd, 588 

weight of individual, 45 
Moles, 141 
Morley, 119 
Morse, 101, 102, 104 
Moseley, 4, 24, (pi. op.) 130, 460, 461, 
464, 466 

diagram, (fig.) 463, 521, 567 
X-ray method, 568, 569 
Moving boundary method, (fig.) 314, 
315 

Mullikan, 508 

Multiple proportions, law of, 34 j 36 
Murphy, 514 

N 

N, see Avogadro\s number 
Naum ANN, 63 
Nebulium, 447 
Negative valence, 130 
Negatron, 549 

Nernst, 84, 117, 210, 276, 387, 388, 
417 

equation, 379, 380, 383, 422 
applications of, 380 
Nessler’s solution, 237 
Neutrality, law of thermal, 222 
Neutralization, 217 
heat of, 154, 155, 201, (table) 202, 
(table) 219 

volume change on, (table) 202 
Neutron, 487, 523, 534, 537, 546 
transmutation by, 545, 548 
Neutron ic and atomic numbers, 
(table) 532 
Newlands, 9, 10 
Newton, 39, 497 
Nicholson, 191 
Nickel di methylglyoxime, 243 
Nilsbn, 22 
Niton, see Radon 

Nitrogen dioxide, decomposition of, 
(table) 186 
Noddack, 4 
Nollet, Abb6, 100 
Nonelectrolytes, 190 
Nonmetals, 5 

Nonpolar compounds, 47, 76, 580 
Normality, N, 91 
Noyes, 198^ 284, 424, 430, 433 
Nuclear disintegration, (fig.) 542 
Nucleus, 

potential barrier, 544 
structure of, 517-537 
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Octaves, law of, 9 
Octet, 46 
Ogg, 381 
Ohm, 

reciprocal (mho) 324 
Ohm’s law, 193, 324, 395 
Onsager, 432 
Orbits, stationary, 557, 572 
Osmosis, mechanism of, 105 
Osmotic pressure, 100, 101 
and concentration, (table) 103 
and va^r pressure, 107, (fig.) 108 
van’t Hoff’s laws, 103, 104 
OsTWALD, 69, 73, (pi. op.) 114, 196, 
m, 200, 202, 297, 299, 300, 437 
dilution law, 258 
process, 172 

Overvoltage, minimum, of hydrogen, 
(table) 397 
Oxidation, 131, 244 
ease of, 405 

-reduction equations, 245 
-reduction reactions, 364 
mechanism of, 409 
Oxidizing agent, 2 /^B 
Oxidizing and reducing substances, 375 
Oxidizing equivalent, 136 
Oxonium ion, 233, 590 
Oxygen, molecular weight of, 116 


Packing effect, 525 

Packing fraction curve, (fig.) 526, 528 
Packing fractions, (table) 527, 545 
and atomic stability, 526 
Paneth, 493 

Parabolas of neon, (fig.) 500, (pi. op.) 
514 

Paschen series, 449, 558 
Passivity of iron, 402 
Pauli’s exclusion principle, 560 
Pentasulfide, 594 

Percentage composition from formula, 
133 

Periodic law, 7, 464 
Periodic system, 7, 21 
and valence, 17 
periodicity in, 16 
Periodic table, 

and amphoterism, 229 
and valence, 586 
construction of, 11-14 
Mendbl^eff’s,. 463, 561, 584 
first, 10 
second, 12 
modern form, 15 
Periods, lU 
Peroxydisulfate, 594 
MGC--40 


Perrin, 59, 69, 70, 76, 451, 471, 478 
Petit, 137, 141 
Pettenkofbr, 9 
Ppepper, 101, 103, 104 
pH, 269, 270 
and life processes, 270 
and pOH, (table) 268 
colorimetric determination of, 300 
of blood, 296 

Phenol-water system, (table) 87 
Phenolphthalein, tautomerism of, 
(fig.) 299 

Philosopher’s stone, 539 
Photoelectric, 
effect, 554 
inverse, 555 
X-ray, 569 

emission from sodium, (fig,) 555 
work function, 554 
Photoelectrons, 554 
Pitchblende, 470 
pKi, 273 
pK„ 287 
pKy,, 273 
Planck, 553, 556 
constant, 553, 555, 557 
Plucker tube, 443 
pOH, 269, 270 

Polar compounds, 46, 76, 580 
Polarity ox a battery, 353 
Polarization, 193, 325 
^‘Pole finders,” 354 
Polonium, 470 
Polybasic acids, 
ionization of, 261 
titration curve for, (fig.) 294 
Positive electron, see Positron 
Positive ray analysis, 497 
Positive ray parabolas, (fig.) 499 
Positive rays, (fig.) 452 
analysis of, 453, 497-506 
Positive valence, 130 
Positron, 524, 536, 537, 549 
Potential^ 
excitation, 570 
gradient, 316 

ionization, (table) 571, 572 

and reauction potentials, (table) 
572 

liquid junction, 387 
standard electrode, (table) 372, 
406, 571, 572 
Potentiometer, (fig.) 367 
Potentiometric resistance connection, 
395 

Priestley, 3 
Principles, alchemical, 1 
Prism, refraction by, (fig.) 438 
Probability-density function, 574, 
(fig.) 575 
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Propylene, density of, 141 
Protium, 516 

Proton, 487, 523, 528, 534, 637, 
544, 545, 549 
Protyle, 8 
Proust, 3, 33 

Prout, 8, 33, 518 
hypothesis of, 8, 524, 539 


Q, 461 

Quanta, magnitude of, (table) 553 
Quantum, 

mechanics and chemical bond, 596 
numbers, 557, 559 
theory, 554 

and radiation, 552, 556 
Quintessence, 1 


R, see Gas constant 
Rf see Rydberg constant 
Radiation and quantum theory, 552 
Radiations, 437-466 
properties of radioactive, 471 
Radioactive, 
constant, 484, 485 
decay curves, (fig.) 484, 485 
disintegration series, (table) 488 
elements, chemistry of, 490-493 
equilibrium, 485 
rays, 469 

series, 486, (table) 488, 489 
Radioactivity, 
artificial, 547, 548 
of various substances, (table) 470 
Radium, 470, 491 
C, 541 

emanation, 483 
-uranium ratio, (table) 486 
Radon, 483, 492 

Ramsay, 4, 65, 198, 444, 475, 48 S, 
492, 540 
Randall, 427 
Range, 298 

of a rays, 479, (table) 480 
Raoult, 95, 97, 99, 195, 196, 200 
law 98, 108, 196, 197 
Rare earths, 14, 24, 566 
Rayleigh, 483 
Reacting volumes, 
law of, see Gay-Lussac 
from equations, 134 
Reacting weights from equations, 134 
Reaction, 

at a distance, (fig.) 410 
completeness of displacement, 382 
heat of, 163, 178 
rates, methods of measuring, 163 


velocity, 161, 162 
and catalyst, 170 
and concentration, 163 
and temperature, 167 
kinetic interpretation of, (fig.) 166 
Reactivity series, 7, 372, 403 
Reciprocal proportions, law of, 35 
Rectifier, amminum, 359, (fig.) 360 
Red shift, 447 
Reducing agent, ^4^ 

Reduction, 131 ^ 344 
Refraction, by a prism. 438 
Relativity, theory of, 452, 525 
Resistance, electrical, of elements, 
(table) 18 
specific, 327 
Rice, 167 

Richards, (frontispiece), 14^, 143, 
198, 218 
Robinson, 432 
Rontgen, 468 
Roscoe, 39, (pi. op.) 434 
Ross, 495 

Royal Institution, 351 
Rumbaugh, 511 

Rutherford, 24, 69, 462, 465, 

482, 518, 520, 521, 523, 529, 
540, 541, 543, (pi. op.) 562 
apparatus for observing scattering 
of a rays, (fig.) 541 
Rydberg, 448, 459, 567 
constant, 448, 460, 520, 557 


Salazar, 141 

Salt bridge, 387 

Salt, philosophical, 1 

Salting out effect, 276 

Salts, solubility of slightly soluble, 336 

Saturn, 128 

Scandium, 22 

Scattering of a particles, 465 
Sceptical Chymist, 1 
SCHEELE, 3 
Schmidt, 469 
SCHRODINGER, 573, 574 
Semipermeable membrane, prepara¬ 
tion of, 101 
Shedlovsky, 332, 433 
Sherrill, 433 
Shields, 483 
Shimizu, 478 
SiDqmcK, 584 
Siegbahn, 463 
Silver chloride, 33 
Sirius, 521 

Soddy, 475, 482, 495, 540 
-Fajans rule, (fig.) 487, 496 
Sodium amalgam, 347 
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Sol, 128 

Solid solution theory of osmosis, 106 

Solids, 76 

Solubility, 

gases m liquids, 81, (fable) 84, nee 
also Henry’s law 

general terms for expressing, (table) 
88 

insoluble'’ salts, 382 
liquids in liquids, 85 
liquids in water, (table) S7 
product, 277 

calculation of, from solubility, 278 
derivation of, 276 
exponents, pX*, (tabic) 287 
kinetic interpretation of, 277 
limitations of principle, (tig.) 284 
solids in liquids, 87, 90 
and principle of Le Ch atelier, 89 
rules, 88 
Solute, 80 
Solution, 80 

constant boiling, 85 
heat of, 151, 152, (table) 153 
properties of, 02 
tension, S88 

Solvation, energy of, 210 
Solvent, 80 

SoMMERFELD, 558, 559 
Space lattice, 581 

Specific heat, 137, see also Heat 
capacity 

Spectra, 437-466 
absorption, 439 
arc, 441, 568 
band, 439, 506-508 
classification of, 438 
continuous, 438 
emission, 439 
flame, 441, 568 
hot-spark, 569 
line, 441 

mass, (pi. op.) 514 
spark, 441, 568 
visible and X-ray, 570 
Spect ral series, 447 
of hydrogen, (table) 449 
Spectrometer, 438 
Bragg X-ray, 457 
Spicctroscope, 437, (fig.) 438 
elements discovered by, 443 
Spectroscopic analysis, 443, (pi. op.) 
450 

Spinthariscope, (fig.) 481 

Stability, thermal, of compounds, 405 

Stark effect, 450, 559 

Starkweather, 119 

Stas, 8, 33, 43, 524 

Stern, 67, 573 

StoneY, 68 , 451 


Sublimation, h>at of, 161 
Subshells, closer»» 501 
SUGDEN, 584 
Sulfate, 585 
Sulfide; 594 

precipitation in acid solu^^jj 285 
Sulfur, philosophical, 1 ^ 

SWINNE, 525 

Symbols, alchemical, BERZEi^tTa’ 
chfitnical, Dalton’s, 128 ' 

meaning of, 129 
Synthesis, 158 


Temperat ure, 
absolute, 53 
consolute, 86 , 87 
c.ritical solution, 86 
Tetrasulfide, 594 
'retrathionate, 594 
Tliermal expansion, (table) 18 
"rhermrd neutrality, law of, 222 
Thermochcmical equations, 156, 157 
'rhermochcmistry, 147-159 
TnoMAssEN, 530 
Thomsen, 25, 202, 567 
Thomson, G. P., 529, 573 
Thomson, J. J., 43, 210, 451, 452, 498, 
500, 501, 505, 579 
-N ERNST rule, 211 
positive ray apparatus (parabola 
method), (fig.) 498 
Thorium, 469, (pi. op.) 482, 491 
Titanium, 22 
Titration, 

conductometric, 337 
curves, 292, 294 
errors, 307 
of carlK>nic acid, 305 
Transition, 
elements, 595 
groups, 

temperat lire, 90 
Transmutation, 
b\' neutrons, 545 
(n)niplctely artificial, 543 
of t he elements, 539^551 
Transport numliers, 192, 317-319, 332, 
333 

of salts at different concentrations, 
(table and fig.) 420 
Transuranic elements, 547 
Traube, 101 
Triple point, 514 
Tritium, 515 

Trouton’s rule constants, (table) 150 
U 

Uhlbnbbck, 559 
Ultraviolet, 441 
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Uranium, 21, 490 
Urey, 167, 614^ 


J 584 

and radicals, (table) 130 
leory of, 578-598 

mpolar, 46, 47 

Van der Waals, 73, 75, 105 
Van't Hoff, 99, 102, 103-107, (pi. 
op.) 114, m, 196-200, 206, 
257, 426 

coefficient, 200, 417, 421 
and conductance ratio, (fig.) 417, 
(table) 418 
i, 200, 2,58 
Van Laak, 424 
Vapor pressure, 97 

effect of pressure on, 107 
lowering, 98 

theory of osmotic pressure, 105 
Variorization, heat of, (table) /50 
Velocities, molecular and othe*r high, 
(tal)le) 67 
Velocity, 
constant, 197 


of chemical reactions, 16‘2 
Venus, 127 
Volt, 22 ', 

Volta, 191 

potential difference theory, 387 
Voltaic pile, 191 
Voltameter, see Coulometer 


W 

Waagk, 19/, 

Walden, 211 
Walton, 544 
Warburg, 65 
Washburn, 514 
Water, 1, 128 

decomposition of, by heat, 183 
effect of, on reactions, 216 
ionization of, 222, 335 
ion product for, 334, 381 
specific conductance of, (table) 335 
Watson, 500 


Wave, 

Hertzian, 441 
length, 439 
ranges, (fig.) 441 
and wave number, (fig.) 439 
material, 573 
mechanics, 573 
and electron orbits, 572 
numl)ers, (fig.) 439, 440 
radio, 441 

Weak electrolyte effect, 250 
Webster, 556 
Weight per cent, 91 
Welsbach, von, 495 
gas mantle, (pi. op.l 102 
Werner, 5(>7 

Wheatstoni: bridge, 193, (fig.) 325- 
327 

Whole numlxT rule, 622 
Wien, 152 
Willcmitc, 454 
Williamson, 191, 197 
Wilson, 178 
clouil chamlxT, 536, 542 
-SuiMizu cloud chamber, 478 
Winkler, 22 
WiNNINGHOFF, 285 
Wollaston, 43 

X 

X radiation^ 
chanictenstic, 556 
continuous, 556 

X ray, 441, 453, 455-457, 468, 47t), 480 
a 11*1 lysis, 11, 567 

characteristic and continuous, 459 
fluorescent spectrum, 459 
hard, 450 

K HiTies, Moseley, (fig.) 461, 5<)9 
soit, 459, 568 
spectra, 459 

tube, CoOLIDfJE, (fig.) 458 
Z 

Z, see Atomic numbiT 
Zi:kman effect, 450, 559 
Zeitsehrijl Jar physikahsche Chemie, 
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ZiMMLUMNNN, 21 
Zymns{‘, 270 




